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PREFACE 


omitted, but where certain theories, laws or equations arc usual)’ 
dated with the names of specific individuals, such names have h , 
eluded in the general mde’c 

In conclusion, attention may be drawn to the problems whic 
be found at the end of each chapter These have been chosen witti 
object of illustrating particular points; very few are of the kind \\l\ 
involve mere substitution in a formula, and repetition of problems of t 
same type has been avoided as far as possible Many of the probki 
are based on data taken directly from the literature, and their soluti ^ 
should provide both valuable werctsc and instruction. The refer? ac« 'Cc 
the publication from which the material was taken has been given in the 
hope that when working the problem the student may become sufficiently 
interested to read the original paper and thus learn for himself somethmg 
of the methods and procedures of electrochemical research. 

Samuel Glasstone 

NobMaK, Oklahoma 

M&rch ldt2 
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CilVPTEU r 
INTRODUCTION 

Properties of Electnc Current hen plntos of t^o di<^sim!inr metals 
ire pliired in ft eondiictmp liquid, such ns nn iiqiicous solution of a salt 
or 111 ind tiio remltiiip s\ lim ht cones a Muirce of elcctncifjj this 
source IS RtneralK rrferrid to ns n voltaic cell or galvanic cell, in honor 
of VoiUi and Oih ini rosprrtntK, who made the Hasaicfti discoi cries in 
thi fidd If the phtes of thi cell arc connected l)\ a wire nnd n mng- 
nclir nee d!( placed m ir it, the in (die v ill be deflected from its normal 
position, It will he iiolcci nl the stme tune llint the wire becomes warm. 
If the will IS rut \nd the two ends inserted in a conditctiiiB solution, 
chemird action will heolisnaed where (he who* come into contact with 
the liquid, this action nni be m the form of g^s oliition, or tlic libera- 
tion of a metal wliose call is present in the solution mn\ be obsened 
The c phenonKiu m 7 mignetir heating ind chemical cITccts, arc fiaid 
to lie cu! id In the pissigi, or flow, of n tnrrcnt of dcctmity throiiRh 
the wire 0 ))sen ition of the direction of Die defli ctioii of the mngnctic 
ncidlc and tlic nature of the rheinicnl action shows that it is possible 
to a‘!«ociftt(, direction witli the flow of elcctnc luricnt The nature of 
this direction cannot be dcfinid m ftbsolulc terms, and "o it is desirable 
to adopt a coineution and tin. one gcnciall> em^llo^cd is the following 
if a man win swimming with Ihcdeetnc cm rent and w itching a compass 
needle tin north s eking pole of the needle would Uiin tow aids Ins left 
hide ^Mitn chclncitj is pn<«scd through a solution, o\>gen is generally 
liberated at the waic at which tlw po ili\e current enters whereas hydro- 
gen or a metal is ‘•ct free it the wire whereby the ciilTent leaves the 
‘■olution 

It IS mifortmmte that tins particuKi comcntion was chosen, because 
when the olottroii was discovered it was observed that a flow of electrons 
prodiKcd a mflgiiclic efiect opposite m direction to tiiat accompanying 
till flow of positnc cuucnt in tlie same direction It was nccassary, 
thcrefoic, to associate a negative charge with the election, in order to be 
in luimoin with tiic accepted convention conccuung the direction of a 
current of clcctnntv Sina current is earned through metals by means 
of electrons only , it means tlmt the flow of electrons is opposite in dircc 
lion to that of the conventional cuircnt flow It should be emphasired 
that there is not lung fundamental about this diflercncc, foi if the direc- 
tion of cunent flow Inul been defined m the opposite maiinei the electron 
would iiave been defined as carrying a positive charge and the flow of 
electrons and of cnirent would have been in tlic same direction AI- 
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though a considerable simplification would result from the change m 
convention, it is too late m the development of the subject for any such 
change to be made 

E M F , Cunent and Resistance Ohm’s Law —If two \ oltaic cells 
are connected together so that one ruetal, e g , zinc, of one cell is eon 
nected to the other metal, e g , copper, of the second cell, m a manner 
analogous to that employed by Volta in his electric pile, the magnetic 
and chemical effects of the current are seen to be increased, provided 
the same external circuit is employed The two cells have a greater 
electncal driving force or pressure than a single one, and this force or 
pressure * which is regarded as dn\ing the electric current through the 
wire IS called the electromotive force, or E M F Between any two pomts 
in the circuit carrying the current there is said to be a potentii difference, 
the total EiiF being the algebraic sum of all the potential differences 

By increasing the length of the wire connecting the plates of a given 
voltaic cell the effect on the magnetic needle and the chemical action 
are seen to be decreased the greater length of the wire thus opposes the 
flow of current This property of hindering the flow of electricity is 
called electncal resistance, the longer wire having a greater elcctnoal 
resistance than the shorter one 

It IS evident that the current strength in a given circuit, as measured 
by its magnetic or chemical effect, is dependent on the e M r of the cell 
producing the current and the resistance of the circuit The relationship 
between these quantities is given by Ohm’s law (1827), which states that 
the current strength (/) is directly proportional to the applied E m f (E) 
and inversely proportional to the resistance (/?), thus 



is the mathematical expression of Ohm’s law The accuracy of this law 
has been confirmed by many expenments with conductors of various 
types it fails apparently, for certain solutions when alternating currents 
of very high frequency are employed, or with very high voltages The 
reasons for this failure of Ohm’s law are of importance in connection with 
the theory of solutions (see Chap III) It is seen from equation (1) that 
the E M F IS equal to the product of the current and the resistance 
a consequence of this result is that the potential difference between any 
two pomts m a circuit is given by the product of the resistance between 
those pomts and the current strength, the latter being the same through- 
out the circuit This rule finds a number of applications in electro- 
chemical measurements, as will be evident m due course 

• Electncal force or pressure does not have the dimen«ions of mechamcal force or 
V, the terms are used however by analogy with the force or pressure required to 
the flow of a fluid through a ppe 
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Elcctncai Djraeasions and Units— The eIectro<?fcfjc force (f) be- 
twoeii two charges e and t' placed at i distance r apart is given by 



whore > jfepends on the mture of (he medium Since force has tlio 
(limeiiMoii^ where wi repu cuts a mass 1 length and I tunc, it can 
1)1 icidilv '•PC II tint (he diin(«''Kms of cleclnc cliargc are the 

dimeijsmns of i not bi mg known The strenglh of in l lectnc eiinent h 
ckfintd !)\ tin i itc at which an clectnc dnigt move> along a conductor, 
uid <-0 (lie riiniriMofi'' of cumnt arc viHH'k^ The electromagnetic 
Jorce helwfen two poh^ of sirengdi p and p' scpirated In a dnlancc r 
i*- pp%r, wh< le ji Is n (onM mt for (Ik medium, and so the dimensions 
of poll ‘•lieiigth mint be nilftry It em be dcdiircd ihcorctical!} tliat 
(Ik work done in r lining i inipmtic polo round i dosed circuit is pio 
porliornil to (Ik product of (hr pol( ftungtii and (he current, and since 
the duiKiision« of woik ire «iff *, tlio«e of ciirnnt must be 
'^mcc the dimcnMoiis of cumnt '•liould be Die ame, irrespective of the 
Jiiftliod incd in deriving them, it follows Dut 

wdf!/ '’a.I = V"^ 

.Vt = / >/ 


The dimenMons I H are those of a rtiiprocal velocitv, and it has been 
shoiwi, boDi evp/rimwd Ih and fheorelicalh, lhat (bo vclonty js that 
of hglit, 1 1 2 h077 X 10'" cm per ‘•cr , or with suflicient accuracy for 
most purpose , i X lO'Vm p(i sei 

Inpnciicf / nid ;i arc ah«umt(l to be iimtv iinacmim Ihev are then 
tlimtiMonks, and ir< ( died Die dielectnc constant and magnetic per- 
meabihtj, irspielneh, of Dir medium Since k and ft cnimot boDi be 
umti foi the sime medium, it is evident l!mt the units based on the 
^^^UInptKln til it k IS unitv miK bt different from those obtained by 
t ikmg ;i as miitv 1 fu foimei are known as efcctrostatic (t ) and the 
httf r A', electromagnetic (f ra ) units, and according to the facts recorded 
nhoio 


I c m unit of rurrent 
1 c s unit of current 


ss3XJ0'"cm per see 


It follows Dicrcfoic, (hat if leiigDi, miss and time are expressed m ccnti- 
mders, gnms and seronds respeilivcl}, ic, in the rgs system, the 
em unitof cuirentisT X lO'Mimesaspeal asDiees unit Thoem 
i/mt of imioni on this ajsttm «, defintd as Dmt emrenfc which flowing 
through LWircinthefoiraofftnaiconrcm long and of one cm radius 
exerts a force of one dyne on a um( raagiKtic pofc iii (he center of the arc 
The product of current stringDi md time is known as the quantity of 
electricity , it has the sami dimeiisioiiH as electne chan?c Tlic c m unit 
of charge oi quantity of ciectriotj is Dius 3 X 10“ larger than the corre- 
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though a considerable simpLfication would result from the change in 
convention, it is too late in the development of the subject for any such 
change to be made 

E M F , Current and Resistance Ohm’s Law —If two voltaic cells 
are connected together so that one metal, e g , zinc of one cell is con- 
nected to the other metal, e g , copper, of the second cell in a manner 
analogous to that employed by Volta m his electric pile, the magnetic 
and chemical effects of the current are seen to be increased, provided 
the same external circuit is employed The two cells have a greater 
electrical driving force or pressure than a single one, and this force or 
pressure * which is regarded as driving the electric current through the 
wire IS called the electromotive force, or E M F Between any two points 
m the circuit carrying the current there is said to be a potential difference, 
the total E w p being the algebraic sum of all the potential differences 

By increasing the length of the wire connecting the plates of a given 
voltaic cell the effect on (he magnetic n^le and the chemical action 
are seen to be decreased the greater length of the wire thus opposes the 
flow of current This property of hindering the flow of electricity is 
called electncal resistance, the longer wire having a greater electrical 
resistance than the shorter one 

It IS evident that the current strength m a given circuit, as measured 
by its magnetic or chemical effect is dependent on the E M F of the cell 
producing the current and the resistance of the circuit The relationship 
between these quantities is given by Ohm’s law (1827), which states that 
the current strength (/) is directly proportional to the applied e m v (i?) 
and inversely proportional to the resistance {R), thus 



IS the mathematical expression of Ohm's law The accuracy of this law 
has been confirmed by many expenments vvith conductors of vanous 
types it fails, apparently, for certain solutions when alternating currents 
of very high frequency are employed or with veiy high v oltages The 
reasons for this failure of Ohm’s law are of importance m connection with 
the theory of solutions (see Chap III) It Js seen from equation (1) that 
the E M F IS equal to the product of the current and the resistance 
a consequence of this result is that the potential difference between any 
two points m a circuit is given by the product of the resistance between 
those points and the current strength, the latter being the same through 
out the circuit This rule finds a number of applications m electro 
chemical measurements, as will be evident in due course 

’ Electrical force or pressure does not have ttie dimensions of mechaiucal force or 
pressure, the terms are used however IqranalogyivjtbtheforceorpressuTerequjredto 
prwhice the flow of a fluid through & pape 
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Electncal Dimensions and Umts— Tbe electrostatic force (F) be- 
ti\een tno charges e and e' placed at a distance r apart is given by 



T\lierc K depends on tbe nature of tbe medium Suiee force has the 
dimensions mU~^, ivhere m represents a mass I length and t time, it can 
be readil} seen that tbe dimensions of dectnc charge are the 

dimensions of k not being knonn The strength of an electric current is 
defined by the rate at nhich an dcctnc chai|[e moves along a conductor, 
and so the dimensions of current are The electromagnetic 

force between tvo poles of stroigth p and ?/ separated by a distance r 
IS pp’jfiT^, where a is a constant for the medium, and so the dimensions 
of pole strength must be It can be deduced theoretically that 

the vork done m carT}nng a magnetic pole round a closed circmt is pro- 
portional to the product of the pole strength and the current, and since 
the dimensions of work axe those of current must be 
Since the dimensions of current sliould be the sme, irrespective of the 
method used m deriving them, it foUows that 

kJ*i1 * l-H 


The dimensions I'H are those of a reciprocal velocity, and it has been 
shown, both expcnmentally and theoretically, that the velocity is that 
of light, 1 e , 2 9977 X 10‘® cm per sec , or, with sufficient accuracy for 
most purposes, 3 X lO'® cm per sec 

In practice k and n are assumed to be unity m vacuum they are then 
dimensionless and are called the dielectric constant and magnetic per- 
meability, respectively, of the medium Since k and cannot both be 
umty foi the same medium, it is evident that the units based on the 
assumption that k is unity must be different fiom those obtamed by 
taking n as unit) The former aic known as electrostatic (e s ) and the 
latter as electromagnetic (e m ) umts, and accordmg to the facts recorded 
above 


1 e m unit of carreat 
1 e s umt of current 


= 3 X 10“ cm per sec 


It follows, therefoie, that if length, mass and time are expressed in centi- 
meters, grams and seconds respectively, i e , m the c g s system, the 
e m unit of current is 3 X 10“ times as great as the e s umt The e m 
uiiifc of current on this system is defined as that current which flowing 
through a wire in the form of an aic one cm long and of one cm radius 
exerte a force of one dyne on a umt im^efac pole at the center of the arc 
The product of current strength and tune is known as the quantity of 
electncity , it has the same dimenaons as electnc charge The e m unit 
of charge or quantity of electnmty is iius 3 X 10“ larger than the corre- 
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spending e s unit The product of quantity of electricity and potential 
or E M P 13 equal to work, and if the same unit of work, or energy, is 
adopted m each case, the e m umt of potential must be smaller than the 
e s unit in the ratio of 1 to 3 X 10‘* When one e m umt of potential 
difference exists between two points, one erg of work must be expended 
to transfer one e m unit of charge, or quantity of electricity, from one 
point to the other, the e s unit of potential is defined in an exactly 
analogous manner in terms of one e s unit of charge 

The e m and e s units desenbed above are not all of a convenient 
magmtude for expenmental purposes, and so a set of practical units have 
been defined The practical umt of current, the ampere, often abbrevi- 
ated to “ amp ,” IS one-tenth the e m (c g s ) umt, and the corresponding 
umt of charge or quantity of electricity is the coulomb ; the latter is the 
quantity of eleetncity passing when one ampere flows for one second 
The practical umt of potential or £ m f is the volt, defined as 10* e m 
umts Corresponding to these practical units of current and e m r there 
13 a umt of electneal resistance, this is called the ohm, and it is the re- 
sistance of a conductor through which a current of one ampere passes 
when the potential difference between the ends is one volt With these 
units of current, e u f and resistance it is possible to write Ohm’s lau 
m the form 

volts 

= _ ( 2 ) 

By utilizing the results given above for the relationships between 
e m , e 8 and practical umts, it is possible to draw up a table relating 
the various units to each other Smee the practical units are most fre- 
quently employed in electrochemistry, the most useful method of ex- 
pressing the connection between the various units is to gne the number 
of em or es umts correspondmg to one practical umt the values are 
recorded m Table I 


tabu: I COWEKSlON Of electrical units 



Practical 

Equivalent in 


Unit 

emu 

esu 

Current 

Ampere 

10 > 

3X 10> 

Quantity or Charge 

Coidomb 

10 1 

3X10» 

Potenti^ or h M F 

Volt 

10* 

(300) ‘ 

International Units 

—The electneal umts desenbed 

m the previous 


section are defined in terms of quantities which cannot be easily estab- 
lished m the laboratory, and consequently an International Committee 
(1908) laid down alternative definitions of the practical umts of elec- 
tricity The international ampere is defined as the quantity of eleetncity 
which Bowing for one second will cause the deposition of 1 11800 milli- 
grams of Silver from a solution of a silver salt, while the mtemational ohm 
IS the resistance at 0° c of a column of mercury 106 3 cm long, of uniform 
crpss-section, weighing 14 4521 g The international volt is then the 
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difference of electrical potential, or e m f , required to maintain a current 
of one international ampere through a sj^m having a resistance of one 
international ohm Since the international units were defined it has 
been found that they do not correspond exactiy with those defined above 
in terms of the c g s system, the latter are thus referred to as absolute 
units to distinguish them from the international units The international 
ampere is 0 99986 times the absolute ampere, and the international ohm 
IS 1 00048 times the absolute ohm, so that the international volt is 1 00034 
times the absolute practical umt * 

Electrical Energy —As already seen, the passage of electricity through 
a conductor is accompanied by the hberation of heat, according to the 
first law of thermodynamics, or the pnnciple of conservation of energy 
the heat liberated must be exactly equivalent to the electrical energy 
expended in the conductor Since the heat can be measured, the value 
of the electrical energy can be determined and it is found, m agreement 
with anticipation, that the heat hberated by the current in a given con- 
ductor IS proportional to the quantity of electricity passing and to the 
difference of potential at the extremities of the conductor The practical 
umt of electncai energy is, therefore, defined as the energy developed 
when one coulomb is passed tlirough a circuit by an n m p of one volt, 
this unit IS called the volt-coulomb, and xt is evident from Table I that 
the absolute volt-coulomb is equal to 10’ er^, or one joule It follows, 
therefore, that if a current of I amperes is passed for i seconds through a 
conductor under the influence of a potential of E volts, the cneigy liber- 
ated (Q) will be gi^en by 

Q = X 10’ ergs, (3) 

or, utilizing Ohm's law if K is the resistance of the conductor, 

Q = mX10’erge (i) 

These results are stnctly true only if the arapeie volt and ohm are 
m absolute units, there is a slight difference if international umts are 
employed, the absolute volt-coulomb or joule being different from the 
international value The Umted States Buriau of Standards has recom- 
mended that the umt of lieat, the calone, should be defined as the equiva- 
lent of 4 1833 international joules, and hence 

Elt ,-» 

^ = 4j^caIones, (5) 

where E and I are now expressed in mternational volts and amperes, 
respectively Alternatively, it may be stated that one international 
volt-coulomb is equivalent to 0 2390 standard calone 

*Thege figures are obtained from the set of consistent fundamental constants 
recommended by Birge (1041), digktly diBerent values are giveu m the International 
Critical Tables 
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one of the poorest conductors It is not easy to distinguish sharply 
between good and bad conductors, but a rough division is possible, the 
systems studied in electrochemi^ry are generally good conductors 
These may be divided into three mam categories, they are (o) gaseous, 
(6) metallic and electrolytic 

Gases conduct electricity with difficulty and only under the influence 
of high potentials or if exposed to the action of certain radiations Metals 
are the best conductors, m general, and the passage of current is not 
accompanied by any movement of matter, it appears, therefore, that the 
electncity is earned exclusively by the electrons, the atomic nuclei re 
maimng stationaiy This is m accordance with modern view? which 
regard a metal as consisting of a relatively rigid lattice of ions together 
with a system of mobile electrons Metkhc conduction, or electromc 
conduction, as it is often called, is not restneted to pure metals, for it is 
a property possessed by most alloj^, carbon and certain solid salts 
and oxides 

Electrolytic conductors, or electrolytes, are (list nguished by the fact 
that passage of an electric current through them results m an actual 
transfer of matter, this transfer is manifested by changes of concentration 
and frequently, m the case of electrolytic solutions, by the visible sepa* 
ration of material at the points where the current enters and leaves the 
solution Electrolytic conductors are of two main types, there are 
first, substances which conduct electrolytically m the pure state, such 
as fused salts and hydrides, the solid hahdes of sih or, banum, lead and 
some other metals, and the a-form of silver sulfide Water, alcohols 
pure acids, and similar liquids are very poor conductors, but they must 
be placed m this category The second class of electrolytic conductors 
consists of solutions of one or more substances, this is the type of con 
ductor with which the study of electrochemistry is mainly concerned 
The most common electrolytic solutions are made by dissolving a salt 
acid or base m water, other solvents may be used, but the conducting 
power of the system depends markedly on their nature Conducting sys 
terns of a somewhat unusual type are lithium carbide and alkaline 
earth nitrides dissolved in the corresponding hydnde, and organic acid 
amides and mtro-compounds m liquid ammonia or hydrazine 

The distinction between electromc and electrolytic conductors is not 
sharp, for many substances behave as mixed conductors, that is, they 
conduct partly electromcally and partly electrolytically Solutions of 
the alkali and alkaline earth metals in liquid ammonia are apparently 
mixed conductors, and so also is the ^ form of silver sulfide Fused 
cuprous sulfide conducts electromcally, but a mixture with sodium or 
ferrous sulfide also exhibits electrolytic conduction, a mixture with nickel 
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sulfide IS, however, a pure electronic conductor Although pure metals 
conduct electromcaliv, conduction m certain hquid alloys mvohcs the 
transfer of matter and appears to be partly electroljiac m nature Some 
matenals conduct electronically at one temperature and electrolyiically 
at another, thus eupious bromide changes its method of conduction 
between 200® and 300® 

The Phenomena and Mechanism of Electrolysis —The matenals, 
generaOy small sheets of metal, which are employed to pass an electnc 
current through an electrolytic solution, are called electrodes , the one 
at which the positive current enters is referred to as the positive electrode 
or anode, whereas the electrode at which current leaves is called the 
negatu e electrode, oi cathode. The passage of current through solu- 
tions of salts of such metals as zinc, iron, mckel, cadmium, lead, copper, 
silver and mercury results m the liberation of these metals at the cathode, 
from solutions of salts of the very' base metals, c g , the alkali and alka- 
hne earth metals, and from solutions of acids the substance set free is 
hydrogen gas If the anode consists of an attackable metal, such as one 
of tliose just enumerated, the flow of the current is accompanied by the 
passage of the metal into solution When the anode is made of an mert 
metal, e g , platinum, an element is generally set free at this electrode, 
fiom solutions of nitrates, sulfates, piiosphates, etc , oxygen gas is UbeN 
ated, whereas from hahde solutions, other than fiuondes, the free halogen 
is pioduced The decomposition of solutions by the electnc current, 
resulting in the hberation of gases or metals, as desenbed above, is known 
as electrolysis. 

i^/The first definite proposals concerning the mechanism oi electrolytic 
'induction and electrolysis were made by Grotthuss (1806), he suggested 
that the dissolved substance consisted of particles with positive and 
negative ends, these particles being 
distributed in a random manner 
throi^hout the solution When a 
potential was applied it was believed 
that the particles (molecules) became 
onented m the form of chains with 
the positive parts pointing m one di- 
rection and the negative parts m the 
opposite direction (Fig 1, I) It 
was supposed that the positive elec- 
trode attracts the negative part of 
one end particle in the chain, resultmg 
m the hberation of the corresponduig material, e g , oxygen m the elec 
trolysis of water Similarly, the n^ative electrode attracts the positive 
portion oi the particle, e g , the hydros of water, at the other end oi 
the chain, and sets it free (Fig 1, II) The residual parts of the end 
units were then imagined to exchange partners wnth adjacent molecules, 
this mterchange bemg earned on unfal a complete senes of new particles 


li:J IH fcl iH l±=5 
S £3 [I3 E3 
Ea E±1 EH C3 B 
£3 13 B B B 

Fio 1 Mechamsn of 
Grottbuss coaduction 
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is formed (Fig. 1, III). These are now rotated by the current to give 
the correct orientation (Fig 1, JV), followed by their splitting up, and 
so on. The chief objection to the theory of Grotthuss is that it would 
require a relatively high e u.f., aufficient to break up the molecules, 
before any appreciable current was able to flow, whereas many solutions 
can be electrolyzed by the application of quite small potentials. Al- 
though the proposed mechanism has been discarded, as far as most 
electrolytic conduction is concerned, it will be seen later (p. GO) that a 
type of Grotthuss conduction occurs in solutions of acids and bases 
In order to account for the phenomena observed during the passage 
of an electnc current through solutions, Faraday (1833) assumed that 
the flow of electneity was associated with the movement of particles of 
matter carrying either positive or negative charges These charged 
particles were called Ions ; the ions carrying positive charges and moving 
in the direction of the current, i e., 
towards the cathode, were referred 
to as cations, and those carrying a 
Illative charge and moving in the 
oppoatc direction, ie., towards 
the anode, were called anions • (seo 
Fig. 2). The function of the ap- 
plied E M F. is to direct the ions 
towards the appropriate electrodes 
where their charges are ncutraliicd 
and they arc set free as atoms or 
molecules It may be noted that 
ance hydrogen and metals are dis- 
cba^cd at the cathode, the metal- 
lic part of a salt or base and the hydrogen of an acid form cations and 
carry positive charges. The acidic portion of a salt and the hydrox}! 
ion rf a Viase cunseqneiAVy cany in^Virve and cunstiVa^u 
anions 

Although Faraday postulated the existence of charged material par- 
ticles, or ions, in solution, he offered no explanation of their origin! it was 
suggested, however, by Clausius (1857) that the positi\o and negative 
parts of the solute molecules were not firmly connected, but were each 
in a state of vibration that often became vigorous enough to cause the 
portions to separate These separated charged parts, or ions, were be- 
lieved to have relatively short periods of free existence; while free they 
W’erc supposed to cany the current. According to Clausius, a small 
fraction only of the total number of diwolved molecules was split into 
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ions at any instant, but sufficient ions were always available for can^nng 
the current and hence for discharge at the electrodes Since no electrical 
energy is required to break up the molecules, this theory is in agreement 
with the fact that small b m f ’ s are generally adequate to cause elec- 
troljsis to occur the applied potential serves merely to guide tie ions to 
the electrodes nhere them cbaigcs are neutralized 

The Electrolytic Dissociation Theory. >— From lus studies of the con- 
ductances of aqueous solutrons of acids and their chemical actnity, 
Arrhenius (1883) concluded that an clectrolj tic solution contained two 
kinds of solute molecules, these were supposed to be " active” molecules, 
responsible for electrical conduction and chemical action, and inactive 
molecules, respectively It n as believ ed that when an acid, base or salt 
u as dissolved m water a con^dcraWc portion, eonsistang of the so called 
activ e molecules, was ^ontaneously split up, or dissociated, into positive 
and n^fivu ions, it was siiggusteJ tiai time ms are free to moi e 
independently and are directed ton ards the appropniito electrodes under 
the inHuesce of an dectnc field The propoi^ion of active, or dissoci- 
ated, molecules to the total Qumber of molc<^es, later called the “degree 
of dissociatwfl,” was considered to \ ary with the concentration of the 
electroljie, and to be equal to unity m dilute solutions 

This theory of etectrofyfic dissociation, or the ionic theory, attracted 
httie attention until 1887 when van’t Hoff’s classical paper on the theory 
of solutions u as published The latter author had shown that the ideal 
gas law equation, ivith osmotic pressure in place of gas pressure, was 
applicable to dilute solutions of non electiolytcs, but that electrolytic 
solutions showed considerable devuations Por example, the osmotic 
effect, as measured by depression of the freezing point or m other wajs, 
of iydrochbnc acid, alkah chlondcs and hydroxides was nearly twice as 
great as the value to be expected from the gas law equation, in some 
cases, e g , banum hydroxide, and potassium sulfate and otalate, the 
discrepancy was even greater No explanation of these facts was offered 
by van't Hoff but he introduced an cmpincal factor t into the gas Jaw 
equation for electrolytic solutions, thus 

H ^ tSTc, 

where H is the obsen’ed osmotic pressure of the solution of concentra- 
tion c, the temperature is T, and B is the gas constant According to 
this equation, the vaa’t Hoff factor t is equal to the ratio of the expen 
mental osmotic effect to the theoretical oaBotic effect, based on tJie ideal 
gas laws, for the given solution Smee the osmotic effect is, at least 
approximately, proportional to the number of individual molecular par- 
ticles, a value of two for the van't Hoff factor means that the solution 
contains about twice the number of particles to be expected This result 
JAnhomus J Ohm Sec 105 1414 (3914), Walker, itiiJ 1380 (1928) 
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IS clearly in agreement with the views of Arrhenius, if the ions are re- 
garded as having the same osmotic effect as uncharged particles 
The concept of “active molecules,” which was part of the original 
theory, was later discarded by Arrhenius as being unnecessary, he sug- 
gested that whenever a substance capable of yielding a conducting 
solution was dissolved m water, it dissociated spontaneously mto ions, 
the extent of the dissociation being very considerable with salts and with 
strong acids and bases, especially in dilute solution Thus, a molecule 
of potassium chloride should, according to the theory of electrolytic 
dissociation, be split up into potassium and chloride ions m the following 
manner 

KCl = K+ -f- Cl- 

If dissociation is complete, then each “ molecular particle ” of solid potas- 
sium chloride should give two particles m solution, the osmotic effect 
will thus approach twice the expected value, as has actually been found 
A bi-umvalent salt, such as banum chlondc, will dissociate spontaneously 
according to the equation 

BaCI, = Ba++ + 2CI- 

and hence the van’t Hoff factor should be approximately 3, in agreement 
with experiment 

Suppose a solution is made up by dissolving m molecules in a given 
volume and a is the fraction of the<te molecules dissociated mto ions, if 
each molecule produces v ions on dissociation, there will be present in 
the solution m(l - o) undissociated molecules and vma ions, making a 
total of m ~ ma 4- vmet particles If the van't Hoff factor is equal to 
the ratio of the number of molecular particles actually present to the 
number that would have been m the solution if there had been no dis- 
sociation, then 

m — mo -j- vma 

% = — — — = 1 — a -r 

m 


Since the \an’t Hoff factor is obtainable from freezing point, or analo- 
gous, measurements, the value of o, the so-called degree of dissociation, 
m the given solution can be calculated from equation (6) An alterna- 


was accepted as strong evidence for the theory of electrolytic dissocia- 
tion, which has played such an important rdlo m the development of 
electrochemistry 

It is now known that the ^reement referred to above, winch con- 
vmced many scientists of the value of the Arrhenius theory, was to a 
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great extent fortuitous the conductance method for calculating the 
degree of dissociation is not applicable to salt solutions and such solu 
tions ^ouid, m any case, not be eigierted to obey the idea! gas Ian 
equation Nevertheless the theoiy of electrolytic dissociation, mth 
certain modifications, is non' umxere^y accepted, it is faelieied that 
Mhen a solute, capable of fonning a conducting solution, is dissolved m 
a suitable solvent, it dissociates spontaneously into ions If the solute 
IS a salt or a strong acid oi base the eiitent of dissociation is veiy con- 
siderable, it being almost complete in many cases provided the solution 
IS not too concentrated, substances of this bud, which are high!} dis- 
sociated and i\hich give good conducting solutions m \iatcr, are called 
strong electrolytes Weak acids and wak bases, e g , amines, phenols, 
most carbovj he acids and some mo^mc acids and bases such as hydro- 
cj amc acid and ammonia and a few salts, e g , mercuric chloride and 
cyamde, are dissociated only to a small extent at reasonable concentra- 
tions these compounds constitute the weak electrolytes * Salts of weak 
acids or bases, or of both, arc generally strong electrolytes, in spite of 
the fact that one or both constituents are weak These results are in 
harmony ivith modern developments of the lomc theory, as will be e^^dent 
in later chapters As is to be expected, it is impossible to classify all 
electrolytes as 'strong” or“neak,’ al^ough this forms a comenient 
rough division which is satisfactory for most purposes. Certain sub- 
stances, e g , tnchloroacetic acid, exhibit an intermediate behavior, but 
the number of intermediate efectrolytes is not large, at least m aqueous 
solution It may be noted, too, that the nature of the solvent is often 
important, a particular compound may be a strong electrolyte, being 
dissociated to a large extent, in one solvent, but may be only feebly 
dissociated, and hence is a weak clcctrolj te, in another medium (of 
P 13) 

Evidence for the Ionic Theory —There is hardly any branch of elcc- 
troehcmistry, especially in its quantitative aspects, which does not pro- 
vide ai guments in favor of the theoiy of electrolytic dissociation without 
the ionic concept the remarkable systematization of the expenmental 
results which has been achieved dining the past fifty year? would cer- 
tamlj not ha^ e been possible It is of mtcrest, however, to review 
bnedy some of the fines of evidence which support the ionic theory 

Although exception may be taken to the quantitatii e treatment given 
by Arrhenius, the fact of the abnormid osmotic properties of electrolytic 
solutions still remains, the amplest Wiplanation of the high values can 
be given by postulating dissociation into ions This m conjunction with 
the ability of solutions to conduct the efectne cunent, is one of the 
strongest arguments for the lorac theory Another powerful argument is 

* Stnctly speabng the term electndyte ’ should refer to the conducting system 
as a whole hut it is also frequently to the solute, the word "lonogeB ’ i e , 
producer of ions has been suggested for the latter [see for example Blum froTis 
Ekdro^m Soc , 47, 125 (1925)] but Obs Las not come into general use 
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based on the realization in recent years, as a result of X ray diffraction 
studies, that the structural unit of sobd salts is the ion rather than the 
molecule That is to say, salts are actually ionized m the solid state, and 
it IS only the restnction to movement in the crystal lattice that prevents 
solid salts from being good electncal conductors When fused or dis 
solved m a suitable solvent, the ions, which are already present, can move 
relatively easily under the influence of an applied e m f , and conductance 
IS observed The concept that salts cons^t of ions held together by 
forces of electrostatic attraction is also in harmony with modern views 
Concerning the nature of valence 

Many properties of electrolytic solutions are additive functions of the 
properties of the respective ions, this is at once evident from the fact 
that the chemical properties of a salt solution are those of its constituent 
ions For example, potassium chloride m solution has no chemical reac 
tions which are characteristic of the compound itself, but only those of 
potassium and chloride ions These properties are possessed equally by 
almost all potassium salts and all cblond^, respectively Similarly, the 
characteristic chemical properties of acids and alkalis, m aqueous solu- 
tion, are those of hydrogen and hydroxyl ions, respectively Certain 
physical properties of electrolytes are also additive m nature, the most 
outstanding example is the electncal conductance at mflnite dilution 
It will be seen in Chap II that conductance values can be ascribed 
to all ions, and the appropnate conductance of any electrolyte is equal 
to the sum of the values for the individual ions The densities of elec- 
trolytic solutions have also been found to be additive functions of the 
properties of the constituent ions The catalytic effects of vanous acids 
and bases, and of mixtures with their salts, can be accounted for by 
associating a defimte catalytic coefficient with each type of ion, since 
undissociated molecules often have appreciable catalytic properties due 
allowance must be made for their contribution 

Certain thermal properties of electrolytes are in harmony with the 
theory of ionic dissociation, for example, the heat of neutralization of a 
strong acid by an equl^ alent amount of a strong base in dilute solution 
is about 13 7 kcal at 20® irrespective of the exact nature of the acid or 
base ^ If the acid is hydrochlonc acid and the base is sodium hydroxide, 
then according to the ionic theory the neutralization reaction should be 
wntten 

(H+ + C1-) + (Na+ + OH-) = (Na+ + Cl-) + HjO, 

the acid, base and the resulting salt being highly dissociated, whereas 
the water is almost completely undissociated Since Na'*' and Cl" ap- 
pear on both sides of this equation, the essential reaction is 

H+ + OH- = HiO, 


C 

I 


X 
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and this is obviously mdepMident of the particular acid or base em- 
ployed the heat of neutralization would thus be expected to be constant 
It IS of interest to mention that the heat of the reaction between hydro- 
gen and hydroxyl ions in aqueous sdufaon has been calculated by an 
entirely independent method (see p 344) and found to be almost identical 
^vlth the A alue obtained from neutralization experiments The heat of 
neutrahzation of a weak acid oi a weak base is generally different from 
13 7 kcal , since the acid or base must dissociate completrfy in order that 
it may be neutralized and the piocess of lomzation is generally acccm- 
pamed by the absorption of heat 

Influence of the Solvent on Dissociation *— The nature of the solvent 
often plays an important part in determining the degree of dissociation 
of a given substance, and hence m deciding whether the solution shall 
behave as a strong or as a weak ciectrolyte Ticpcnmeuts have been 
made on solutions of tetraisoamylammomum nitrate m a series of mix 
turcs of water and dioxane ^see p 54) In the nater nch solvents the 
system behaves like a strong eiedtolyte but m the solvents oontaimng 
relatively large proportions of dioxane the properties are essentially those 
of a weak electrolyse In this case, and m analogous cases where the 
solute consists of units which are held together by bonds that are almost 
exclusively electiwalent in character, it is probable that the dielectnc 
constant is the particular property of the solvent that influences the 
dissociation (cf Chaps 11 and III) The higher the dielectnc constant 
of the medium, the smaller is the electrostatic attraction between the 
ions and hence the greatci is the probability of their existence m the free 
state Since the dielectnc constant of water at 25*^ is 78 6, compared 
with a value of about 2 2 for dioxane, the results desenbed above can be 
readily understood 

It should be noted, however, that there are many instances m which 
the dielectric constant of the solvent plays a secondary part for example, 
hydrogen chlonde dissolves m ethyl alcohol to iorm a totatm whiiih 
behaves as a strong electrolyte but m nitrobenzene having a dielectnc 
constant differing little from that of alcohol the solution is a weak elec 
trolyte As will be seen m Chap IX the explanation of this difference 
lies m the ability of a molecule of ethyl alcohol to combine readily with 
a bare hydrogen ion i e , a proton, to form the ion C 2 H 60 Ht> and this 
represents the form m ishich the hydn^n ion exists in the alcohol 
solution Nitrobenzene, however, does not form such a combmation to 
any great extent, hence the degree of dissociation of the acid is small 
and the solution of hydrogen chlonde behaves as a weak electrolyte 
The ability of oxygen compounds such as ethers, ketones and even 
sugars, to accept a proton from a stroi^ly acidic substance, thus forming 
an ion, e g , R 2 OH+ or R 2 COH+, accounts for the fact that solutions of 
such compounds in pure sulfunc acid or m liquid hydrogen fluoride are 
relatively strong electrolytes 

2 See Giasskine TheHectrochemisttyofSolntiom 1937 p 172 
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Another aspect of the formation of compounds and its influence on 
electrolytic dissociation is seen m cotincction mth substituted ammonium 
salts of the type RjNH\, although they are strong electro!} les in hy- 
droxyhe solvents, e g , in natcr and alcohols, thej are dissociated to only 
a small extent m nitrobenzene, mtromethane, acetone and acetonitrile 
It appears that in the salts under consideration the hjdrogcn atom can 
act as a link between the nitrogen atom and the acid radical X, so that 
the molecule RjN H X exists in acid solution If the sohent S is of 
such a nature, how e\ cr, that its molecules tend to form strong hydrogen 
bonds, it can displace the X“ ions, thus 

R,N H X + S;=iR,N H S+ + V. 

so that ionization of the salt is facilitated Hydroxylic soh ents, in virtue 
of the type of 0x3 gen atom which they contain, form hjdrogen bonds 
more readily than do nitro compounds, nitnles, etc , the difference m 
behavior of the two groups of solvents can thus be understood 

Salta of the type R4NX function as strong electrolytes m both groups 
of solvents, since the dielectnc constants are reUtivel} high, and the 
question of compound formation with the solvent is of secondary impor- 
tance The fact that salts of different types show rclatn ely little differ- 
ence of behanor in hydroxylic solvents has led to those substances bemg 
called levelling solvents On the other hand, sol\ ents of the other group, 
eg, nitro-compounds and nitnles, are referred to as dififerentiatmg 
solvents because they bring out the differences between salts of different 
types The charactenstic properties of the levelling soh ents are duo 
partly to their high dielcctnc constants and pattlj to their ability to act 
both as electron donors and acceptors, so tliat they are capable of forming 
confounds with either anions or cations 

__/The formation of a combination of some kind between the ion and a 
of 8 Ql.vea.t, Ijiiwra. es isnlvaitian.-, la m vro.i^bixi.t (wibic vo. oii.- 
hancing the dissociation of a given electrolyte The solvated 10ns are 
relativ ely large and hence their distance of closest approach is \ cry much 
greater than the bare iinsohatcd 10ns It will be seen m Chap V that 
when the distance between the centers of two oppositely charged 10ns is 
less than a certain limiting value the system behaves as if it consisted of 
undissociated molecules The effective degree of dissociation tlius in- 
creases as the distance of closest approach becomes larger, hence soh ation 
may be of direct importance m increasing the extent of dissociation of a 
salt in a particular sohent It may be noted that solvation docs not 
necessanly involve a covalent bond, eg, as 13 the case m CuCNIIOT*" 
and Cu{HjO)f^, there is reason for believing that solv ation is frequently 
electrostatic m character and is due to the onentation of solvent molcculo 
dipoles about the ion A solvent with a large dipole moment vvnll thus 
tend to facilitate solvation and it will consequently increase the degree of 
dissociation 
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It ^as mentioned earlier in this chapter that acid amides and nitro- 
compounds form conducting solulaon^ in hqmd ammonia and hydrazine, 
tiie ionization m these cases is undoubtediy accompanied by, and is 
associated nith, compound formation between solute and solvent The 
same is true of tnphen] ImethyJ chlonde which is a fair electrolytic con- 
ductor when dissolved m liquid sulfur dionde, it also conducte to some 
extent in nitromethanej nitrobcnzaie aud acetone solutions In chloro- 
form and beiizcne, however, there is no compound formation and no 
conductance The electrolytic conduction of tnphenylraethyl chlonde m 
fused aluminum cliJonde, which is itself a poor conductor, appears to 
be due to the reaction 

PhjCCI + AfCfs = PhaC^ + AlCIr, 

this process is not essentially different from that mvolved m the ioniza- 
tion of an acid, where the H+ ion, instead of a Cl' ion, is transferred 
from one molecule to another 

Jaraday's Laws of Electrolysis— During the years 1833 and 1834, 
Faraday pubhshed the results of an extended series of investigations on 
the relationship between Uie quantity of electncity passing through a 
solution and the amount of metal, or othei substance, liberated at the 
electrodes the conclusions may be expressed in the form of the two 
following laws 

I The amount of chemical decomposition produced by a current is 
proportional to the quantity of electncity passing through the electro- 
lytic solution 

II The amounts of different substances hberated by the same quan- 
tity of electncity are proportional to their chemical equivalent weights 

The first law can be tested by passing a current of constant strength 
through a given electrolyte for vanous periods of time and detemmag 
the amounts of material deposited, on the cathode, for example, the 
weights should be proportional to the tune in each case Further, the 
time may be kept constant and the current varied, in these expenments 
the quantity of deposit should be proportional to the current strength 
The second law of electrolysis may be confirmed by passing the same 
quantity of electncity through a number of different solutions, e g , 
dilute sulfuric acid, silver nitrate and copper sulfate, if a current of one 
ampere flows for one hour the wei^ts liberated at the respective cathodes 
should be 0 0379 gram of hydrogen, 4 0248 grams of silver and 1 186 
grams of copper These quantities are m the ratio of 1 008 to 107 88 to 
31 78, winch is the ratio of the equivalent weights As the result of 
many experiments, in both aqueous and iion-aqueous media, some of 
winch mil be described below, much evidence has been obtained for the 
accuracy of Faraday’s laws of dectanlysis withm the limits of reasonable 
expenmental error Apart from small deviations, which can be readily 
explained by the difficiflty of obtammg pure deposits or by similar ana- 
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lyiical problems, there are a number of instances of more serious apparent 
exceptions to the la^s of electrolysis The amount of sodium bberated 
m the electrolysis of a solution of the metal m liquid ammonia is less 
than would bo expected It must be remembered, however, that Fara- 
daj’s laiis are applicable only when the 'nhole of the conduction is 
electrolytic in character, in the aodium solutions in liquid ammonia some 
of the conduction is electronic m nature The quantities of metal de- 
posited from solutions of lead or antimony in liquid ammonia containing 
sodium are in excess of those required by the laws of electrolysis, in these 
solutions the metals exist in the form of complexes and the ions arc quite 
different from those present m aqueous solution It is consequently not 
possible to calculate the weights of the deposits to be expected from 
Faraday’s laws 

The applicability of the laws has been confirmed under extreme con- 
ditions for example, Richards and Stull (1902) found that a given quan- 
tity of electricity deposited the same weight of silver, within 0 005 per 
cent, from an aqueous solution of silver nitrate at 20“ and from a solution 
of this salt m a fused mixture of sodium and potassium nitrates at 260“ 
The experimental results arc quoted in Table II 


TABLE II COMPARISON OP SaVER OEPOSrTS AT 20* AND 260* 


Deposit At 20* 
1 14916 g 
1121S3 
1 1019S 


Deposit ftt 260* 
114919 g 
112195 
1 10200 


DifTeresce 
0 003 per cent 
0009 
0002 


A solution of silver mtrate in pyndine at — 55® also gives the same 
weight of silver on the cathode as does an aqueous solution of this salt 
at ordinary temperatures Pressures up to 1500 atmospheres have no 
effect on the quantity of silver deposited from a solution of silver nitrate 
in water 

Faraday’s law holds for solid electrolytic conductors as well as for 
fused electrolytes and solutions, this is shown by the results of Tubandt 
and Eggert (1920) on the electrolysis of the cubic form of silver iodide 
quoted m Table III The quantities of silver deposited in an ordinary 


TABLE III APPLICATION OF FABAOAT’s LAWS TO SOLID SILVER IODIDE 


Temp 

Current 

Ag deposited 
in coulometer 

Ag deposited 
on cathode 

Ag lost 
from anode 

150* 

01 amp 

0S071g 

0S072g 

08077g 

150* 

01 

09211 

0 0210 

0 9217 

400* 

01 

03997 

03991 

04004 

400* 

04 

04217 

04218 

04223 


Silver coulometer m the vanous experiments arc recorded, together with 
the amounts of silver gained by the cathode and lost by the anode, 
respectively, when solid silver iodide vras used as the electrolyte 
The Faraday and its Determination —The quantity of electncity 
required to liberate 1 equiv of any sul^tance should, according to the 
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second of Faraday's ia^vs, be independent of its nature, this quantity is 
called the faraday , it is given the symbol F and, as will be seen shortly 
IS equal to 96,500 coulombs, mtiuD tiie limits of e^penmental error 
If e IS the eqnivalf nt weight (rf any matmal set free at an electrode then 
96,500 amperes Sowing for one second liberate e grams of tins substance, 
it follows, therefore, from the first of Faraday's laws, that I amperes 
flowing for i seconds will cause the deposition of w grams, where 


If the product It is unity, i e , the quantity of electricity passed is 1 
coulomb, the weight of suhstmce deposited is e/9G 500, the result la 
known as the electrochemical equivalent of the deposited element If 
this quantity is given the symbol e, it follows that 

tff = lie (7a) 

The electroohemical equivalents of some of the more common elements 
are recorded in Table IV, * smee the value for any given element depends 


TifiLE n ELEOTROCUEUICAli GOmTAIEtCTS LV UlUHORUlB PER COUIOUE 


EJemeat 

Valence 

e 

JEIement 

Valence 

g 

Hydrogen 

1 

OOKMo 

Copper 

2 

0 3294 

Oxygen 

2 

0 03290 

Broohie 

1 

08281 

Cldonne 

1 

0 36743 

Cadrajum 

2 

0 5824 

Iron 

2 

0 2893 

Silver 

1 

11180 

Cobalt 

2 

03054 

Iodine 

1 

13152 

^lckel 

2 

03041 

Mercmy 

2 

1 0394 


on the valence of the ions from which it is being deposited, the actual 
\alence for which the results were calculated is given in each case 

The results gii en above, and equation (7) or (7tt) are the quantita- 
tive expression of Faradays laws of electrol 3 sia, they can be employed 
either to calculate the weight of anv substance deposited by a given 
quantity of electricity or to find the quantity of eleotncity passmg 
through a circuit by determining the weight of agn en metal set free by 
electrolysis The apparatus used for the latter purpose was at one time 
referred to as a ‘ voltameter,” but the name coulometer, i e , coulomb 
measurer, proposed by Richards and Heimrod (1902), is now widely 
employed 

The most accurate detenmnabons of the faraday hax e been made 
by means of the silver coulometer m which the amount of pure silver 
deposited from an aqueous solution of silver nitrate is measured The 
first reliable observations wiih the silier eoulometei weie those of 
Kolilrausch in 1886, but the most accurate measurements in recent years 
were made by Smith, Mather and Lowry (1908) at the National Physical 

* For a complete list of electrodiesmia] equivriraits and for other data relating to 
Faraday’s laws see Rou^ Trans Ekdioehan 5oc , 73 285 (1938) 
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Laboratory m England by Kicbardsand Anderegg (1915-16) at Harvard 
University, and by Rosa and Vmal,* and others, at the National Bureau 
of Standards m Washington, D C (1914-16) The conditions for ob 
taming precise results have been given particularly by Rosa and Vinal 
(1914) these are based on the necessity of msunng punty of the silver 
nitrate of preventing particles of silver from the anode, often known as 
the " anode slime,” from falling on to the cathode, and of avoiding the 
inclusion of water and silver nitrate m the deposited silver 

The silver nitrate is purified by repeated crystallization from acidified 
solutions, followed by fusion The punty of the salt is proved by the 
absence of the so called ‘ volume effect," the weight of silver deposited 
by a given quantity of electncity being independent of the volume of 
liquid m the coulometer this means that no extraneous impurities are 
mcluded in the deposit The solution of silver nitrate employed for the 
actual measurements should contain between 10 and 20 g of the salt in 
100 cc , it should be neutral or slightly acid to methyl red indicator, after 
removal of the silver by neutral potassium chloride, both at the beginning 
and end of the electrolysis The anode should be of pure silver with an 
area as large as the apparatus permits the current density at the anode 
should not exceed 0 2 amp per sq era To prevent the anode slime 


+ + 



I n 

Fio 3 SJver coulomcters 


from reachi ' ' ' ^ ^ 

w a cup of 
or 13 surroi 
cathode is 

make the cathodic current density less than 0 02 amp per sq cm After 
electrolysis the solution is removed by a siphon, the deposited silver is 
washed thoroughly and then the platinum dish and deposit are dned at 
150" and weighed The gam in weight gives the amount of silver de- 
posited by the current if the conditions desenbed are employed, the 
impurities should not be more than 0 004 per cent 

‘ Rosa aad Vinal Bur Standards BuU 13 479 (1936) see also Vinal and Bovard 
J Atn Chtm Soc 38 496 (1916), Bovard and Ilulett 39, 1077 (1917) 
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If the observations are to be used for the defcerimnation of the faraday, 
it IS necGssarj’ to know exactly the quantity of clectnciiy passed or the 
current strength, provided it is kept constant dunng the expenment 
In the work earned out at tiie National Physical Laboratory the absolute 
value of tlie current was deteimined by means of a magnetic balance, 
but at the Bureau of Standards the current strength was estimated from 
the known value of the apphed e m f , based on the Weston standard 
cell as 1 01830 mternational vmlt at 20” (see p 19S}, and the measured 
resistance of the circuit According to the experiments of Smith, Mather 
and Lowry, one absolute coulomb deposits 1 11827 milligrams of silver, 
■while Rosa and Vinal (1916) found ^at one international coulomb de- 
posits 1 1180 mdligrams of silver The latter figure is identical with 
the one used for the definition of the mternational coulomb (p 4) and 
since it IS based on the agreed value of the e y f of the Weston cell it 
means that these defimtions are consistent with one another 'within the 
limits of experimental accuracy If the atomic weight of silver is taken 
as 107 88, it follows that 

107 88 

n ' nmiig ' fi “ international coulombs 


are required to liberate one gram cqmvalcnt of silver If allowance is 


made for the 0 004 per cent of impunty 
in the deposit, this result becomes 96,498 
coulombs Since the atomic weight of 
sill er IS not known with an accuracy of 
more than about one part m 10,000, the 
figure IS rounded off to 96,500 coulombs 
It follows, therefore, that this quantity 
of electncity is reqmred to liberate I 
gram equivalent of any substance hence 

1 faraday = 96,500 coulombs. 

The reliability of tins value of the 
faraday has been confirmed by mea- 
surements with the lodme coiilometer 
designed by Washburn and Bates, and 
employed by Bates and Vinal ® The ap- 
paratus IS shown m Fig 4, it consists of 
two vertical tubes, containing the anode 
(A) and cathode (C) of platmum-indium 
foil, joined by a V-shaped portion 
A 10 per cent solution of potassium lo 
dide IS first placed in the limbs and then 



Fig 4 Iodine coulometer 
(Washburn aud Bates.) 


® Washburn and Bates, i7 Am CAem &c, 34, 1341, 1515 (1912), Bates and Vina! 
ibid 36, 916 (1914) 
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by means of the hlling tubes D and D' a concentrated solution of 
potassium iodide is introduced carefully beneath the dilute solution m 
the anode compartment, and a standardized solution of iodine in potas- 
sium iodide is similarly introduced mto the cathode compartment 
During the passage of current iodine is liberated at the anode while an 
equivalent amount is reduced to iodide ions at the cathode After the 
completion of electrolysis the anode and cathode liquids are withdraiin, 
through D and and titrated with an accurately standardized solution 
of arsemous acid In this way the amounts of iodine formed at one dec 
trode and removed at the other can be determined, the agreement 
between the two results provides confirmation of the accuracy of the 
measurements The results obtained by Bates and Vmal m a number 
of experiments, in which a silver and an iodine coulometer were m senes, 
are given in Table V, the first column records the weight of sih er do- 

TABLlS V DETERMINAnON OP ‘THE PAIUDAr fir THE IODINE CODIOUBTEH 
Coulombs pAssed 




From 

From 

Milligrama 


Silver 

Iodine 

Stiver 

SUP and 

of Iodine 


mg 

mg 

deposited 

fiesistance 

per Coulomb 

Faraday 

409903 

432224 

366639 

3666 65 

1 31526 

96493 

4397 11 

5172 73 

393301 


1 31521 

96 502 

410523 

4828 51 

3671 W 

367184 

131498 

96 518 

412310 

4849 42 

3637 92 


1 31495 

96 521 

4104 75 

4828 60 

367151 

36T1 61 

131516 

96500 

418424 

4921 30 

374261 


} 31494 

90 521 

4100 27 

4822 47 

366750 

3667 65 

1 31492 

96523 

4105 16 

483344 

307188 

367182 

1 31493 
Mean 1 31502 

96 516 
96514 


posited and the second the mean quantity of iodine liberated or removed, 
in the third column are the number of coulombs passed, calculated from 
the data in the first column assuming the faraday to be 96,494 coulombs, 
and m the fourth are the corresponding values denved from the e w r 
of the cell employed, that of the Weston standard cell being 1 01830 
volt at 25°, and the resistance of the circuit The agreement between 
the figures in these two columns shows that the siher coulometer was 
functioning satisfactorily The fifth column gives the electrochemical 
equivalent of iodine in milligrams per coulomb, and the last column is 
the value of the faraday i e , the number of coulombs requu-ed to deposit 
1 equiv of iodine, the atomic weight being taken as 126 92 

The faraday, calculated from the work on the lodme coulometer, is 
thus 96,514 coulombs compared with 96,494 coulombs from the silver 
coulometer, the agreement is within the limits of accuracy of the known 
atomic weights of silver and iodine In view of the small difference 
between the two values of the faraday given above, the mean figure 
96,500 coulombs is probably best for general use 

Measurement of Quantities of Electncity.’-Smce the magnitude of 
the faraday is known, it is possible, by means of equation (7), to deter- 
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mine the quantity of electncify passmg through any circuit by including 
in it a coulometer in Tvhich an element of known equivalent weight is 
deposited Seieral coulometers, of varying degrees of accuracy and 
convcmence of manipulation hav e been desenbed Since the silver and 
iodine coulometers have been mnptoyed to determine the faradaj, these 
are evidently capable of giving the most accurate results, the iodine 
coulometer is, Iioweier, rarely used m practice because of the difficulty 
of manipulation One of the disadvantages of the ordinary form of the 
sih er coulometer is that the deposits are coarse-grained and do not ad- 
here to the cathode, a method of overcoming this is to use an electrolyte 
made by dissolving silver oxide in a solution of hydrofluoric and bone 
acids ® 

In a simplified form of the silver coulometer, which is claimed to give 
results accurate to v ithui 0 1 per cent, the amount of silver dissoh ed 
from the anode mto a potassium mtrate solution during the passage of 
current is determined ^ olumetncally ’ 

For general laboratory purposes the copper coulometer is the one 
most frequently emploj ed, ® it contains a solution of copper sulfate, and 
the metallic copper deposited on the cathode is v eightcd The chief 
sources of error are attack of the cathode m acid solution, especially m 
the presence of atmosphcnc oxygen, and formation of cupious oxide in 
neutral solution In practice slightly acid solutions are employed and 
the errors are mmimircd by using cathodes of small area and operating 
at relatn ely low temperatures the dangci of oxidation is ohiated to a 
great extent by the presence of ethyl alcohol or of tartanc acid in the 
electrolyte The cathode, uhich is a sheet of copper, is placed midway 
between two similar sheets nhich act as anodes, the current density at 
the cathode should be between 0 002 and 0 02 ampere per sq cm At 
the conclusion of the experiment the cathode is removed, washed with 
water and dned at 100° It can be calculated from equation (7) that one 
coulomb of electricity should deposit 0 3294 milligram of copper 

In a careful study of the copper coulometer, m which electiolysis was 
earned out at about 0° m an atmosphere of hydrogen, and allowance 
made for the copper dissolved from the cathode by the acid solution, 
Richards, Collins and Hcimrod (1900) found the results to be within 0 03 
per cent of those obtained from a silver coulometei in tlie same circuit 
The electrolytic gas coulometer is useful for the approximate meas- 
urement of small quantities of electricity, tlie total volume of hydrogen 
and oxygen liberated in the electrolysis of an aqueous solution of sulfuiic 
acid or of sodium, potassium oi banum hydroxide can be measured, and 
from this the quantity of electncity pa^ can be estimated If the 
electrolyte is dilute acid it is necessary to employ platmum electrodes, 

® ) on Warteaberg and Schul^a, Z Elekbwiim 36 254 (1930) 

’ KiRtiakowsky, Z Ekktrochen 12 713 (1906) 

'DattaandDhar J Am Chm 5(W, 38, 1156 (1916), MatthmsandWark J Phys 
Chem 35,2345 (1931) 
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but With alkaline electrolytes mckcl electrodes are frequently used Ons 
faraday of electncity should liberate one gram equivalent of hydrogei 
at the cathod( and an equivalent of o^gen at the anode, i e , dien 
should be produced 1 gram of hydrogen and 8 grams of oxygen Allow 
mg for the water vapor present m the liberated gase 
and for the decrease m v olume of the solution as the 
water is dcctrolyxed, the passage of one coulomb ol 
electricity should be accompanied by the formation 
of 0 174 CD of mixed hydrogen and oxygen at S T P 
assuming the gases to behav e ideally 

The mercury coulometer has been employed 
chiefly for the measurement of quantities of elcc 
tncity for commercial purposes eg m electncity 
meters ‘ The form of apparatus used is shown in 
Tig 5, the anode consists of an annular nng of mer 
cury (4) surrounding the carbon cathode (C ) , the 
electrolyte is a solution of mercuric iodide in potas 
sium iodide The mercury liberated at the cathode 
falls off, under the influence of gravity and is col- 
lected m the graduated tube D From the height 
of the mercury m this tube the quantity of electricity 
passed may be read off directly T\ hen the tube has 
become filled with mercury the apparatus is in\erted 
and the mercury flows bock to the reseiwoir B In 
actual practice a definite fraction only of the current 
to be measured is shunted through the meter, so that 
the life of the latter m prolonged The accuracy of 
the mercury electncity meter is sa d to be mthm 
I to 2 per cent 

A lorra of mercury coulometer suitable for the 

imfcC3'ureiiiwn*oi^:cn’iil’ 

An interesting form of coulometer, for 
which an accuracy of 0 01 per cent has 
been claimed, is the sodium coulometer, 
it invohea the passage of sodium ions 
through glass” The electroljte is fused 
sodium nitrate at 340® and the dectrodes 
are tubes of highly conducting glass elec- 
trical contact being made by means of a 

platinum wire sealed through the glass and pj" p godmn, ^ujonieter 
dipping into cadmium m the cathode and (Stewart) 

cadmium containing some sodram m the 

anode (Fig 0) WTien current is passed sodium is deposited in the 
• HfttReld Z Elellrcchm , IS 728 (1909), Schulte thl 27 74a (1921) 

ULehfddt Pktl Mag 3 158 (1902) 

«Eurt Phgs Rev 27 Sl3 (192^ Stewart J Am Chen Sac 53 336B0931) 
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glass of the cathode and an equal amount moves out of the anode tube 
From the change m weight the quantity of electricity passing may be 
determined, the anode gives the most reliable results, for with the cathode 
there is a possibility of the loss of sibcate ions fiom the glass In spite 
of the great accuracy that has been reported, it is doubtful if the sodium 
coulometer as described here will find anj considerable application be 
cause of expenmental difficulties, its chef interest lies m the fact that 
it shows Faraday's laws hold under extreme conditions 

General Applicability of Faraday’s Laws —The discussion so far has 
been concerned mainly with the apphcation of Faraday’s laws to the 
material deposited at a cathode, but the laws ate applicable to all types 
of processes occurring at both anode and cathode The experiments on 
the iodine coulometer proved that the amount of lodme liberated at the 
anode was equal to that converted into iodide ions at the cathode, both 
quantities being in close agreement with the requirements of Faraday’s 
laws Similarly, provided there are no secondary processes to interfere, 
the volume of oxygen evolved at an anode ra the electrolysis of a solution 
of dilute acid or ^kali is half the volume of hydrogen set free at the 
cathode 

In the cases refened to above, the anode consists of a metal which is 
not attacked dunng the passage of current, but if an attackable metal, 
e g , zinc, silver, copper or mercury, is used as the anode the latter dis- 
solves m amounts exactly equal to that which would be deposited on the 
cathode by the same quantity of electncity The results obtained by 
Bo\ ard and Hulett for the loss m weight of a silver anode and for the 
amount of silver deposited on the cathode by the same current are given 
in Table VI, the agreement between the values in the eight experiments 
shows that Faradaj s laws are apphcable to the anode as well as to the 
cathode 


'CAEI.S.VL 

CrtWPiBlSQN. 

os AHQDIC AND CATHODIC 

PEOCES5ES 

Anode loss 

Cathode gam 

Anode loss 

Cathode gam 

4 18685 g 

4 18703 g 

4 17651 g 

417741 g 

4 18422 

413422 

414391 

4 14320 

421204 

421240 

408147 

4 08097 

408371 

408473 

409386 

4 09478 


The results obtained at the cathode m the iodine coulometer show 
that Faraday’s laws hold for the reduebon of iodine to iodide ions, the 
laws apply m fact, to all types of electrolytic reduction occurring at the 
cathode, e g reduction of feme to ferrous ions, ferncyanide to ferro 
cj amde, quinone to hydroquinone, etc The laws are applicable simi- 
larly to the reverse process of electrolybc oxidation at the anode The 
equivalent weight in these cases is based, of eouise, on the nature of the 
oxidation-reduction process 

i^BovardandHuiett, J An Chm Soc 39 1077(1917) 
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In the discu'?sion hitherto it hiw been suppo'icd that onl}' one process 
occurs at each electrode, there arc numerous instances, houeaer, of two 
or more reactions occumng simultaneously For example, m the elec 
trolj'^is of nickel salt solutions the deposition of the metal is almo«t 
mvanably accompanied bj thccaoliitionof some h>drogcn,^hcn current 
13 passed through a solution of a stannic salt there may be simultaneous 
reduction of the stannic ions to stannous ions, deposition of tm and 
liberation of hjdrogcn at the cathode Similarl), the electrolj'sis of a 
dilute h5drochlonc acid “solution jields a mixture of oxygen and chlonne 
at the anode The conditions which determine the possibihtj of two or 
more electrode processes occurring at the same time will be examined 
in later chapters, in the mcautimc, it must be pointed out that whencacr 
Eimultaneous reactions occur, the total number of equnalents deposited 
or reduced at the cathode, or dissolved or oxidized at the anode, are equal 
to the amount required b) Faradaj 's laws The passage of one faradaj 
of electncitj through a solution of a nickel salt under certain conditions 
ga\ e a deposit of 25 48 g of the metal, instead of the theoretical amount 
29 34 g , the number of cquu alenta of mekcl deposited 13 thus 25 48/29 34, 
1 c , 0 8684, instead of unity It follows, therefore, that 0 1316 equi\ , 
1 c , 0 1326 g , of h) drogen is evoU cd at the same time The ratio of the 
actual amount of roatcnal deposited, or, m general, the ratio of the actual 
extent of any electrode reaction, to that expected theoretically is called 
the current efficiency of the particular reaction In the case under con- 
fiideration the current efficiency for the deposition of nickel under the 
given conditions is 0 8634 or 8C 84 per cent 

Ions m Two Valence Stages— A special case of simultaneous elec 
trodc processes ames when a given ion can exist m two valence stages, 
e g , mcrcunc (Ilg^"*^) and mercurous (Hgt^),* the passage of one farada} 
then results in the discharge at the cathode or the formation at the anbde 
of a total of one gram equivalent of the two ions An equilibrium exists 
between a metal and the ions of lower and higher valence, thus, for 
example, 

Hg + Hg++=;HgJ+, 

and if the law of mass action is apphcable to the system, it follows that 

Conen of mercurous ions 

r; r'— constant, 

Conen of mercunc ions 

the concentration of the metal being constant By shaking a simple 
mercunc salt, e g , the nitrate, with mercury until cquihbnum was estab- 
lished and analyzing the solution, the constant w as found to be 120, a1 
room temperatures T\Tien a mercury anode dissolves, the mercurous 
and mercunc ions are formed m amounts necessary to mamtam th( 

• There is much evidence m favor of the view that the mercurous lou has the for 
mula Hgr*’ and not Hg"'’ (see p 2&4) 
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equilibnuin under consideratioii, that is, the proportion of mercurous 
ions IS 120 to one part of mercune ions It Trould appear, therefore, that 
99 166 per cent of the mercury which dissohes anodically should form 
mercurous ions, this is true pio\n<ied no secondarj reactions take place 
in the solution If the eleckolyte is a chloride, the mercurous ions are 
removed m the form of insoluble mercurous chloride, and in order to 
maintain the equilibnum betwem mercury, mercune and mercurous 
ions, the anode dissoh es almost exclusivelj m the mercurous form On 
the other hand, m a C} anide or iodide solution the mercune ions are 
removed by the formation of complex ions, and hence a mercui-j anode 
dissolves mainlj in the mercune form In each case the electrode mate- 
nal passes into solution m such a manner as to establish the theoretical 
equilibnum, but the cMstence of subsidiarj equilibna m the electroh^e 
often results m the anode dissolving m the two v alcnce stages m a ratio 
different from that of the concentrations of the simple ions at equilibrium 

IVith a copper electrode, the equilibnum is greatly m far or of the 
cupnc ions and so a copper anode normall> dissolves virtually completely 
in the higher valence (cupnc) state, le, as a bivalent metal In a 
cyamde solution, however, cuprous ions are removed as complex cupro- 
cyamde ions, a copper anode then dissolve as a umvalent element 
Anodes of iron, lead and tm almost mvanably dissolve m the lower 
V alence state 

Similar arguments to those given above will apply to the deposition 
at the cathode, the proportion m which the higher and lower valence ions 
are discharged is identical w^th that in which an anode would dissolve 
in the same eloctrolj tc 111118 , from a solution contaimng simple mer- 
curous and mercune ions only, e g , from a solution of the perchlorates 
or nitrates, the two ions would be dischaiged m the ratio of 120 to unity 
From a complex cyamde or iodide electrolyte, however, mercune ions 
are discharged almost exclusively 

Significance of Faraday's Laws — Smee the discharge at a cathode or 
the formation at an anode of one gram equivalent of any ion requires 
the passage of one faraday, it is reasonable to suppose that this represents 
the charge * earned b} a gram equivalent ol any ion If the ion has a 
valence z, then a mole of these ions, which is eqmv alent to z equiv , cames 
a charge of z faradaj s, i e , zF coulombs, w here F i$ 96,500 The number 
of individual ions in a mole is equal to the Avogadro number N, and so 
the electnc charge earned by a single ion is zF/iV coulombs Smee z is 
an mteger, viz , one for a umvalent ion, two for a bivalent ion, three for 
a tervalent ion, and so on, it follows that the charge of electncity earned 
by any smgle ion is a multiple of a fundamental umt charge equal to 
FJN This result implies that dectneity, hke matter, is atomic m nature 
and that FJN is the unit or “ atom ” of deekic charge There are many 
reasons for identifying this umt chai^ vnth the charge of an electron 

* It Tvas seen 023 page 3 tliat quantify of dectnaty and eiectnc charge have the 
same dimensions 
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(«), 60 that 

F 

‘ = N ® 

According to these arguments a unualent i e , singly charged, cation is 
formed when an atom loses a single electron, e g , 

Na Na+ + 1 

A bnalent cation results from the loss of two electrons, eg, 
Cu-^Cu++ + 2t, 

and so on Similarly, a um\alent anion is formed when an atom gains 
an electron, e g , 

Cl + f-^Cl 

In general an ion carries the number of charges equal to its \ alence, and 
it differs from the corresponding uncharged particle bj a number of 
electrons equal m magnitude to the charge 

Electrons m Electrolysis —The identihcation of the unit charge of a 
single ion with an electron permits a more complete picture to be given 
of the phenomena of electrolysis It will be seen from Fig 2 that the 
passage of current through a circuit is accompanied by a flow of electrons 
from anode to cathode, outside the electrolytic cell If the current is to 
continue, some process must occur at the surface of the cathode m the 
electrolyte which removes electrons, while at the anode surface electrons 
must be supplied these requirements are satisfied by the discharge and 
formation of positive ions, respectively, or m other ways In general 
a chemical reaction involving the formation or removal of electrons must 
always occur when current passes from an electronic to an electrolytic 
conductor For example, at a cathode in a solution of silver nitrate, 
each silver ion takes an electron from the electrode, formmg metallic 
silver, thus 

Ag^ + (-+Ag 

At a silver anode it is necessary for electrons to be supplied, and this can 
be achieved by the atoms passing into solutions as ions thus 

Ag'^Ag+^t 

If the anode consisted of an unattackable metal, e g , platinum, then the 
electrons must be supplied the discharge of amons, e g , 

0H'-»0H + £, 

which 13 followed by 

20H = 11,0 + \0i, 

resulting m the liberation of oxygen, or 

CI--»CI + t, 
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followed by 

aci = cij 

^hicli gnes chlorine ga? by the discharge of chlondc ions Since the 
same niiinber of electrons is lequircd bj the anode ss must be removed 
from the cathode, it is evident that equivalent amounts of chemical 
reaction, proportional to the quantity of electncity passing, j e, to the 
number of electrons transfeired, must take place at both electiodes The 
electronic concept, m fact, provides a veiy simple interpretation of 
Faraday’s laws of electrolysis It should be cleaily understood that 
although the cuirent is earned througii the metallic pait of the circuit by 
the flow of electrons, it is earned through the electrolyte by the ions, the 
positiv e ions move in one direction and the negative ions in the opposite 
direction, the Md chnrge of the moving ions being equivalent to the 
flow of electrons Tins aspect of the subject of electrolytic conduction 
will be considered more fullj in Chap IV 

Equations involving electron transfer, such as those given above, are 
frequentlj' employed m dcctrochemislij to represent processes occurring 
at electrodes, cither dunng electrolysis or in a voltaic cell capable of 
producing current It is oppoitune, therefore, to emphasize tbeir sig* 
mficance at tks point an equation such as 

Cu-^Cu+++2t 

means not only that an atom of copper gives up two electrons and be- 
comes a copper ion, it also implies that two faradajs are required to cause 
one gram atom of copper to go into solution forming a mole, or gram-ion, 
of cupnc ions In general, an elictrodc process wntten as involving z 
electrons requires the passage of 2 faradays for it to occur completely in 
terms of moles 

PROBl/EMS 

1 A constant current, which gave a reading 01 25 0 miJboinp on a mdh- 
arameter, was passed through a solution of copper sulfate for exactly 1 hour, 
the deposit on the cathode weighed 0 0300 gram Wliat is the error of the 
meter at the 25 milliamp reading? 

2 An average cell, in which alummura is produced by the electrolysis of 
a solution of alumina in fused cryobte, takes about ^,000 amps How much 
aluminum is produced per day in each ceD, asaummg a current efSciency of 
92 per cent'’ 

3 A current of 0 050 amp Maspassedthroughasilvcrtitrationcoubmeter, 
and at the cocclusion 23 S cc of 0 1 » sodium chlondc solution were required 
to titrate the silver dissolved from the anode Hon long was the current 
flowing? 

4 Wliat Weights of sodium hydroxide and of sulfuric acid are 

at the cathode and anode, respcoti^y, when 1 000 coulombs are passed through 
a solutwa of Sodium sulfate? , , . , 

5 Calculate the amount of lodme that would be liberated by a quantity 
of electricity which sets free 34 0 cc of gas at S T P , m an electrolytic gas 
eoulomcter 
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was evolved, how many coulomb'? were passed through the solution? 

7 Anthracene can be oxidized anodically to anthraquinone with an efh 
cieacy of lOO per cent, according to the reaction CiJIja + 30 = C iH»Oi + HjO 
What weight of anthraqumonc is produced by the passage of a current of 

1 amp for 1 hour? 

8 A current of 0 10 amp was passed for two hours through a solution of 
cuprocyaiude and 0 3745 g of copper was deposited on the cathode Calcu* 
late the current efficiency for copper deposition and the volume of hydrogen, 
measured at S T P , liberated simultaneously 

9 The 140 liters of solution obtained from an alkali'chlonne cell, operating 
for 10 hours with a current of 1250 amps , contained on the average llC 5 g 
of sodium hydroxide per liter Determine the current efficiency with which 
the cells were operating 

10 In an experiment on the electrolytic reduction of sodium nitrate 
solution, Muller and Weber [Z Eleklrochem , 9, 955 (1903)] obtained 0 0495 g 
of sodium nitnte, 0 0173 g ammonia and 695 cc of hydrogen at S T P , while 

2 27 g of copper were deposited in a eoulomcter Evaluate the current effi* 
cienoy for each of the three products 

11 Oxygen at 25 atm pressure is reduced cathodically to hydrogen 
peroxide from the d 

ing results were calc 
measured at S T P , 
with the amount of 
of electricity 

I 85 S 200 413 583 l.Occ ofga? 

II 34 7 150 265 334 596 mg of HjOj 

Calculate the current efficiency for the formatwn ©f hydrogen peroxide m each 
case, and plot the variation of the current efficiency with the quantity of 
electricity passed 

12 In the electrolysis of an alblme sodium chloride solution at 52”, 
Miller [Z anorff Chm , 22, 33 (1900)] obtained the following results 


Active Oxygen as 

Copper in 

Hypochlorite 

Chlorate 

Coulotneter 

OOOlSg 

0C095g 

0115g 

00058 

00258 

0 450 

0105 

02269 

3110 

0135 

03185 

4800 

0139 

0 4123 

7030 


Plot curves showing the variation with the quantity of electncity passed of the 
current efficiencies for the formation of hypochlorite and of chlorate 



CHAPTER II 

ELECTROLYTIC CONDUCTANCE 

Specific Resistance and Conductance.— Consider a uniform bar of 
a conductor of length 1 cm and cross sectional area c sq cm , suppose, 
for simplicity, that the cro-^s section is rectangular and that the iiholc is 
di^nded into cubes o? one cm side, as shown in Eig 7, 1 The resistance 
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of the bar is seen to be equnalent to that of I layers, such as the one 
depicted m Fig 7, II, in senes with one another, further, each layer is 
equivalent to a cubes, each of one cm side, whose resistances are m 
parallel If p is the resistance, m ohms, of a centimeter cube, generally 
called the specific resistance of the substance constituting the conductor, 
the resistance r of the layer containing the a cubes is given by 


1 

r 


P P 


there being a terms on the nghWiand side it follows, therefore, that 


r 


p 

a 


If R IS the resistance of the whole bar, which is equivalent to I layers 
each of resistance r m senes, fien 


R = lr = p-ohms 
a 


( 1 ) 


This equation is applicable to all conductors, electronic or electrol 3 dic, 
and for uniform conductors of any cross section, not necessarily rec- 
tangular 
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The specific conductance of any conducting matenal is defined as the 
reciprocal of the specific resistance, it is given the symbol k and is stated 
m reciprocal ohm units, sometimes called “mhos ”* Since, by defini 
tion, K IS equal to 1/p it follows from equation (I) that 

^ ^ ^ ohms (2) 

K n 

The conductance (C) is the reciprocal of resistance, i e , C = 1/R, and 
hence 

C " « ° ohms“‘ (3) 

The physical meaning of the specific conductance may be understood by 
supposing an E M F of one volt to be applied to a conductor, since ^ = 1, 
it foUovis, by Ohm’s law, that thecurrenti is equal to 1/R, and hence to 
the conductance (C) For a centimeter cube a and i! are unity, and so 
C IS equal to k It is seen, therefore, that when a potential difference 
of one volt is applied to a centimeter cube of a conductor, the current 
in amperes flowing is equal m magnitude to the specific conductance in 
ohm ' cm ^ units 

Equivalent Conductance ■^For eleclrolytes it is convenient to define 
n quantity called the equivalent conductance (A), representing the con 
ducting power of all the ions produced by I equiv of electrolyte m a 
given solution Imagine two large parallel electrodes set 1 cm apart, 
and suppose the whole of the solution containing 1 equiv is placed 
between these electrodes, the area of the electrodes covered will then be 
i sq cm , where n cc is the volume of solution containing the 1 equiv 
of solute The conductance of this «!ystera, which is the equivalent con 
ductance A, may be denved from equation (3) w here o is equal to vsq cm 
and f IS 1 cm , thus 

A = (4) 

where v is the “dilution” of tbesolulon in cc per equiv If c is the 
concentration of the solution, lU egutvalents per bier, then v is equal to 
1000/c, so that equation (4) becomes 

A ^ 1000- (5) 

c 

The equiv alent conductance of any solution can thus be readily deriv ed 
from its specific conductance and concentration Since the units of k 
are ohm-‘ cm those of A are seen from equation (4) or (5) to be 
ohm“‘ cm * 

* It will be apparent from equation (1) or (2) that if A is m ohms and I and a are 
in cm andsq cm respectively theunitsof«weohm"*CBi’i This eract notation will 
be used throughout the present book 
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In some cases the molecular conductance {ji) is employed, it is the 
conductance of 1 mole of solute, instead of 1 equiy If is the volume 
m cc containing a mole of solute, and c is the corresponding concentra- 
tion m moles ■per hter* then 

a 

/I = Ki;™ = 1000 2 (6) 

For an electrolyte consisting of two 
univalent ions, eg, alkali liaJides, 
the values of A and p are, of course, 
identical 5 

Detennmation of Resistance — 

The measurement of resistance is 
most frequently earned out uith 
some form of Wheatstone bndge 
circuit, the principle of which may 
be explained ivith the aid of Fig 8 
The four arms of the bndge, via , 
fib, oc, hd and cd, hai e resistances 
^ 3 / Bs and Rt, respectively, a source 
of current S is connected across the Fiq 8 Wheatstone bridge circuit 
bridge between h and c, and a cur- 
rent detector D is connected between o and d Let E\ Ei, Ei and Ei he 
the fall of potential across the four aims, corresponding to the resistances 
i?i, Bi, Ri and Ri, respectively, and suppose the currents m these arms 
are h, U, U and U, then by Ohm’s law 

El = liRi, Ei = liBii 
Ei = fjKs and Et — IJit 

If the resistances are adjusted so that there is no flow of current through 
the detector D, that is to say, when the bridge is “ balanced,” the poten- 
tial at a must be the same as that at d Since the arms ab and hd are 
joined at b and the potentials are the same at a and d, it follows that the 
fall of potential across ab, i e , Ei, must equal that across bd, i e , Ej 
Similarly, the fall of potential across oc must be the same as that across 
cd, le, Ei and Ei are equal Introducing the values of the various E's 
given above, it is seen that 

IiRi = I^Rj and Jjfis — Afli, 

Jl^i _ hEj 
ABj liRi 

Since no current passes through ad when the bridge is balanced, it is 

* In accordance with the practice adopted by a aurnber of writers, the symbol c is 
used to represent eoucentrabons in eqtavalcsts and c in moles, per liter 
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evident that the current flowing m the arm ah must be the same as that 
m ac,ie,Ii= It, nhile that pacing through bd must be identical with 
that m cd, 1 e , 7| = /< It follows, therefore, that at the balance point 


El El 

Rt " Ri 


p) 


and 60 if the resLstances of three of the arms of the bridge are known, 
that of the fourth can be readily evaluated In practice, Rt is generally 
the unknown resistance, and Rtisn resistance box which permits various 
known resistances to be used, the so-callcd “ ratio arms ’ Rs and Rt may 
be a uniform wnre (bde) on which the position of d is adjusted until the 
bndge is balanced as shown by the absence of current m D The ratio 
of the lengths of the two parts of the uniform wire, corresponding to hd 
and dc, gives the ratio 

Resistance of Electrolytes Introduction —In the earliest attempts 
to determine the resistance of electrolytic solutions the results were so 
erratic that it was considered possible that Ohm's law was not applicable 
to electrolytic conductors The erratic behavior was shown to be due 
to the use of direct current m the measurement, and when the resulting 
errors were eliminated it became evident that Ohm’s law held good for 
electrolytic as well as for metallic systems The passage of direct cur- 
rent through an electrolyte is, os seen m Chap I, accompanied by 
changes m composition of the solution and frequently by the 1 beration 
of gases at the electrodes The former alter the conductance and the 
latter set up an e M r of “ polarization" (see Chap XIII) which tends to 
oppose the flow of current The difficultly may be overcome by the use 
of non polanzable electrodes and the employment of such small currents 
that concentration changes are n^ligible, satisfactory conductance meas- 
urements have been made m this way with certain electrolytes by the 
use of direct current, as will be seen later (p 47) 

The great majonty of the work with solutions has, however, been 
earned out inth a rapidly alternating current of low intensity, following 
the suggestion made by Kohlrausch m 1868 The underlying pnnciple 
of the use of an alternating current is that as a result of the reversal of 
the direction of the current about a thousand times per second, the 
polanzation produced by each pulse of the current is completely neu- 
tralized by the next, provided the alternations are symmetrical Tlicrc 
is also exact compensation of any concentration changes which may 
occur Kohlrausch used an induction coil as a source of alternating 
current (abbreviated to A C ) and m his early work a bifilar galvanometer 
acted as detector, later (1880) he introduced the telephone earpiece, and 
this, with some improvements, is still the form of A C detector most 
frequently employed m electrolytic conductance measurements The 
electrolyte was placed in a cell and its resistance measured by a Wheat- 
stone bridge arrangement shown schematically in Fig 9 The cell C 
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is m the arm ah and a resistance box R constitutes the arm ac, the source 
of A C IS represented by S, and D is the telephone earpiece detector 
In the simplest form of bridge, frequency eraploj ed for ordinary labora- 
tory purposes, the arms bd and dc are m tim form of a uniform mre, 
preferably of platmum-iridmm, stretched along a meter scale, i e , the 
sQ-callcd “ meter bridge,” or suitably wound round a slate cj Under The 
pomt d is a slidmg contact 
which is moved back and forth 
until no sound can be beard 
m the detector, the bridge is 
then balanced If the wire 
he IS uniform, the ratio of the 
resistances of the two arms 
IS equal to the ratio of the 
lengths, hd and dc, as seen 
above If the resistance taken ” 
from the box R is adjusted so 
as to be approximately equal 
to that of the electrolyte in the 
cell C, the balance poini d will 
be roughly miduaj between b 
and C, a small error in the set- Fiq 9 Measurement of resistance of electrolyte 
tmg of d mil then cause the 

least discrepancy m the final value for the resistance of C If somewhat 
greater accuracy is desired, two variable resistance boxes may be used 
for hd and dc, i e , Ri and (of Fig 8), the resistance taken from each 
being adjusted until the bridge is balanced Alternatively, two resistance 
boxes or coils may be joined by a wire, whose resistance is known m 
terms of that of the boxes or coils, foi the purpose of making the final 
adjustment 

It will be seen shortly that for precision measurements of electrolytic 
conductance it is necessary to take special precautions to obviate errors 
due to mductance and capacity m the bndge circuit One immediate 
effect of these factors is to make the rainimuni sound in the telephone 
earpiece difficult to detect, for most general purposes this source of error 
can be overcome by using a good resistance box, m which the coils are 
wound m such a manner as to eliminate self-induction, and to use a 
straight-wire bridge, if a special non-mductive bndge is not available 
Fuither, a variable condenser K is connected across the resistance box 
and adjusted until the telephone earpiece giv^ a sharply defined sound 
KUDimum, m this way the unavoidable capacity of the conductance cell 
may be balanced to some extent 

A,C. Sources and Petectors.— Although the induction coil suffers 
from being noisy m operation and does not give a symmetrical alter- 
nating current, it is still often employed m conductance measurements 
where great accuracy is not required A mechanical high-frequency 
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AC generator emplojcd by Washburn (1913), and Taylor and 
Acree (1916) recommended the use of the V reeland oscillator, which 
consists of a double mercury-are aitangement capable of gmng a sjm- 
metncal smc-wa\ e alternating current of ainstant frequency ^ anable at 
will from 160 to 4,200 cycles per sec- 
ond These costly instruments have 
been displaced in recent years by some 
kind of \ aeuiim tube oscillator, first 
empbjed in conductance work by 
Hall and Adams * Several types of 
suitable oscillators hs^e been de 
scribed and others are available com- 
ineraally, the essential circuit of one 
form of oscillator is shown in Fig 10 
The gnd circuit of the thermionic 
vacuum tube T contains a gnd coil 
Li of suitable inductance which is 
connected to the oscillator coil Lt m 
parallel with the vanable condenser C The output coil Lj which is 
coupled inductively with Li serves to comey the oscillstjons to the con- 
ductance bndge 

The chief advantages of the vacuum tube osallator are that it is 
relatively inexpensive, it is silent in operation and gives a symmetrical 
sinusoidal alternating current of constat frequency, by suitable adjust 
ment of inductance and capacity the frequenej of the oscillations may bo 
varied over the whole audible range, but for conductance work frequencies 
of 2 000 to 3 000 cycles per sec are generally employed The disad- 
vantage of this type of oscillator is that it is liable to introduce stray 
capacities into the badge circuit which can be a senous source of error 
in precision work The difiiculty may overcome however, by the 

of iijomaJ 42) 

If properly tuned to the frequency of the A C , the telephone earpiece 
can be used to detect current'! as small as 10 * amp , it is still regarded 
as the most satisfactory instrument for conductance measurements The 
sensitivity of the telephone can be greatly increased by the addition of 
a vacuum-tube (low frequency) anqilifier, this is particularly valuable 
when working with very dilute solutions having a high resistance, for 
It is then possible to determme the balance point of the bridge with 
greater precision than without the amplifier Tlie basic circuit of a 
simple type of audio frequency amplifier is shown in Fig 11, in which 
the conductance bridge is connected to the pnmary coil of an iron-cored 
transformer {P}, T is a suitable vacuum tube and C is a condenser 
The use of a vacuum tube amplifier introduces the possibility of errors 

1 Hall and Adams J Am Chem Soe 41 1515 {1S19), see also Jones and Josephs 
iW 50 1049 (1028), Luder ibid 62 89(1910) Jones Myseb and Juda, ftti , 
2919 (1940) 




due to cap-icitj and intcnction efleets bwt these can bo iargolj elimi- 
nated by suitable gioundiiig and shielding (see p 12) 

If results of a Ion oidoi of accuiac} aic sufficient, as, foi example 
m conductance mcasuroincnte foi anahtical oi industrial puiposea, the 
AC supplj mams of frequcnca about 60 cjdes pci see , can be em- 
ployed as a source of cuiicnt, in this case an AC gahanomctoi is a 
aatisfactoiy dctcctoi A combination of a xacuuin tube, or other foiin 
of A C rcctilici, and a diiect cmicnt gilianometei lias been omplojcd, 



Fio 11 Vacuum tube ampbficT 


and 111 some cases the thoimal effect of the allcrnalmg current lioa been 
used, in conjunction nitli a Uicimocouplo and a scnsitno gahanomotei, 
for detection pm poses 

Electrodes for Conductance Measurements— Foi the dctcinmiation 
of elcctioljtic conductance it is the general piacUco to use two paiallel 
sliccts of stout platinum foil, that do not bend readily, tlioii relative 
positions aic fixed by sealing the connecting tubes into the sides of the 
mcasiumg cell (cf Fig 12) In oidci to aid the chminnfion of polaiiza- 
tion effects by the alteinating cunent, kohliaubcli (1875) coated the 
elcctiodcs with a lajoi of finely dnidcd plaliuiini blaii , these aic called 
platinized platinum clcctiodcB live pUtemratiou is earned out by elec- 
trolysis of a solution containing about 3 pei cent of chloioplatinic acid 
and 0 02 to 0 03 per cent of lead acetate, tlio lead salt a]))miontly favors 
the foimation of the platinum deposif in a fincly-dmdcd, adheicnt fonn 
The laigc suifncD aica of the finely divided platinum appeals to catalyre 
the union of the hjdiogui and oxjgen which tend to bo hbeiatcd by 
the siiccossne pulses of the cuiicnt, the polnnratioii iiMi is thus 
eliminated 

In some cast s the x ciy })iopoities wluch make the platinircd iilatmum 
electrodes satisfacloiy for tlic icduction of poianralion are a disadvan- 
tage The fmcly'dividcd platinum may catnlj re the oxidation of oigaiiic 
compounds, oi it may adsoib appicciablc quantities of the solute present 
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m the electrolyte and so alter its concentration Some workers have 
overcome this disadvantage of platmized electrodes by heating them to 
redness and so obtaining a gray surface, the resulting electrode is prob 
ably not so effective m rcducmg polarization, but it adsorbs much less 
solute than does the black deposit Others have employed electrodes 
covered with lery thin layers of platinum black, and sometimes smooth 
electrodes have been used By making measurements with smooth 
platinum electrodes at various frequencies and extrapolating the results 
to infimte frequency, conductance values have been obtained which are 
in agreement with those given b} platinized electrodes, this method is 
thus available when platinum black must not be used For the great 
majonty of solutions of simple silts and of inorganic acids and bases 
It IS the practice to employ electrodes coated with a thin layer of plati- 
num black obtained by electrolysis as already desenbed 

Conductance Cells. The Cell Constant —The cells for electrolytic 
conductance measurements are made of highly insoluble glass, such as 
Pyrex, or of quartz, they should 
be very carefully washed and 
steamed before use For general 
laboratory requirements the am- 
ple cell designed by Ostwald (Fig 
12 I) IS often employed, but for 
industrial purposes the “dipping 
cell ' (Fig 12, ID or the pipette- 
typeofcell (Fig 12 III) have been 
found convenient By means of 
tlie two latter colls, samples ob- 
tained at vanoua stages in a 
chemical process can be readily 
I H 21 tested 

Tig 12 Types of conductance cells The resistance (iS) of the solu 

tion m the cell can be measured, 
as already explained, and hence the specific conductance (x) is given by 
equation (2) as 

I 

where t is the distance between the electrode"! and o is the area of cro'is 
section of the olectrol) te through which the current passes For a gu cn 
cell with fixed electrodes Ifa is a constant, called the cell constant , if this 
IS given the symbol K cm it follows tliat 



It IS neither convenient nor desirable, with the cells m general use to 
measure I and a with any degree of accuracy, and so an indirect method 
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IS empbj ed for the evaluation of the cell constant If a solution whose 
specific conductauLe is known accurately, from other measurements, is 
placed m the experimental cell and its resistance U is measured, it is 
possible to obtain K for the gi\en cell directij, by means of equation (8) 
The electrolyte almost invariably used for this purpose is potassium 
chlonde its specific conductance haMng been determined with, high pre- 
cision m cells calibrated by measurement wilb a concentrated solution 
of sulfunc acid, the resistance of which has been compared m another 
cell With that of mercury, the specific conductance of the latter is known 
accurately from the definition of the intenmtional ohm as 10629 63 
ohms"^ cm '• at 0° 

The potassium chloride solutaons employed m the most recent work 
contain 1 0, 0 1 or 0 01 mole m a cubic decimeter of solution at 0®, i e , 
0 999973 litei , these solutions designated as 1 0 D, 0 1 n and 0 01 d, 
where d stands for " demal, ’ contam 76 627, 7 4789 and 0 74625 grams of 
potassium chloride to 1000 grams of water, respectively The specific 
conductances of these soluUons at 0®, 18® and are quoted in Table 
* the particular solution chosen for cahbrating a given cell depends 


TASLE VII SPECIFIC COVDOCTAXCES OP POTASSIUa CaWMDB SOLTtnONB 
IN OHir‘ cu ‘ 


Temp 

IOd 

Oln 

OOlD 

0* 

0063176 

00071379 

000077364 

18* 

0 097838 

00111067 

0 00x220o2 

26* 

0111342 

0012S560 

000140877 


on the range of conductances for which it is to be employed The values 
recorded m this table do not include the conductance of the water, when 
carrying out a determination of the constant of a given conductance cell 
allowance must be made for this quantity 

Design of Cells —In the design of conductance cells for precision 
measurements a number of factors must be taken into consideration 
Kohlrausch showed theoretically that the error resulting from polanza- 
tion w as determined by the quantity where P is the polanzation 
E M F , -K IS the resistance of the electrolyte in the cell and u is the fre- 
quency of the alternating current It is eindent that the error can be 
made small by adjusfcmg the experimental conditions so that is much 
greater than P^, this can be done by making either a or R, or both, as 
laige as is reasonably possible There is a hmit to the increase m the 
frequency of the A C because the optimum range of audibihty of the 
telephone earpiece is from 1,000 to 4,000 c^ies per sec , and so it is 
desirable to make the resistance high If thm is too high, how ever, the 
current strength may fall below the limit of satisfactory audibility, and 
it IS not possible to determine the balance point of the bndge The 

* Jones and Bradshaw J Am Chm Soc, 55 1780 (1933), see also, Jones and 
Prendergast tfwd 59 73^ ^1937), Brenmer and Thompson, {M, 59, 2371 (1937), 
Davies, J Cketn Soc , 432, 1326 (1937) 
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highest electrolytic resistances which can be measured with accuracy, 
taking advantage of the properties of the vacuum tube audio amplifier, 
are about 50,000 ohms In order to measure low resistances the polan 
zation P should be reduced by adequate platmization of the electrodes, 
but there is a 1 mit to which this can be carried and experiments show 
that resistances below 1,000 ohms cannot be measured accurately The 
res stances which can be deterauned in a given cell therefore, cover a 
ratio of about 50 to unity The observed specific conductances of electro 
lytes m aqueous solution range from approximately 10 ' to 10 ' ohms“* 
cm b and so it is evident that at least three cells of different dimensions, 
that IS with different cell constants, must be available 

Another matter which must be borne m mind m the design of a con- 
ductance cell is the necessity of preventing a nse of temperature m the 
electrolyte due to the heat liberated by the current This can be achieved 
either by using a relatively large volume of solution or by making the 
cell m the form of a long narrow tube which gives good thermal contact 
with the liquid m the thermostat 

Two mam tj pcs of cell have been devised for the accurate measure 
ment of electrolytic conductance, there is the "pipette” type, used by 
Washburn (1916), and the fiaak type, introduced by Hartley and Barrett 
(1913) In the course of a careful study of cells of the pipette form, Parker 

ch the polan 
the cell con- 
hich became 
ers, it was at 
first attnbuted to adsorption of the 
electrolyte by the platinized electrode, 
but its true nature was elucidated by 
Jones and Bollinger * The pipette type 
of cell (Fig 13, 1) 13 electncally equiv- 
alent to the circuit depicted m Fig 13, 
II, the resistance Rn is that of the solu 
bon contained between the electrodes 
in the cell, and this is in parallel with 
the resistance {Rf) of the electrolyte 
in the filling tube at the nght and a 
capacity (Cp) The latter la equiv- 
alent to the distributed capacity be 
tween the electrolyte in the body of 
the cell and the mercury in the con- 
tact tube on the one hand, and the solution m the filling tube, on 
the other hand, the glass walls of the tubes and the thermostat liquid 
act as the dielectric medium An analysis of the effect of shuntmg the 
resistance Rn by a capacity Cp and a rwistance Rp shows that, provided 
* Jones and Bollinger J Am Chem iSioi;,S3 411 (1931), cf Washburn ikd 38 
2431 (1916) 
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the cell IS otherwise reasonably well designed, the error AR m the meas 
ured resistance is given by 

- Afi a (9) 

where w, as before, is the frequency of tiie alternating eurrent Accord- 
ing to equation (9) the apparent cell constant will decrease with increasing 
resistance i2o, as found m the Parker 
effect In order to reduce this source 
of error, it is necessary that Boj m and 
Cp should be small as already seen, 
houever, Bo and u must be large to 
minimize the effect of poianzation, 
and so the shunt capacity C, should be 
neghgible if the Parker effect is to be 
ehminated Since most of the shunt 
capacity lies between the filling tube 
and the portions of the cell of opposite 
polanty (cf Fig 13, I) it is desirable 
that these should be as far as possible 
from each other This principle is em- 
bodied m the cells shown in Fig 14, 
designed by Jones and Bollinger the 
under the tube and the closer tlie 
electrodes, the smaller the cell con- 
stant These cells eohibit no appre- 
ciable Parker effect the cell constants 
are virtuallj independent of the fre- 
quency of the A C and of the resist- 
ance of the electrolyte within reason- 
able limits 

The Parker effect is absent from cells with dipping electrodes, such 
as in cells of the flask type, there are other sources, of eiTor, however, as 
was pointed out by Shedloisky^ In the cell represented diagram- 
matically in Fig 15 I, the true resistance of the solution between the 
electrodes is Bo, and there is a capacity Ci between the contact tubes 
above the electrolyte, and a capacity Ci in senes with a resistance r 
between those parts immersed in the liquid, the equivalent electrical 
circuit IS showm by Fig 15, II When the cell is placed m the arm of a 
Wheatstone bndge it is found necessary to uKert a resistance B and a 
capacity C m parallel in the opposite arm m order to obtain a balance 
(cf p 33) , it can be shown from the theory of alternatmg currents that 

R^RA a 

‘ Shcdlovsky J Am Chem Soc 54, 1411 (1932) 
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highest clwtrobtic rcnstancc-^ Diuch can be mc-TSured \\ith accunev, 
lakiriK ad^intiRC of the propertiM of the \ ncmim-tiibc aiulio-imphfior, 
are nlwut 50,000 olims In order to measure Ion resistmcM tlic polan 
ration P should bo reduced b> adequate platmization of the electrodes, 
but there 19 a limit to nli eh this can lie earned and e'cpenmeiits shon 
that rtM-itances belon 1 000 ohms cannot be measured accurately Tho 
resistances which can be determined in a gi^cn cell, therefore, co\er a 
ntioof about 50 to unity The obsciNcd specific conductances of electro- 
lytes in aqueous solution ranRC from approximately 10 Mo 10 ’ ohms'^ 
cm *, and so it is c\ idcnt that at least three cells of different dimensions, 
tliat Ls witli different coll constants, must be a\ailab!c 

Another matter which must be borne m mind m the design of a con* 
ductancG cell is the neccssitj of proxentmg a nsc of temperature in the 
electrolyte due to the heat 1 herald by thccurrent Th^scanbeachlc^cd 
either by using a rclati\cly lai^c volume of solution or by making the 
cell in the form of a long narrow tube which gi\cs good thermal contact 
with the liquid in the thermostat 

Two mam types of ccU have been devised for the accurate measure 
mont of electrolytic conductance, there is tho "pipette” type, used by 
Washburn (191C),aud the flask type, introduced by Hartley and Barrett 
(1913) In the course of a careful study of cclb of the pipette form, Parker 

(1923) found tliat with solutioas of high resistance, for which the polari- 
sation error i^ negligible, there was an apparent decrease of the cell con- 
stant with mcrca«ing rcaistancc This phenomenon, which bocarao 
know n as tlic " Parker effect,” was confirmed by otlicr workers, it was at 
first attributed to adsorption of tho 
clcctroly tc by the platinized electrode, 
but Its true nature was elucidated by 
JonesandBollmgcr * The pipette type 
of cell (Fig 13, 1) is electncally equiv- 
alent to the circuit depicted in Fig 13, 
^ II, the resistance Pt is that of the solu* 
tion contained between the electrodes 
in the cell and this is in parallel with 
the resistance {Rp) of the electrolyte 
m the filling tube at the right and a 
1 D capacity (C,,) The latter is equiv- 

1 10 13 Illustration of the fo Ike distnbutcd capacity be- 

' Parker effect twccn the electrolyte in the body of 

Ike ccH and the mercury in the con- 
tact tube, on the one hand, and tho polution m the filling tube, on 
the other band, the gla&s walls of the tubes and the thermostat liquid 
act as the dielectric medium An analysis of the effect of shunting the 
resistance /?, by a capacity C, and a resistance R, shows that, provided 
Am Chm Soc 5J 411 (1931), cf, tVaahbum tlnJ.SS 
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the cell js otheroise reasonably well designed, the error m the meas 
ured resistance is given by 

- A/J a UlaCf, (9) 


where a, as before, is the frequenc} of the alternating current Accord- 
ing to equation (9) the apparent cell constant will decrease ivith increasing 
resistance Ra, as found m the Paiier 
effect In order to reduce this source 
of error, ifc is necessary that a and 
C, should be small, as alreadj seen, 
however i?o and u must be large to 
mimtmze the effect of polarization, 
and so the shunt capacity Cp should be 



negbgible if the Parker effect is to be 
eliminated Since most of the shunt 
capacity lies between the filling tube 
and the portions of the cell of opposite 
polanty (cf Fig 13, I) it is desirable 
that these should be as far as possible 
from each other This pnnciple is em- 



bodied m the cells shoirn in Fig 14, 
designed b} Jones and Bollinger, the 
wider the tube and the closer the 
electrodes, the smaller the cell con- 
stant These cells exhibit no appre- 
ciable Parker effect the cell constants 
are ^nitually independent of tlie fre- 
quenc 3 of the A C and of the resist- 
ance of the electrolyte within reason- 



PiQ 14, Cells for accurate con 
ductaoce measurements (Jones and 
Bollinger) 


able limits 


The Parker effect is absent from cells with dipping electrodes, such 
as m cells of the dask type, there are other sources, of error, hon ei er, as 
vas pomted out by Shedloxsky* In the cell represented diagram- 
matically m Fig 15, I, the true resistance of the solution between the 
electrodes is Ro, and there is a capaaty Ci between the contact tubes 
above the electrolyte, and a capaei^ Os m serins with a resistance r 
between those parts immersed m the liquid, the equivalent electneal 
circuit is shown by Fig 15, II When the celt is placed m the arm of a 
Wheatstone bridge it is found necessary to insert a resistance R and a 
capacity C in parallel m the opposite aim in order to obtain a balance 
(cf p 33) , it can be show n from the theory of alternating currents that 


L_4. V 

B~B,\ / 


* Sliedlovsky J dm Ghent iSw 54, 1411 (1932) 
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where r is taken as proportional to Rt, the constant a being equal to 
r/flo It follows, therefore, that if the cell is balanced by a resistance and 
a capacity in parallel, no error results if part of the current through the 
cell IS shunted by a pure capacity such as Ci, since the quantity Cj does 



Fia 15 Equivalent resistance and capaaty 
of flask cell 



Fjq 1C Shedlovsky flask cell 


not appear in equation (10) On the other hand parasitic currents 
resulting from a senes resistance capacity path, i e , involving r and Ct, 
will introduce errors, since the apparent resistance R will be different 
from the true resistance Ro In order to eliminate parasitic currents, 
yet retaining the advantages of the flask type of cell for work with a 
senes of solutions of different concentrations, Shedlovsky designed the 
cell depicted m Fig IG, the experimental solution contained in the flask A 
8 forced by gas pressure through the side tube into the bulb containing 
the electrodes B and B' These consist of perforated platmum cones 
fused to the walls of the bulb, the contact tubes C and C are kept apart 
n order to dimmish the capacity between them The Shedlovsky cell 
'las been used particularly for accurate determination of the conductances 
3f a senes of dilute solutions of strong electrolytes 

Temperature Control— The temperature coefficient of conductance 
jf electrolytes is relatively high, viz, about 2 per cent per degree, in 
3rdcr to obtain an accuracy of two parts m 10,000, which is desirable 
or accurate work, the temperature should be kept constant within 0 01“ 
Fhe use of i\ater m the thermostat is not recommended, this liquid has 
in appreciable conductance and there is consequently a danger of current 
eakage leading to errors in the measurement, as explained below The 
hermostatic liquid should, therefore, be a hydrocarbon oil which is a 
lon-conductor 

Design of the A C Bridge —Strictly speaking the condition of balance 
)f the Wheatstone bndge given by equation (7) is applicable for alter* 
latmg current only if Ri, Ri, Ri and R* are pure resistances It is un« 
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likely that the resistance coils ^ ill be entirely free from inductance and 
capacity and, in addition, the conductance cell and its connecting tubes 
are equivalent to a resistance shunted by a condenser One consequence 
of this fact IS that tlie altematuig currents in the two arms (Bi and Rj) 
of the bridge aie not m phase and it is found impossible to obtam any 
adjustment of the bridge which pves complete silence m the telephone 
earpiece For most purposes, this difficulty may be overcome by the 
use of the condenser K in parallel ivitb the resistance box Rt, as suggested 
on page 33 

For precision work it is necessary, however, to consider the problem 
m furthei detail For alternating current, Ohm’s law takes the form 
E = IZ, where Z is the impedance of the circuit, i e , 2’^ is equal to 
R' -b E-, tlie quantities R and X being the resistance and reactance, 
respectively The condition foi balance of a Wheatstone bridge circuit 
with alternating current is, consequently, 

IjZi liZi 


If there is no leakage of current from the bridge network to ground, or 
from one part of the bridge to any other part, and there is no mutual 
inductance between the arms, Ji is equal to h, and h to J 4 , so that 


2-. -^4 


( 11 ) 


at balance It follows, therefore, that m a Wlieatstone A C bndge, 
under the conditions specified, the impedances, rather than the resist- 
ances, are balanced It can be shown that if the resistances are also to 
be balanced, 1 e , for R^fR-- to be equal to R^Ri, at the same time as 
ZilZi IS equal to ZalZt, it is necessary that 


Xj ^ X2 j Xi Xj 

¥i~J: R¥ Ri 


( 12 ) 


The fraction XjR for any portion of an AC circuit is equal to tan 
where 8 is the phase angle between the voltage and current in the given 
conductor It is seen, therefore, that ihe conditions for the simple 
Wheatstone bndge relationship between residances, 1 e , foi equation (7), 
to be applicable when alternating current is used, are (a) that there should 
be no leakage currents, and (6) that the phase angles should be the same 
in the two pairs of adjacent arms of the brw^e 

These requirements have been satisfied m the A C bndge designed 
for electrolytic conductance measurements by Jones and Josephs,^ the 
second conation is met by makmg the two ratio arms (^3 and Ri, Fig 8) 
as nearly as possible identical in resistance and construction, so that any 

^ Jones atd Josephs, J An Chan Soe , SO, 1049 (1928), see also Luder ibtd , 62, 
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reactance, which is deliberately kept small, is the same in each case. 
In this ^ay Aj//?* is made equal to XtJRt It mav be noted that this 
condition is automatically obtamed when a straight bndge inre is cm- 
plojed The reactance of the measuring cell, i e , Xi, should be made 
small, but as it cannot be eliminated it should be balanced by a \ anabic 
condenser in parallel with the resistance 
box fij, m this can be made 

equal to XtlRi 

It has often been the practice in con- 
ductance work to ground certain parts 
of the bndge network for the purpose 
of improving the sharpness of tlie sound 
minimum in the detector at the balance 
point, unless this is done with care it is 
liable to introduce errors because of the 
existence of leakage currents to earth 
The telephone earpiece must, however, 
be at ground potential, otherwise the 
capacity between the telephone coils and 
the obwrver will result in a leakage of 
current Other sources of leakage are 
introduced by the u«c of vacuum tube 
oscillator and amplifier, and by \anous 
unbalanced capacities to earth, etc 
The special method of grounding 
proposed by Jones and Josephs h illus- 
trated m Fig 17. The bndge circuit 
consists essentially of the resistances 
Rit Rit ^3 and Ri, as in Fig 8, the re- 
sistances Ri and Rt, with the movable 
contact g and the vanable condenser C„ constitute the earthing 
device, which is a modified form of the Wagner ground By means 
of the switch 5i the condenser C, is connected either to A or to i', 
whichever is found to give better results The bndge is first balanced 
by adjusting m the usual manner,* the telephone detector D is then 
disconnected from B' and connected to ground by means of the switch St 
The position of the contact g and the condenser Cg are adjusted until 
there is silence m the telephone, thus bringing B to ground potential 
The switch St is now returned to its onginal position, and Rt is again 
adjusted so as to balance the bndge If the changes from the original 
positions are appreciable, the process of adjusting g and (7, should be 
repeated and the bndge again balanced 

Shielding the A C. Bndge.— In order to eliminate the electrostatic 
influence between parts of the bndge on one another, and also that due 
• This adjustment includes that of* condenser (not shown) in parallel as explained 
above, sec also page 33 and Fig 9 


B' 
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to outside disturbances grounded metallic shields have sometimes beei 
placed between the vaiious paxts of the bndge, or the latter has been 
completely suaounded by such shields It has been stated that this 
foi m of shielding may introduce more error than it eliminates on account 
of the capacity between the shield and the bridge, it has been recom- 
mended, tlierefoie that the external ongm of the disturbance, rather 
than the bridge should he shielded According to Shedlovsky® the 
objection to the use of electrostatic screemng is based on unsymmetncal 
shielding wluch introduces unbalanced capacity effects to earth, further, 
it IS pointed out that it is not always possible to shield the disturbing 
source A budge has, therefore, been designed in which the separate 
arms of each pan are scieened symmetrically, the shields surrounding the 
ceil and the i anable resistance {R') are giounded while those around the 
latio arms (i?3 and Ri) are not The leads connecting the oscillator and 
detectoi to the budge are also screened and grounded In this way 
mutual and external electrostatic mfluenccs on the bridge are chmmated 
By means of a special type of twin vanable condenser, connected across 
Ri and Rt the reactances in tlicse arms can be compensated so as to give 
a sliarj) mimmum m the telephone detector and also the correct con- 
ditions for RilRi to be equal to RsIRt It is probable that the screened 
bridge lias advantages over tiie unscreened bridge when external dis 
turbing influences are considerable 

Preparation of Solvent Conductance Water— Distilled water is a 
poor conductor of electucity but owing to the presence of impurities 
such as ammonia, carbon dioxide and traces of dissolved substances 
derived from containing vessds, air and dust, it has a conductance suffi 
ciently large to have an appreciable effect on the results m accurate work 
This source of erior is of greatest importance with dilute solutions or 
weak electrolytes, because the conductance of the water is then of the 
Tsimib 'yritei ufo uf. ’Isslh U omidiifdannft. of* rha, 

solvent were merely superimposed on that of the electrolyte the correc- 
tion would be a comparatively simple matter The conductance of the 
electrolyte would then be obtained by subtracting that of the solvent 
from the total, this is possible, however, foi a hmited number of solutes 
In most cases the impunties m the water can influence the ionization of 
the electrolyte, or vice versa, or chenucal icaction may occur, and the 
observed conductance of the solution is not the sum of the values of the 
constituents It is desirable, therefore, to use water which is as free as 
possible from impurities, such water is called conductance water, or 
conductivity water 

The purest water hitherto obtained was prepared by Kohlrausch and 
Heydweiller (1894) who distilled it forty two times under leduced pres 
sure, this water had a specific conductance of 0 043 X 10"® ohm ^ cm ‘ 

® Sliedlovsky J Am Chem Soc 52 (1931)) 
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at 18® * Water of such a degree of punty is extremely tedious to pre- 
pare, but the so-called “ultra pure” water, with a specific conductance 
of 0 05 to 0 06 X 10"® ohm * cm at 18®, can be obtained without 
serious difficulty ’’ The chief problem is the removal of carbon dioxide 
and two principles have been adopted to achieve this end, cither a rapid 
stream of pure air is passed through the condenser in which the steam 
IS being condensed in the course of distillation, or a small proportion 
only of the vapor obtained by heating ordinary distilled water is con- 
densed, the gaseous impurities being carried off by the uncondensed 
steam Ultra pure water will mamtam its low conductance only if air is 
ngidly excluded, but as such water is not necessary except m special 
cases, it 13 the practice to allow the water to come to equilibrium with 
the carbon dioxide of the atmosphere The resulting “equilibrium 
water” has a specific conductance of 
0 8 X 10"* ohra~^ cm and is quite 
satisfactory for most conductance 
measurements 

The following bnef outline will 
indicate the method* used for the 
ready preparation of water having a 
specific conductance of 0 8 X 10"* 
ohm"* cm it utilizes both the air- 
stream and partial condensationmeth- 
ods of purification The 20 liter boiler 
A (Fig 18) IS of copper, while the 
remainder of the apparatus should be 
made of pure tm or of heavily tinned 
copper Distilled water contammg 
sodium hydroxide and potassium per- 
manganate 13 placed m the boiler and 
the steam passes first through the trap 
B, which collects spray, and then into 
the tube C A current of punfied 
air, drawn through the apparatus by 
connecting D and £ to a water pump, 
enters at F, a suction of about 8 inches of water is employed The tem- 
perature of the condenser C is so arranged (about 80®) that approximately 
half as much water is condensed in /f as m /, the best conductance 

* Calculations based on the knovm ionisation product of water and the conductances 
of the hydrogen and hydroxyl ions at infini te dilution (see p 340) show that the specific 
conductance of perfectly pure water should be 0 X 10"* ohm"‘ cm "■* at 18® 

^ Kraus and Dexter J Am Ckm Soe 44 2468 (1922), Bencowitz and Hotchkiss, 
J Phys Chem, 29 705 (1925), Stuart and Wormwell J Chem Soc 85 (1930) 

* Vogel and JeSery, J Cktm Soc , 1201 (IWl) 
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T 5 ater collects in tbe P 3 le^ fiask 7, ^hile a sjmeu'hat inferior quaht} is 
obtained m larger amount at K 

For general laboratory measurements water of specific conductance 
of about 1 X 10"® ohm"^ cm at 18“ 15 satisfactory , this can be obtained 
by distilling good distilled nater, tonhicbasiaall quantity of permanga- 
nate or Kessler’s solution is added A distilling flask of resistance glass 
IS used and the vapor is condensed either in a block tin condenser or m 
one of resistance glass If corks are used they should be covered with 
tin foil to prevent direct contact with nater or steam 

Non-aqueous solv ents should be punfied h\ careful distillation, special 
care being taken to eliminate all traces of moisture Not only are con- 
ductances in iiater appreciably different from those in non aqueous 
media, but m certain cases, particularly if the clcctrolj'tic solution con 
tains hydrogen, hidroxvl or alkoxyl 10 ns, small quantities of water haie 
a y ery considerable effect on the conductance Precautions should thus 
bo taken to prevent access of water, as well as of carbon dioxide and 
ammonia from the atmosphere 

Solvent Corrections —The extent of the correction which must be 
applied for the conductance of the soKenf depends on the natuie of the 
electrolyte, ’ although not all workers are m complete agreement on the 
subject the following conclusions are generally accepted If the solute 
IS a neutral salt, 1 e , the salt of a strong acid and a strong ba«e, the 
lomzation and conduetnncc of the carbonic acid, which is the mam jin- 
punty in water, arc not affected to any great extent, the whole of the 
conductance of the aoh ent should then be subtracted from that of the 
solution With such electrolytes the particular kind of conductance 
watei employed is not critical Stnctly speaking the change in ionic 
concentration due to the presence of the salt does affect the conductance 
of the carbonic acid to some extent, when the sob ent correction is a 
smafl proportion 01 'foe ‘tdta’i, e g , m sohutions ol nedirai 'a’fcs more con- 
centrated than about 10 ’x, the alterafaon is negligible For more 
dilute solutions, howeier, it is adnsable to employ ultra pure water, 
precautions being taken to prevent the access of carbon dioxide 

Salts of weak bases 01 w eak acids are hydroly zed m aqueous solution 
(see Chap XI) and they behave as if they contained excess of strong 
acid and strong base, respectavely According to the law of mass action 
the pi esence of one acid represses, the ionization of a w enker one, so that 
the eflectne conductance of the water, which is due mainly to carbonic 
acid, is diminished The sohent correction in the case of a salt of a 
weak base and a stiong acid should thus be somewhat less than the total 
conductance of the water For solutions of salts of a weak acid and a 
strong base, which react aikalme the correctioii is uncertain but methods 
of calculating it haie been desenbed, they are based on the assumption 

® Kolthoff Rec irav chn 48 664- (1929), Davies Tram Faraday Soc 2S 12^ 
(1929), ‘ The Conductivity of Solutions 1933 Chap I? 
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that the impunty m the water is carbonic acid If ultra pure water is 
used, the solvent correction can generallj be ignored, provided the solu- 
tion IS not too dilute 

If the solution being studied is one of a strong acid of concentration 
greater than 10“* n, the ionization of the weak carbonic acid is depressed 
to such an extent that its contribution towards the total conductance is 
negligible In these circumstances no water correction is necessary, at 
most, the \alue for pure water, i e , about 0 04 X 10 ® ohm ‘ cm at 
ordinary temperatures, may bo subtracted from the total If the con- 
centration of the strong acid is less than 10 ~< n, a small correction 13 
necessary and its magnitude may be calculated from the dissociation 
constant of carbonic acid 

The speci6c conductance of a 10^ n solution of a strong acid, which 
represents the low est concentration for which the soh ent correction may- 
be Ignored, is about 3 5 X 10"* ohm ^ cm ^ Similarly, with weak aenfe 
the correction is unnecessary provided the specific conductance exceeds 
this value For more dilute solutions the appropnate correction may be 
calculated, as mentioned above 

The solvent correction to be applied to the results obtained with 
solutions of bases is very uncertain, the partial neutralization of the 
alkali by the carbonic acid of the conductance water results in a decrease 
of conductance, and so the solvent correction should be added, rather 
than subtracted A method of calculating the value of the correction 
has been suggested, but it would appear to be best to employ ultra pure 
water m conductance work with bases 

With non aqueous solvents of a hydroxylic typo, such as alcohols, the 
corrections are probably similar to those for water, other sohents must 
be considered on their own ments In general, the solvent should be 
as pure as possible, so that the correction is, in any case, small, as mdi 
cated above, access of atmospheric moisture, carbon dioxide and ammonia 
should be rigorously prevented Since non hydroxylic solvents such as 
acetone, acetonitrile, mtromethanc, etc , ha\e aery small conductances 
when pure, the correction is generally negligible 

Preparation of Solutions — When the conductances of a senes of 
solutions of a gu cn electroljdc are being measured, it is the custom to 
determine the conductance of the water first Some investigators recom- 
mend that measurements should then commence with the most concen- 
trated solution of the senes, m order to diminish the po<?sibiIity of error 
resulting from the adsorption of solute from the more dilute solutions 
by the finely divided platinum on the electrodes I\Tien working with 
cells of the flask type it is the general practice, however, to fill the cell 
with a known amount of pure solvent, and then to add successive small 
quantities of a concentrated solution of the electrolyte, of know n con- 

Davies Trans Faraday Soc , ZS 607 (1932), Maclnnes and Shedlovsky J Am 
Chm S(K 54 1429 (1932), Jeffery, Vogcland Lowry, J Chm Soc, 1637 (1933), 166 
(1934), 21 (1935) 
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eentmtion from a, Height 6iii«tc cells of other tj^es are osed 

It IS necessary to prepare a separate solubon fo- each measiircMt 
this procedure must be adopted m any case if the solute is relatively 
insoluble 

Direct Current Methods -^A few measurements of electrolytic eon 
ducfcance faa^e been made uith direct current and non-polanzable elec- 
trodes, tile electrodes employ^ lia\e been mercury mercurous clibude 
m chlondc solutions, merour} -mercurous sulfate in sulfate solutions and 
hjdrogen electrodes w acid (>kctn>}ytes * Tno mm pnnapJes h\e 
lieen applied in the first the direct current is passed bek een two elec 
trodcs uhose nature is iraraatenal the tno non polanjable electrodes 
are tiien insei ted at definite points in the electrolyte and the fad of 
potential between them is measured The current strength is calculated 
by determining the potential difference between two ends of a wire of 
accurateJj knonn resistance placed in the circuit Knowing the poten 
tial difference between the two non jwlanzablc electrodes and the current 
passing the resistance of the column of solution separating these elec 
(rodes is obtained immediately by means of Ohms law The second 
pnnwple which has been employ ed is to use the non polanzublc electrodes 
for leading dnect current into and out of the solution in the normal 
manner and to determine the resistance of the electrolyte by means of a 
IVlieatstone bridge netwoih A sensitnc mirror galvanometer is used 
as the null instrument and no apccial precautions need be taken to avoid 
inductance, capacity and leakage effects, since these do not arise with 
direct current “ 

The cell? used m the direct current measurements are quite different 
from those employed with alternating current there is nothing cntvcal 
about their design and they gcDorally consist of bonrootal tubes with 
the electrodes inserted either at the ends or at definite intennediate 
positions The constants of the cdls are determined either by direct 
measurement of the tubes, by means of mercury, or by usmg au electro- 
b te whose specific eonductancB is known accurately from oiiier sources 
It IS of interest to record that where data are available for both du’ect 
and alternating current raetboife, the i^reemint is very satisfactory, 
sbomag that the use of alternating current does not introduce any in- 
herent error The direct ciirreut method has the disadvantage of being 
applicable only to those electrolytes for which non polarizable electrodes 
can be found 

The following simple method for measurmg tiie resistance of solutions 
of very low specific conductance has been used ** A battery of storage 

* The natoe of these electrodes will be undastood better dter Chap YI has beeo 
studied 

"Eastman J Am Chm Soc 42 1W8 (1920), Br^nsted and Nielsen Trans 
Faraday Soc 31 1478 (I93o) indrerc and J Am Chem &?c 69 871 (1938) 

"LaMer and Downes J Aw Om Soc S3 888 (1931), Fuoss and Krans ibtd 
S5 21 (1933), Bent and Dorfman ibid 57 1924(1955) 
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cells, having an e ir f of about 150 volts, is applied to the solution \\hose 
resistance exceeds 100,000 ohms, the strength of the current ^vhich 
passes IS then meagured on a calibrated mirror galvanometer From a 
knowledge of the applied voltage and the current strength, the resistance 
IS calculated with the aid of Ohm's hw In view of the high e m f 
employed, rclatu c to the polarization e it p , the error due to polarization 
13 \ery small, further, since only mmutc currents flo;\, the influence of 
electrolysis and heating is negligible 

Conductance Determinations at High Voltage and High Frequency.^- 
Thc electrolj tic conductances of solutions with alternating current of very 
high frequenej or of high \oltage have acquired special interest m con- 
nection with modern theories of electrolytic solutions Under these 



extreme conditions the simple Wheatstone bridge method cannot be used, 
and other experimental procedurra hax c been desenbed The chief diffi- 
culty lies m the determination of the balance point, and in this connection 
the "barretter bridge” has been found to bo particularly valuable 
A form of this bndge is sho^ n m Fig 19, II, it is ; irtually a Wheatstone 
bndge, one arm containing the choke inductances Si and Ss, and a small 
fine-wiro fliament "barretter” lamp (fi), across which is shunted a coup- 
ling inductance and a condenser Ci; the corresponding arm of the 
bndge contams the chokes S* and Si, and the barretter tube h, which is 
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careful!} matched with shunted b/ the coupling inductance U- and 
the condenser Cj The ratio arms of the bridge consist of the \ anable 
resistances Ri and Ri The actuatmg direct current \oltage for the 
bridge is supplied bi a direct current batter} , and the detectmg instru- 
ment IS the galvanometer G, an mductance m senes with the latter 
prevente induced currents from passmg through it At the begmmng of 
the expenraent the resistances Rz and Rt are adjusted until the bridge 
IS balanced 

The actual resistance circuit is depicted m Fig 1%1,K is the con 
ductance cell and ^ is a variable le'^istance which are coupled to the 
barretter arcmt b\ means of the inductances Li and L- The high fre- 
quency or high 1 oltage is apphed to the termmals of this circuit, and the 
currents induced m the bridge ate restxieted to the barretters b and I« b} 
the paira of inductances Sr-Sj and S' S« respectnel} The hcatmg 
effect of these currents causes a change of resistance of the barretters, and 
if the currents m Li and are different, the bndge will be thrown out 
of balance The res stance i? is then adjusted until the bridge remains 
balanced when the current is apphed to the cell circuit The cell K is 
non replaced b^ a standard a anable resistance and, keeping R constant, 
this IS adjusted until the bndge is again balanced the value of this re- 
'sistance is then equal to that of the cell K 

Results of Conductance Measurements —The results recorded here 
refer to measurements made at A C frequencies and voltages that are 
not too high, 1 e , one to four thousand cycles per see and a few volts per 
cm , lespectn el} Under these conditions the electrohdic conductances 
are independent of the voltage, i e , Ohm’s lavs is obe}ed, and of fre- 
quency, provided polarization is ehmmated Although the property of 
a solution that is actuall} measured is the specific conductance at a given 
concentration, this quantity is not so useful for comparison purpo'eo as 
i5 tie equiialent fonductauce, the latter gives a maasure of the con- 
ducting power of the ions produced by one equiv alent of the electrolyte 
at the given concentration and is mvatiably emplo} ed in electrochemical 
work The equivalent conductance is calculated from the measured 
specific conductance b\ means of equation (5) 

A large number of conductance measurements of v ar}ung degrees of 
accurac} hav e been reported, the most reliable results for some electro- 
lytes m aqueous solution at 25® are recorded m Table ATII, the concen- 
trations being expressed m equivalents per hter“ 

^hese data show that the equivalent conductance, and hence the con- 
ducing power oUthe^OBS m one gram equivalent of any electrohde ^ 
mcrea'=!gsj} ^5deccgasiDg concent ratiQD The figures appear to approacn 

“ Milsch and Wien Ann PhyziJ 83 305(1927) NecK ibid 8 929 (1931), Wien 
m 11 429 (1931) Schiele PhysA Z 35 632 (1934) 

1 For a critical compilation of leccnt accurate data seeMacInnes ‘The Principles 
of Electroehcmistn 1939 p 339, for other data International Cntical Tables Vol 
VT and the Landolt-Bomsteia Tahdlen should be consulted. 
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TABLE Vin EQClVALEVr CONDCCTANCSa AT 2o* LN 0nM3"‘ CM * 


Conctu 

IICI 

KCl 

Nil 

NtOH 

AgNOi 

IBiCli 

JN SO. 

ILaClj 

lK,Fe(C'J), 

OOOOSn 

42274 

147 81 

125 30 

246 

13136 

135 96 

118 7 

1396 

_ 

0 001 

421 30 

146 9o 

12420 

245 

13051 

13134 

1131 

1370 

16721 

0 005 

41580 

143 55 

121 25 

240 

12720 

12S02 

93 2 

1275 

14600 

001 

41200 

14127 

119 24 

237 

12476 

123 W 

827 

1218 

13183 

002 

40724 

138 31 

116 70 

233 

121 41 

11909 

723 

1153 

122 82 

0 05 

399 09 

133 37 

11279 

227 

115 2t 

11148 

692 

1062 

107 70 

010 

391 32 

12S96 

lOS 78 

221 

109 14 

IOj 19 

50 8 

991 

9787 


a limiting value m very dilute solutions, this quantity is known as the 
equivalent conductance at infinite dilution and is represented by the 
symbol Ao 

An examination of the results of conductance measurements of many 
electrolytes of different kinds shows that the variation of the equivalent 
conductance with concentration depends to a great extent on the iypt of 
electrolyte, rather than on its actual nature For strong urn univalent 
electrolytes, i e , with univalent cation and anion, such as hydrochloric 
acid the alkali hydroxides and the alkali halides, the decrease of equiva- 
lent conductance with increasing concentration is not very large As the 
valence of the ions increases, however, the falling off is more marked, 
this IS shown by the curves in Fig 20 m which the equivalent conduct- 
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ances of potassium chloride, a tjpical unwmnalent strong electro!} tc, 
and of nickel sulfate, a bi bivalent electrolyte, are plotted as functions of 
the concentration Electrolytes of an intermediate valence type, e g , 
potassium sulfate, a uni-bivalent electrolyte, and barium chlonde, nhich 
IS a bi-uni\ alent salt, behave m an intermediate manner 

The substances referred to m Table VIII are all strong, or relatnely 
strong, electrolytes, but wesde electrol 3 rtes, such as neak acids and bases, 
exhibit an apparently different behavior The results for acetic acid, a 
typical weak electrolyte, at 25“ aie given in Table IX 

TABLE IX EQUrVALENT CONMICrAlfCE OP ACETIC ACID AT 25° 

Conca 0 0001 0 001 0 005 0 01 0 02 0 05 OIOn 

A 131 6 4863 2280 1620 1157 7 36 5 20ohms>cn* 

It IS seen that at the higher concentrations the equivalent conductance 
IS very low, which is the characteristic of a weak electrolyte, but in the 
more dilute solutions the values rise with great rapidity, the limiting 
equivalent conductance of acetic acid is known from other sources to be 
390 7 ohms"^ cm ^ at 25®, and so there must be an increase from 131 6 
to tins value as the solution is made more dilute than lO"^ equiv per 
liter The plot of the results for acetic acid, shown m Pig 20, may be 
regarded as characteristic of a weak electrolyte As mentioned m 
Chap I, It IS not possible to make a sharp distinction between electro 
lytes of different classes, and the vanation of the equivalent conductance 
of an intermediate electrolyte, such as tnchloroacetic, cj anoacetic and 
mandelic acids, lies between that for a ueak electrolyte, e g , acetic acid, 
and^ moderately strong electrolyte, e g , nickel sulfate (cf Fig 20) 
\MThe Conductance Ratio —The ratio of the equivalent conductance 
(iVat any concentration to that at lafimte dilution (Ao)* has played an 
important part m the development of electrochemistry, it is c^led the 
conductance ratio, and is given the symbol a, thus 

.a J w 

to the calculations referred to on pj^ 10, Arrhenius assumed the con- 
ductance ratio to be equal to the degree of dissociation of the electro- 
lyte, this appeal’s to be approxunately true for weak electrolytes, but 
not for salts and strong acids and base^ Quite apart from any theoreti- 
cal significance which the conductance ratio may have, it is a useful 
empirical quantity because it indicates the extent to ■which the eqmvalent 
conductance at any specified concentration differs from the limiting value 
The change of conductance ratio with concentration gives a measure of 
the coiresponding falbng off of the eqmvalent conductance In accord- 
ance with the remarks made previously concerning the connection be- 

* For the methods of extrapola^on of omdutfance data to give the limiting value, 
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tween the variation of equivalent conductance with concentration and 
the valence type of the dcctroljte, a similar relationship should hold for 
the conductance ratio In dilute solutions of strong electrolj tes, other 
than acids, the conductance ratio is m fact almost independent of the 
nature of the salt and is determined almost entirelj bj its \ alence 
Some mean values, den\ ed from the study of a number of electrolytes 
at room temperatures, are given m Table X, the conductance ratio at any 


TABLE T COVDCCTAKCE RATIO AVD VALENCE TtTE OF SiLT 


Valence TjT)e 

0001 

001 

01 V 

Uni uni 

09S 

093 

083 

Urabi) 

Bi uni/ 

OOd 

087 

0 75 

Bi bi 

085 

06o 

040 


given concentration is seen to be smaller the higher the n alence tjpe 
For weak electrolytes the conductance ratios are ob\ louslj very much 
less, as IS immediately evident from the data m Table IX 

As a general rule increase of temperature increases the equivalent 
conductance both at mhmte dilution and at a dehnite concentration, the 
conductance ratio, howcier, usuall} decreases with increasing tempera- 
ture, the effect being greater the higher the concentration These con- 
clusions are supported by the results for potassium chlonde solutions m 
Table XI taken from the extensile measurements of Noyes and his 

TABLE XI YARUTIOV OP COVDOCTANCB RATIO OF POTASSIUM CHLORIDE SOLUTlOVS 
VrrR TEUFERATCRB 



18’ 

100’ 

150’ 

21S* 

306’ 

OOlN 

OW 

091 

090 

090 

081 

OOSn 

0 87 

083 

080 

077 

O&i 


collaborators “ The fallmg off is more marked for electrolj tes of higher 
valence type, and especially for weak electrolytes A few cases are known 
m which the conductance ratio passes through a maximum as the tem- 
perature IS increased, this effect is probably due to changes m the extent 
of dissociation of relatively weak electrolj tes 

Equivalent Conductance Minima —Provided the dielectric constant 
of the medium is greater than about 30, the conductance behavior in that 
medium is usually similar to that of electrolj tes m water, the differences 
are not fundamental and are generallj differences of degree only With 
solvents of low dielectnc constant, howev er, the eqiiiv alent conductances 
often exhibit distinct abnormalities It is frequently found, for example, 
that with decreasing concentration, the equiv alent conductance decreases 
mstead of mcreasmg, at a certam concentration, however, the value 
passes through a mmimum and the subsequent vanation is normal In 
other cases, e g , potassium iodide m liquid sulfur dioxide and tetra 
“NojcseloZ J Am Chem Soe 32 159 (I9l0) we also Kraus ‘Electrically 
Conducting Sj'sfem'i ‘ 1922 Chap VI 
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propylammoniuiQ iodide m meth 3 leDe chlonde, the equivalent conduct- 
ances pass through a maxiuvum and a minimum Mvth decTftasmg concen- 
tration The proWem of the miounum equivalent conductance vas 
investigated by Walden who concluded that there vas a definite rela- 
tionship between the conc^tratioD at Mhich such a munmura could be 
observed and the dielectnc constant of the solvent If c^,n is the con- 
centration for the raiminum equivalent conductance, and h is the dielec- 
ric constant of the medium, then Walden’s conclusion may be repre- 
lented as 

(14) 

iJiere i is a constant for the given electrolyte It is evident from this 
equation that m solvents of hi^ dielectric constant the minimum should 
le observed only at extremely high concentrations, even if such solutions 
ould be prepared, it is probable that other factors would interfere under 
hese conditions It wdl be seen later that equation (14) has a theoreti- 
al basis 



Jogc 

Fig 21 Influence of dielectnc constant on conductance (Tuoss and Kraus) 
« WaWen, Z physik Chan , 94 , 263 (1920), 100, 512 (1922) 
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The influence of dielcctnc constant on the vanation of equiva 
conductance with concentration has been demonstrated m a stnl 
manner by the measurements made by Fuoss and Kraus on te 
isoamylamraonium nitrate at 25® in a senes of mixtures of water 
dioxane, with dielectric constant varying from 78 G to 2 2 The res 
obtained are depicted graphically m Pig 21, the dicJectnc constan 
the medium being indicated in each case, in view of the large rang 
conductances and concentrations the figure has been made more comj 
by plotting log A against log c It is seen that as the dielcctnc consi 
becomes emaller, the falling ofli of equivalent conductance ^M^h increai 
concentration is more marked At sufficiently low dielcctnc constf 
the conductance minimum becomes evident; the concentration at wl 
this occurs decreases with decreasing dielcctnc constant, m accords 
with the Walden equation The theoretical implication of these res 
will be considered more fully m Chap V 

Equivalent Conductance at Mmte Dilution —A number of metli 
have been proposed at vanous times for the extrapolation of exj; 
mental equivalent conductances to give the values at infinite dilut 
Moat of the procedures desenbed for strong electrolytes are based on 
use of a formula of the type 


A a Ao - oC, ( 

where A is the equivalent conductance measured at concentration c, 
quantities a and n arc constants, the latter being approximately 0 5 
required by the modem theoretical treatment of electrolytes If d 
for sufficiently dilute solutions arc available, a reasonably satisfact 
value for Ag may be obtained by plotting the experimental equiva! 
conductances against the square root of the concentration and perform 
s iWjt cxiJfirpuikrliun tb .i l / i f 

recent accurate work, if an 
completely the variation of 

range of concentrations, it follows, therefore, that no simple extrape 
tion procedure can be regarded as entirely satisfactory An jmproi 
method is based on the theoretical Onsager equation (p 90), i e , 

A = AS - (i + fiAS)Vc, 

,, A + /tVc 

where A and B are constants which may be evaluated from knoi 
properties of the solvent The results for Aj derived from this equati 
for solutions of appreciable concentration are not constant, and her 
the prime has been added to the symbol for the equivalent conductan' 

"Fuoss and Kraus J Am Chm Soc 5S 21 (1933) 

“Shedlovsky, J Am Chm 5oc , 54, UOo (1932) 
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™“5’ “*“"8 elMtolytes is a linear function of the concentration, 
thus 

tt ' ^ ^ + ac, 

”, SO that if the values of An are plotted against the concentration c, the 
equivalent conductance at infinite dilution may be obtained by linear 
‘f-ih extrapolation. The data for 


sodium chloride and hydro- 
'ti- chloric acid at 25® are shown 
i r in Fig. 22; the limiting equiv- 
''ty alent conductances at zero 
concentration are 126.45 and 
;; 426.16ohm"^cm.-, respectively. 
.V\'i Fox msk aJertJoljd^ no 
form of extrapolation is sat- 
isfactory, as will be etddent 
"■ ' from an examination of Fig. 
20. The equivalent conduct- 
ance at infinite dilution can 
then be obtained only from 
the values of the individ- 
ual ions, as will be described 
shortly. For electrolytes ex- 
hibiting intermediate behav- 
ior, e.g., solutions of salts in 
media of relatively low di- 
; electric constant, an extrapo- 
iation method based on theo- 
retical considerations can be 
employed (see p. 167). 

I The Independent Migratioa 
-rf ductances at infinite dilution of 
- ' in common will bring to light cer 



Conceotiatioa In E<iui7. per liter 
Fig. 22. Extrapolation to infinite dilution 

of Ions.— A survey of equivalent con- 
a number of electrolytes having an ion 
tab regularitias; the data m Table XII, 


TABLE XII. COMPARISON OF EODIFALEXT CONDUCTANCES AT INFINITE DILUTION 


Electrob'te 

Ao 

Electrolj'te 

Ao 

Difference 

KCl 

130.0 

Naa 

10S.9 

21.1 

KXO, 

1263 

NaJ^Oi 

105.2 

211 

E^Oi 

133.0 

Na-SO, 

111.9 

21.1 


' for example, arc for correspondii^ sodium and potassium salts at 18®. 
The difference between the conductances of a potassium and a sodium 
'■ ‘ salt of the same anion is seen to be bdependent of the nature of the latter. 
> ■= Similar resulb have been obtabed for other pairs of salts nith an anion 
or a cation in common, both m aqueous and non-aqueous solvents. 
Observations of this kind were first n^e by Kohlrausch (1879, 1885) by 
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companng equivalent conductances at high dilutions, he ascnbed 
to the fact that under these conditions every ion makes a definite 
tnbution towards the equivalent conductajice of the electrolyte, 
spective of the nature of the other ion with which it is associated i 
solution The value of the equivalent conductance at infinite dil 
thus be regarded as made up of the sum of two independent fat 
one charactenstic of each ion, this result is known as Kohlrausch’g L 
mdependent migration of ions The law may be expressed in the 

Ao = "b X** , 

where X+ and X“ are known as the ion conductances, of cation and a 
respectively, at infinite dilution The ion conductance is a definite 
stant for each ion, m a given solvent, its value depending only oi 
temperature 

It will be seen later that the ion conductances at infinite dilutio 
related to the speeds with which the ions move under the influence 
applied potential gradient Although it is possible to derive their v 
from the equivalent conductances of a number of electrolytes by a mt 
of tnal and error, a much more satisfactory procedure is based on the i 
accurate transference number data, these transference numbers are c 
mined by the relative speeds of the ions present m the elcctrolyt« 
hence are related to the relative ion conductances The determin; 
of transfereuee numbers will be described in Chap IV and the rneth* 
evaluating ion conductances will be given there, the results will, how 
be anticipated and some of the best values for ion conductances in t 
at 25* are quoted m Table XIII It should be noted that since thes 

TABLE XIIL ION CONDtrCTANCEa AT INKUnTB DILTmON AT 2j® IN a 


Cation 

xi 

aXIO* 

Anion 

x!. 

aX 

H+ 

34982 

142 

OH 

198 

16 

T1+ 

747 

187 

Br- 

78 4 

18 

K+ 

73 52 

159 

I 

768 

IS 

NH+ 

734 

192 

a 

76 34 

18 

Ag" 

6192 

197 

NO, 

71 44 

IS 

Na+ 

50 11 

209 

CIO, 

68 0 


Li+ 

3869 

226 

HCO, 

44 5 

— 


6364 

20C 

iso, 

79 8 

19 

jCa*+ 

5950 

211 

JFe(CN). - 

1010 

— 

§Sf++ 

5946 

211 

!Fe(CN). 

110 5 

— 


53 06 

218 





actually equn dent conductances, symbols such as and |Fe(CN] 

are employed (The quantities recorded m the columns headed a 
approximate temperature coefficients, their significance will be expla 
on page 61 ) 

In the results recorded m Table XIII, there appears to be no 
nection between ionic size and conductance, for a number of ions 

«See Macinnes J Franklin Iflst 225 661 (1938), “The Pnnciples of El< 
chemistiy “ 1939, p 342 
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longing to a homologous senes, is for example the ions of normal fait, 
acids, 1 gi adua! decrease of conductance is obsetred and a limiting , ahie 
appears to be approached uith mcreasmg chain length The data for 
certain fatty acid anions are knonu accurately, but others are approxi- 
mate only, the values in Table XIV, nevertheless, shoii the definite trend 


TABLE Xn 10\ CONBUCTAWCES OP TATTr ACID lOVS AT 2j'’ 


Aruoii 

lormula 

x" 

Formate 

HCO 

~')2 ohms 'em' 

Acetate 

CH,COi 

409 

Propionate 

CH»CH:CO 

33 8 

Butyrate 

CHjCCHj) CO, 

32 C 

Valerianate 

CH,(CHj)jCO, 
CH,(CH ),CO, 

~29 

Capioatc 

~28 


towards a constant ion conductance A similar tendency has been ob 
served in connection with tlie conductances of alkylammonmm ions 
A large number of ion conductances, of more or less accuracy, hai e 
been deteimmed in non aqueous solvents refeience to these m ill be made 
shortly m the section dealing inth the relationship between the con 
ductance of a given ion in various so!\ enls and the viscosities of the latter 
Application of Ion Conductances —An important use of ion con- 
ductances 18 to determine the equn alcnt conductance at infinite dilution 
of certain electrolytes which cannot be, or have not been, evaluated from 
experimental data For example, with a weak electiolyte the e\trapo 
lation to mfimte dilution is ver) uncertain, and w ith sparingly soluble 
salts the number of measurements which can be made at appreciablj 
diffeient concentrations is very limited The \ alue of Ao can, how c\ er, 
be obtained by adding the ion conductances For example, the equn a- 
lent conductance of acetic acid at infinite dilution is the sura of the con 
ductances of tiie hydrogen and acetate ions, the former is derived from 
a study of strong acids and the latter fiom raeasurementb on acetates 
It follows, therefore, that at 25'’ 

Ao^CHjCO R) = + AcH CO 

= 349 8 + 40 9 = 390 7 ohms'’ cm " 

The same result can be deiived m another manner whicli is often con- 
venient since it avoids the necessity of separating the conductance of an 
electrolyte into the contnbutions of its const tuent ions The equn alcnt 
conductance of any electrolyte MA at infinite dilution A(j(^i\.) is equal to 
AV + Xa , wheie and XS aie the lOu conductances of the ions M+ 
and A' at mfimte dilution, it follows, therefore, that 


Ao(MA) = Aooici) + AopjaV) Ao(NaCl), 
wheic A,(i.a, and ate the equnilcnt miidiiclanccs it 

infinite dilution of the chloride of the metal M, i c , MCI, of the sodium 
alt of the anion A i c , NaA, and of sodium chlonde, respectn elj Any 
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con\CT»cnt anion may be instead of the chloride ion, and f-imihr 
the 8odmm ion may be replaced bj another met dhe cation or by tl 
bjdrogcn ion For example, if M+ is the h>droRtn ion and A" is tl 
acetate ion, it follows that 


'\«(Cn,CO,!!) — AbjhcJ) + -^fllCIIjCOiN*) “ \o(S»Cl) 

= 426.16 + 9! 0 120 40 

“ 390 71 ohms"* cm * at 25'^ 


In order to determine the equivalent conductance of a sparing 
soluble salt it is the practice to add the conductnnres of the cnnstituci 
ions, thus for silver chloride and baniim sulfate the results arc is follow 

*\<l{AiCI) = + Xci 

» 61 92 + 76 34 = 1383 ohms ' cm » at 25", 
A(kid.so,) “ XiDt** + 

= 63 G4 + 79 8 = 143 4 olims"' cm * at 25" 


/Absolute lomc Velocities, Ionic Mobilities.— The approach of tl 
V^uivalcnt conductances of all clcctroljtcs to a limiting value at vci 
high dilutions may be ascribed to the fact that under these couditioi 
all the ions that can be derived from one gram equivalent are taking pa 
in conducting the current At Ingh dilutions, tliercforc, solutions co 
taming one equivalent of vanous clcclroljtcs will contnm cquivnlei 
' / ' ' " alMhc ions will thus be tl 

'v • ‘ ‘ 


electrolyte must depend only on th e lomc voloc iticsfit is the didcrcn' 
in the speeds of the ions which is consequent!} rc'-pomlldo for the diffo 
ent values of ion conduclanceA Tlie&pccd with which a charged partir 
moves IS proportional to the i»tcntial gradient, i c , the fall of potonti 
per cm , directing the motion, and so the speeds of ions arc spccifii 
’ ' ' ' > * I one volt per cm These «!poe( 


i' ' ’ es of positive and negative loi 

of a given cIcctroI}tc at in6nite dilution under unit potential gradicu 
1 c , tlic rcspectiv e mobilities, then the equiv alcnt conductance at infinii 
dilution must bo proportional to the sum of these quantities, thus 

Ao = Uu;-Fwl) = iLi4 + Ui, (11 

wlierc k IS the proportionality constant which must be the same for i 
electrolytes The equivalent conductance, as seen above, is the sura t 
the ion conductances, i c , 
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and since X+ and u\ are determined only by the nature of the positn c 
ion, wlule and ul aie determined only by the negative ion, it folioivs 
that 

X+ = lu\ and X?. = lu°_ (18) 

Imagine a very dilute solution of an electrolyte, at a concentration 
c equiv_ per li ter to be placed m a cube of 1 cm side vith square elec- 
trodes of 1 sq cm area at opposite faces, and suppose an e m f of 1 a olt 
to be applied ( By definition the specific conductance (\) is the con 
distance of a.£&nti meter ci^Aana the equivalent conductance of the 
given dilute solution, which ^ virtually that at mfimte dilution, is 
1000//C [see equation (5)] so that 

1000 ^ = Afl = X'[ -I- 

c(X^ + \i) 

‘ 1000 

It ’!\as shown on page 30 that nhen a potential difference of 1 volt is 
applied to a 1 cm cube, the current m amperes is numcncahy^quaT to 
the specific ’condu ctan ce, i e , 



and this represents the number of coulombs flonmg thiough the cube 
pel second 

Since the mobilities «+ and ui are the ionic velocities m cm per sec 
under a fall of potential of 1 volt pei era , all the cations u itlim a l ength 
of cm will pass across a given plane m the direction of the current 
m , while all the anions within a Jpngthjifjt^n^ pass m the 
op^tc dnection /mhe p}aTie has an area Isq cis , ail the caUons 
m a V olume i4 and all the anions in cc v ill moi e in opposite 
directions per sec , since I cc of the solution contains c/lQOQ equu , it 
folloi\s that a total of («•+ + tt")c/1000 equiv of cations and araons uill 
be tiansported by the current m 1 scc^ Each equivalent of an 3 '' ion 
carries one faraday (f) of electricity, hCnce the total quantity carried 
per see will be F{v% + w") c/1000 coulomb'? It has been seen that 
the quantity of electricity flowing per sec through the 1 cm cube is 
equal to I as given abo\ c, consequently, 

r(H!;.+»°)c _ c(x"+ + xe.) 

JOOO 1000 

ni4 + «-) = 4 + x"_ (19) 

It follows, therefore that the constant k m equation (17) is equal to F, 
and hence by equation (18), 

X^. - Ful and = fu"- 


( 20 ) 
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The absolute \elocitj of any ion in cm perscc under a potential gradient 
of 1 volt per cm can thus be obtained by dividing the ion conductance 
in ohms"* cm® by the lalue of the faraday m coulombs, le, 96,500 
Since the \elocity is proportional to the potential gradient, as a conse- 
quence of the applicabiht} of Ohm’s law to electroI> tes, the speed of an 
ion can be e^aluated for any desired fall of potential It should be 
pointed out that equation (20) gi\ es the ionic \ elocit) at infinite dilution , 
the values decrease vith increasing concentration, especially for strong 
electrolj tes 

The ion conductances m Table XIII ha%e been used to calculate the 
mobilities of a number of ions at infinite dilution at 25® the results are 
recorded in Table W It will be observed that, apart from hjdrogen 

TABLE XV CALOPUTED lOVIC MOBILiriES AT 2^“ 


Cation 

Mobility 
cm /sec 

Anion 

Mobility 
cm /sec 

Hydrogen 

36 2 X 10-* 

Hydro\>l 

20 5Xlir‘ 

Potassium 

761 

Suirate 

827 

Barium 

6 CO 

Chloride 

791 

Sodium 

519 

Nitrate 

740 

I ithium 

401 

Bicarbonate 

461 


and hydroxyl ions, most ions have velocities of about 5 X 10"* cm per 
sec at 25® under a potential gradient of unity The influence of tern 
peratiire on ion conductance, and hence on ionic speeds, is discus&od 
below 

Experimental Determination of Ionic Velocities —An attempt to 
measure the speeds of ions directly was made by Lodge (1880) u ho made 
use of some characteristic property of the ion, e g , production of color 
with an indicator or formation of a precipitate, to follow its movement 
undnr an ajppluid. field. In Lndj^’s aijpaiaijis the vnssek contajamg, thn 
anode and cathode, respectively, were joined by a tube 40 cm long filled 
With a conducting gelatin gel in which the indicating material was 
dissolved For example, in determining the velocitj of barium and 
chlonde ions the gel contained acetic acid as conductor and a trace of 
silver sulfate as indicator, banum chlonde was used m both anode and 
cathode \ es&els and the electrodes were of platinum On passing current 
the barium and chloride ions moved into the gel, m opposite directions 
producing Msible precipitates of banum sulfate and silver chlonde, re- 
spectively the rates of forward movement of the precipitates gave the 
speeds of the respective ions under the particular potential gradient 
emplo> ed 

Although the results obtained by Lodge in this manner were of the 
correct order of magnitude, they were generallj two or three times less 
than those calculated from ion conductances bj tlic method descriiicd 
abo\ 0 The discrepancies were shown by hetham (1893) to be due to 
a non-uniform potential gradient and to lack of precautions to “ccure 
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sharp boundane'; Taking the&e factors into consideration, \thctham 
de\T=^ed an apparatus for ob^ening the moNcment of the boundarj be- 
tween a colorless and a coloiedion, or between two colored ion« without 
the use of a gel The lahica for the Nelocitics of ions obtained m this 
manner were in safi^factoi^ agreemcait with those calculated, especial)} 
when allowance was made for the fact tliat the lattei refer to infinite 
dilution The principle eaiplojed bi TVhetham is almost identical with 
that u«ed m. the modern “monng boundary” method for determmmg 
transference numbers and this is desenbed in Chap IV 

Influence of Temperature on Ion Conductances— Increase of tem- 
perature ini anabl} results in an inciea«e of ion conductiuce it infinite 
dilution, the lanation with temperature ma} be CNpres«ed with fair 
accurac 5 bj means of tlie equation 

X? = Wll + c(t - 2o) -b 0(1 - 2o)'], (21) 

whereX? is the ion conductanceat infinite dilution at the temperature t, 
and X°o IS the i aluc at 2o® The factors a and 0 are constants for a giA en 
lou m the particular soh ent, for a narrow tempenture range, e g , about 
10® on either side of 25®, the constant 0 mav be neglected, and approNi- 
niatc cNpenmental \alues of a are recorded m lable \III aboNe It 
mil be apparent that, except foi hjdrogen and Indroxjl ions, the tern 
perature coefficients a arc all a erj close to 0 02 at 25® 

Since tile conductance of an ion depends on its rate of mo^ ement, it 
seems rcasonalilc to treat conductance in a manner analogous to that 
empIoAed for other processes taking place at s definite rate which m 
creases with temperature If this is the case, it is possible to wntc 

X® = (22) 


wheio ^ IS a constant, which ma^ be taken is being independent of 
temperature oi er a relatn elj small range, C is the actn ation energ) of 
the process which determines the rate of mo\ ement of the ions, U is the 
gas constant and T is the absolute temperature Differentiation of 
equation (22) with respect to temperature, a'^suming A to be constant, 
gn es 


dlnX*^ 1 dX° C 
dT ■'A® dT~ RT 


(23) 


Further, differentiation of equation (21) with respect to temperature 
the factor 0 being neglected, ‘'hows that for a nariow temperature range 


1 

(IT~° 


and hence the actn ation energj is gixen h} 


E = <xRr 
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Since a is approximately 0 02 lor all ions, except hjdrogen and hjdro:^! 
ion?, at 25®, it is seen that for conductance m v,ater the activation cne^j 
13 about 3 60 kcal m ev erj case 

Ion Conductance and Viscosity Temperature and Pressure Effects — 
It IS an interesting fact that the actuation energj for electroljtic con 
ductance is almost identical with that for the v iscous flow of w ater, \ iz , 
3 8 kcal at 25® hence, it is probable that ionic conductance is related to 
the vnscosity of the medium Quite apart from any question of mecha- 
nism however, cqualitj of the so^jallcd activation energies means that 
the positiv e temperature coefficient of ion conductance is roughly equal 
to the negativ e temperature coefficient of \ iscosity In other w ords, the 
product of the conductance of a given ion and the viscosity of water at 
a senes of temperatures should be approximately constant The results 
m Table I gu c the product of the conductance of the acetate ion at 

TABU xn COVDOCIA-NCB-YlSCOSirT PRODUCT OT THE ACETATE ION 
Temperature 0* 18* 1»* 59* 7a‘ 100* 12S* 156* 

03f5G 0 368 0 366 0 36S 03C9 0 368 0 369 0 369 

infinite dilution %) and the visco^ty of water (ijo)i i c , Xaijo, at tempera 
tures between 0® and 156®, the re- 
sults are seen to be remarkabl} con- 
stant It IS true that such constancy 
IS not alnays obtained, but the con- 
ductance viscosity product for infi- 
nite dilution is, at least, approxi 
mately independent of temperatiiro 
for a number of ions m water The 
data for non aqueous media are less 
complete, but it appears that m gen- 
eral the product of thn looic conduc 
tance and the viscosiU in such media 
is al«o approximately constant ov er a 
range of temperatures * 

Another fact which point? to a 
relationship between ionic mobility 
and vuscositj is the effect of pressure 
on electrolytic conductance Data 
are not av ailable for infinite dilution, 
but the results of measurements on 
a number of electroly tes at a concentration of 0 01 n in w ater at 20® arc 
shovra in Fig 23 , the ordinates giv e the ratio of the equiv alent conduct- 
ance at a pressure p to that at unit pressure, i e , A,/A , while the ab- 
scissae represent the pressures m kg per sq cm The dotted line 
•It should be emphasized that the cMiductanre-vi'scosity product constancy is on 
the whole not applicable to solutions of apprec able eoncentrat on 

Data laaioly from hSrber Z phyak Chm. 67 212 (1909), see also Adams and 
Hall J Phys Chm 35 214o (1931), Shsman Phys Rtv 39 151 (1932) 
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indicates the variation with pressure of the auicIiU ^ e the rcciprocii 
of the v iscosit} of w ater rdativc to that at unit pressure The existence 
of a niaMmura in both the conductance and flmditv cun cs suggests tint 
there n some parallelism beUeen these quantities exact agreement 
would be expected oah at infinite dilulton foi other factors \ hich are 
^ influenced bj pressure xnaj be important m solutions of appreciable 
Q, concentration 

fhe lelationstip between VTScositj and ion conductance lias been 
interpreted in ai ka'it tno najs some nnten haie suggested that the 
constancy of the product Xoijo proves the appliubihtv of Stoks s law to 
ions in solution According to tlus law 

/ = finjrii, (24) 

where u is the stead; idocitj mth irhich a particle of radius r moics 
through a medium of Mseosili t) when a force/ is apphed Tor a par 
ticular ion r maj be regarded as constant and since the condiietaiicc is 
proportional to the speed of the ion undei the influence of a definite 
applied potential (sec p 58) it follows tiat according to Stokes s law 
hrin should be constant as found cxperimentall) Another suggestion 
that has been made to explain this fact that the ion in solution is so 
complctelj suiroundcd b} soh eut molecules w hicli mo\ e with it that is. 
to say it IS so e'rtensivcly solvated that its motion through tlo 
medium is vrrtnallj the same as the moi emcat of soh ent molecules past 
one another in viscous fiow of the solvent 

It IS cot certain hoireier that cither of these conclusions can bo 
Icgit mateiy drawn from the results Smee the actuation energies for 
lome mobility and i iscous flotr are appro'Qinately equal it lu reasonable 
to suppose that the rate determining stage in the movement of an ion 
under the influence of an applied clectnc field and that involved in the 
\ iscous flow of the medium are the same ft has been suggested that 
111 tlie latter process the slow stage is the jump of a solvent molecule 
from one equilibrium position to another and this must also be rato- 
cletorimmng for ionic conductance It appeam therefore that when an 
clectnc field is apphed to a solntioD containing ions the latter can moi e 
fomaid onh if a solvent molecule staudmg m its path moves in the 
opposite direction Tlic actual rate of moi ement of aa ion will depend 
to a great extent on its effective size m the giv en solv ent but the tem 
pcratuie coefficient should be determmed almost entirely by the activ a 
tioii eueigy for v iscous flow 

Muence of Solvent on Ion Coodtirtance —In the course of his m 
V Citigatioii of the conductance of tetraethy lammonium iodide in v arious 
solvent TTalden (1906) noted that the product of the equivalent con 
diictancc at infinite dilution and the vusco'utv of the "=011 ent was approxi 
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matelj constant and independent of the nature of the latter, this 
conclusion, known as Walden’s rule, may be expressed as 


Ao>|# as constant, (25) 

for a given elcctrolj te in any solvent. The values of for the afore- 
mentioned salt, obtained by Walden and others, m a vanety of media are 
gi\cn jn Table XVJI, the viscosities arc in poises, i e , dynes per sq cm. 

T4BLE X\n VALtTES OP \,ij, POU TETRAETHTL-iMSlOMCM lOWOE J\ 

VARIOCS fiOLVEVrs 

Solvent CIIiOH ClI,C 0 C 1 Ii CHKJN C,H.at CH,\ 0 , CiHiXO, C.H^OH 

003 000 064 OGO 009 067 063 

The results is ere generally obtained at 25“, but since Xot/b is approximately 
independent of temperature, as seen above, it is evident that .toijo v\il! 
alto Ji< 

If • . \o is the 

sum 0 hould be 

approximately constant for a given ion in a)) solvents. 'Ihe extent to 
which this IS true may be «ccn from the conductance-viscosity products 
for a number of ions collected in Tabic XVIII, the data for hydrogen 


TABU tvill ION COSOCCTASCE-nsOOSITT WtODCtTS 1\ VARIOCB WLVENT3 AT 23* 


Soivtnt ' 

l| s.- 

K* 

Ae’ 


I 

ao: 

Pientt 

IbO 

0 400 

0 070 

05C3 

0295 

06S5 , 

OCOC 

0276 

CH.OH 

02o0 

0293 

0274 1 

033S 

033t ! 

0 387 1 

0235 

CdhOH 

02W 

023> 

0195 

0^10 

0290 1 

0540 1 

0292 

CHjCOCH, 

024 

0259 

— 

02S1 

; 0 306 : 

0306 1 

0 275 

CHiCX 

0241 

029C 

— 

0296 

' 034^ 

03.J9 

0268 

CHiXOi 

0364 

i 03S3 

0320 

D310 

0403 1 


0276 

CiH»KO, 

— 

■ — 

0 330 

0322 


0^ 

0 277 

XH, (-33*) 

0333 

i 0430 

1 0297 

— 

1 0 437 1 

“ 

— 


and hydroxyl ions arc dchlwratcly excluded from Table XVIII, for 
reasons which will appear later. The results show that, for 'solvents 
other than water, the conduetsnce-nscosity product of a given ion is 
approximately constant, thus confirming the approximate validity of 
Walden's rule If Stokes's law' were obeyed, the value of Xotjo would be 
constant only if the effective radius of the ion were the same m the 
different media; since there arc reasons for bclicvnng tliat most ions are 
solvated in solution, the dimensions of the moving umt w ill undoubtedly 
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to '^omc cvtent and e-sact constant of the conductance Msco'^ih 
product 15 not to be expected It shoidd be pointed out, al'^o, that the 
deduction of Stoker s law i*; ba'^ed on the assumption of a sphencal 
particle moiing in a continuous medium, and this condition can be 
ajiproxiraatcd onU if the moxung particle is lai^e in eompanson ith the 
laoleculeA of the medium It 15 ) of interest to note in this connection tha t 
for laige ions, such a.s the tetraethilammonjura and picrate ions the >1070 
1 alues are much more nearl} constant than is the ca«e nith other 10 ns, 
further, the behai lor of such ions m watei is not exceptional Stokea s 
Ian IS presuraabli applicable to these la^ 10 ns, and since the^ are 
probabi) ‘•ohated to a small extent onh the\ mil hare the same sue 
m all soh ents , the constancj of the conductance 1 iscosirt product is thus 
to be expected For small 10 ns the xalue of Xaijo Mill depend to some 
extent on the fundamental piopertics of the soiient, as neil as on the 
effectn e si 2 c of the ion for such ions, too, Stokes s Jan probabh does not 
hold, and so exact constant of the conduetance-i iscositi product is not 
to be expected 

An inteiesting te-st of the \ahdit\ of the IValden rule is provided b\ 
the conductance measurements, made b^ LaMer and his coUaboiators, of 
X anoiis salts in a senes of miUuica of light nater (H-O) and hoax x xx ater 
(DoO) The 1 esuUs indicate that, although the rule holds approxunatch , 
it 18 bx no means exact- 

Although no actual tabulation has been made here of the ion con 
ductincesoftariousionsmdifferentsohcnts it max be pointed out that 
these xalues arc impiicifc m Table i-VIII, Uionog the \iscositx of the 
solx ent, the ion conductance at infinite dilution can be calculated 

Abnormal Ion Conductances —An inspection of the conductance- 
xi<5Co«it> products foi the bxdrogen ion recorded m Table XI\ imme- 

TABiE XIX coxnccnxcE-nscpsiir prodpct of the jitdbooex ion 
Sobent KO CHiOH CH.OH CH»COCH» CH,NO. C6H,^0 VHs 
Xoija 314 0774 0 641 0 277 0 39o 0401 03j9 

diateix rex cals the fact that the xalues m the hxdroxxlic solxents, and 
particulailx 111 xxater, are abnormallj high It might appear, at first 
sight, that the high conductance-x isccutx product of the hxdrogen ion 
in nater could be explained bx iIn small size In xiexx of the high free 
energi of h}dratJon 0 / the proton (cf p 308) boxxexer, in aqueous solu 
tion the reaction 

+ H 0 = £hO+ 

where represeiiN a proton or “bare’ hxdrogen jon must go to nrtual 
completion The hx drogen ion in xxafer cannot, therefore, consist of a 

"LnMere/al J C/iem PJ js 3 406 (193^) 9 265 (1941), J Am Chem %c 
58, 1642 (I93G), 59 242j (1937), ^ also Longsworth and Macinnte ibid , 59 1066 
(1937) 
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matel} constant and independent of the nature of the latter, this 
conclusion kno^vn ag Walden’s rule, may be expre<5sed as 

« constant, (25) 

for a given electrolyte m any solvent The ^alucs of Aoi;o for the afore- 
mentioned salt, obtained by Walden and others m a variety of media are 
given m Table WII, the viscosities are m poises, i c , dynes per sq cm 


TABLE xvn VALUES OP W FOB tETRAETHYLUiilONIUli IODIDE IS 
VARIOUS SOLVENTS 

Solvent CHsOH CH,COCH, CHjCX CtH<a, CH,\Oi OJIjOH 

063 066 064 060 069 067 063 

The resufts u ere generally obtained at 25^ but since Aona is approximately 
independent of temperature, as seen above, it is evident that Atijo uill 
also not vary appreciably 

If \\ alden’s rule holds for other electrolytes, it follows, since Ao is the 
sura of the conductances of the constituent iOn«, that hrjt sliould be 
approximately constant for a given ion m all solvents The extent to 
w Inch this IS true may be seen from the conductance viscosity products 
for a number of ions collected m Table Will, the data for hydrogen 


TABLE XVIII ION CONDCCTANCE-YIfJCOSlTY PRODUCTS IN VARIOUS SOLVENTS AT 25 * 


^lolvent 


lv» 

Vg 1 

SICiH), 1 

I 

CIO, 1 

Picrate 

H,0 

0460 

0G7O 

0 563 

029o 

06S5 ! 

0606 1 

0 276 

CH.0H 

0250 ' 

0293 

0274 1 

0338 1 

0334 1 

03S7 1 

02o5 

CiH,OH 

0204 

023o 

OlOo 1 

031D 1 

0 290 1 

0 340 ! 

0292 

CHiCOCH, 

02o3 

02o9 

— 

0284 

0366 

0366 

0275 

CH,CN 

0211 : 

029C 

— 

0206 

0 347 

0359 1 

0 268 

CHjVO, 

0304 , 

0383 

0326 

0310 

0403 1 

_ 

0276 

C«H,NO, 


— 

1 0330 

0322 

_ 1 

0 366 

0 277 

NHi (-33*) 

0333 1 

0430 

0297 

1 


1 0437 1 


— 


and hydroxyl ions are deliberately exclude from Table Will, for 
reasons which will appear later The results show that, for solvents 
other than water, the conductance viscosity product of a given ion is 
approximately constant, thus confirming the approximate validity of 
Walden’s rule If Stokes’s law were obeyed, the value of Xoijo would be 
constant only if the effective radius of the ion were the same m the 
different media, since there are reasons for believing that most ions are 
solvated in solution, the dimensions of the moving unit will undoubtedly 



ABNOmiAL lOS COM)UCTAlvCKS 


65 


vary to some extent and exact constancj of the conductances iseosity 
product IS not to be expected It should be pointed out, also, that tlie 
deduction of Stokes's Ian is based on flio assumption of a spiierica! 
paitieic raomg m a continuous medium, and this condition can he 
approximated only if the monng particle is large in comparison \nth the 
molecules of the medium It is of interest to note in this connection tiiat 
for large ions, such as the tetiacthj lammonium and picrate ions, the Xo^o 
values are much more nearly constant than is the case with othei ions, 
further, the behavioi of such ions m water is not exceptional Stokes's 
law IS piesumablj applicable to these large ions, and since thm are 
probably solxated to a small extent only, they will have the same swe 
in all solvents, the constancj of the conductance-viscosity product is thus 
to be expected For small ions the xalue of Xdjjo wiO depend to some 
extent on the fundamental properties of the soh ent, as w ell as on the 
effective sire of the lou for buch ions, too, Stokes's Uwpiobably does not 
hold, and so exact coustjuicy of the conducUnce-vibCOsitv product is not 
to be expected 

An mteresting test of tiic validity of tlie Walden nile is pren ided by 
the conductance raeasuremenfe, made bj LaMeraud his collaborators, of 
1 anous salts in a senes of mixtuies of light wafer (fi»0) and hcaiy wafer 
(DsO) The results indicate that, although the lule holds appioximately, 
it IS by no means exact*' 

Although no actual tabulation has been made here of tlic ion con- 
ductances of vanous ions in diffeicnt solvents, it may be pointed out that 
these \alucs are implicit m Table XVIII, knowing the viscosity of the 
solvent, the ion conductance at mfinite dilution can be calculated 

Abnormal Ion Conductances.— An inspection of the conductance- 
viscosity products for the hydrogen ion recorded m Tabic imme- 

TABtE MX COVDVCTAKCB-Viswsrn PKODPCT OF T£fB niDROSEX lOX 

Solvent H..0 CH,OH C.H,OH CH^CH, CeHvhO KH, 

314 0/74 OMJ 0277 0 39j 0401 OSaO 

diately rexeals the fact that tJie xalues m the hjdroxjiic solients, and 
particularly m wafei, are abnormally high It might appear, at first 
siglit, that the high conductance iiscosifcj product of the hjdrogen ion 
m water could be explained by its small sire fa neif of the high free 
energy of hydration of the proton (cf p 308), howei er, m aqueous solu- 
tion the reaction 

H+ + H-0=-aO+ 

wliere represents a proton or “hue” hydiogenioii, must go to virtual 
completion The hj drogen lou m water cannot, therefore, consist of a 

'’LaMerdflf,/ Chm Pbp 3,408 (1935) 9 265(1941),/ Am Chm Sai, 

58 1642 (1936), 59, 2425 (1037), see also, Lot^orthand Maeinnes, 59, 1066 
(3937) 
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bare ion, but must be combined with at least one molecule of water 
The hydrogen ion in water is thus probably to be rcprc'^ented bj 
and Its effects e size and conducting power should then be approximately 
the ■same as that of the sodium ion, it is, howe\cr, actually raanj times 
greater, as the figures m Table \I\ show It is of interest to note that 
in acetone, mtromethane, nitrobenzene, liquid ammonia, and probably 
in other non-hj droxyhc soh ents, the conductance-x iscosity product, and 
Iicnce the conductance, of the hydrogen ion, which is undoubtodlj sol 
vated, IS almost the same as that of the sodium ion It is doubtful, 
therefore, if the high conductance of the hydrogen ion in liydroxjlic 
solv ents can be explained merely by its size 

The suggestion has been frequently made that the high conductance 
IS due to a type of Grotthuss conduction (p 7), and this Mew has been 
de\ eloped by a number of workers m recent years It is supposed, as 
already indicated that the liydrogen ion in water is HjO'*' with three 
hydrogen atoms attached to the central oxygen atom \\'hen a potential 
gradient is applied to an aqueous solution containing hy drogen ions, the 
latter tra\ el to some extent by the same mechanism ^s do other ions, but 
there is m addition another mechanism which permits of a niorc rapid 
ionic mox ement This second process is bdie\ ed to in\ oh e the transfer 
of a proton (H''’) from a ion to an adjacent water molecule, thus 

H H H H 

1 +1 I + I 

H-O-H 0-H H-0 h-o-h 

© © 

The resulting HjO'*' ion can now transfer a proton to another water 
molecule, and m this way the positive charge will be transferred a con 
siderable distance m a short time It has been calculated from the known 
structure of water that tlie proton has to jump a distance of 0 86 X 10 * 
cm from a HjO'*' ion to a water molecule, but as a result the positnc 
charge is effectively transferred through 3 I X 10“* cm The electrical 
conductance wall thus be much greater than that due solely to the normal 
mechanism It wall be obseia^ that after the proton has passed from 
the H 3 O+ ion to the water molecule, the resulting water molecule, 1 e , 
the one shown on the nght hand side, is oriented m a different manner 
from that to which the proton was transferred 1 e , the one on the left- 
hand Ride If the process of proton jumping is to continue, each water 
molecule must rotate after the proton has passed on, so that it may be 
ready to rcceu e another proton coming from the ®ame direction The 
combination of proton transfer and rotation of the w atcr molecule, which 
has some features m common with the Grotthuss mechamsm for conduc 

*’Huckel Z EUktrochm 34 (1928), Bernal and Fowler J Chm Phji 1 

515 (1933) Wannier /Inn Phystk 24 545 569 (ItQj), Steam and EyTinj J Cho 
Pkys S 113 (1937), see abo GU stone Liidler and Eynng ‘ The Theory of Hate 
Processes 1941 Chap X 
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tion, IS sufficient to account for the high conductance of the livdrogen 
ion in aqueous solution 

The abnonnal conductance of the h\drogen ion in methyl and eth\l 
alcohols which is somewhat less -tiian in water, can also he accounted 
for by a proton transfer anali^us to that suggested for water, thus, if 
the hydrogen ion m an alcohol ROH is represented by ROH^, the 
process is 

R R R R 

I + I ^ 1 + 1 

H-O-H 0-H H-0 H-O-H, 

@ @ 

followed by rotation of the alcohol molecule To account for the de 
pendence of abnormal conductance on the natuie of R it must be sup 
posed that the transfer of a proton from one alcohol molecule to another 
involves the passage over an energy barner whose height increases as R 
IS changed from hydrogen to methyl to ethyl The Grotthuss type of 
conduction, therefore, diimnishes m this order It is piobable that the 
effect decreases steadily with increasing chain length of the alcohol 
Abnormal Conductances of Hydroxyl and Other Ions— The con 
diictance of the hydroxyl ion m water is le«s than that of the hydrogen 
ion it is nei eri/heless three times as gieat as that of most other anioos 
(cf Table XIII) It is probable that the abnormal conductance is here 
also due to the transfer of a proton, m this case from a water molecule 
to a by droxyl ion, thus 

H H H H 

I + 1 I +1 

0 H-0 0-H 0, 

e 0 

follow ed by rotation of the resulting water molecule If this is the case 
it might be expected that the anion RO* should possess abnormal con 
rfuefance m the corresponding afeoAof ROK such aibuormaitreb', if ifey 
exist at all are aery small, for the conductances of the CHjO and 
C-HsO" ions m methyl and ethyl alcohol, respectn cly, are almost the 
same as that of the chlonde ion w hich exhibits normal conductance only 
The energy barriers inaohed in tiie abnormal mobility process must 
theiefore be considerably higher than for w'ater 

These results emphasize the fact that ions produced by self ionization 
of the solvent, e g , RjO'*' and 0H“ m water, ROH^ and R 0“ m alcohols, 
and NHt and m liquid ammonia, do not of necessity possess ab 
normal conductance, although they frequently do so It is seen from 
Table XIX that the conductance of the hy drogea ion m liquid mmonia, 
i e , NHt, IS normal tlie same is true foi the ion The anihnium 
and py ndinium ions also have normal conductances in the corresponding 
soh ents The conductance of the HSO* ion in sulfune acid as solvent 
IS, howeacr, abnormally high, it is probable that a Grotthuss type of 
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conduction, mvoh mg proton transfer, viz , 

HSOi + HiSO* = USOi -H HSO4, 

IS responsible for the abnormal conductance “ 

Influence of Traces of Water — The change m the equivalent con- 
ductance of a strong electrolyte, other than an acid m a non aqueous 
solvent resulting from the addition of small amounts of water, generally 
corresponds to the alteration m the viscosity With strong acids how- 
ever, there is an initial decrease of conductance m an alcoholic solvent 
which IS much greater than is to be expected from the change m vis- 
cosity, this 13 subsequently followed bj an increase towards the value m 
water ^Tien acetone is the solvent however, the conductance in the 
presence of water runs parallel with the viscosity of the medium It 
should be noted that the abnormal behavior is observed m solvents m 
which the hydrogen ion manifests the Grotthuss type of conduction 
The hj drogen ion m alcoholic solution is ROH? and the addition ofviater 
results m tlie occurrence of the reversible reaction 

R0m + H,O?iROH + H*0+ 

The equihbnum of this system lies well to the nght, and so a large pro- 
portion of the ROHt 10ns will be converted into HjO'*’ 10ns Although 
the former possess abnormal conductance in the alcohol solution, the 
latter do not since the proton must pass from H»0+ to ROH, and the 
position of the equilibnum referred to above shows that this process must 
be slow The result of the addition of small quantities of water to an 
alcoholic solution of an acid is to replace an ion capable of abnormal 
conduction by one which is able to conduct in a normal manner only, 
the equivalent conductance of the sjstem must consequently decrease 
markedly As the amount of water pr^nt is increased it w ill become 
increasingly possible for the proton to pass from H3O+ to a molecule of 
water, and so there is some abnormal contribution to the conductance, 
the conductance thus eventually increases towards the usual value for 
the acid m pure water, which is higher than that in the alcohol 

From the initial decrease in conductance accompanj ing the addition 
of small amounts of water to a solution of hydrochlonc acid in ethj 1 
alcohol, it 13 possible to evaluate the conductance of the H3O+ ion in the 
alcohol The value has been found to be IG 8 ohms'* cm " at 25“, which 
may be compared with 18 7 ohmr"* cm * for the sodium ion in the same 
solvent It IS evident, therefore, that the HjO'*' ion possesses only 
normal conductance m ethyl alcohol * 

Determination of Solubilities of Sparmgly Soluble Electrolytes — 
If a slightly soluble electrolyte dissociates m a simple manner, it is 
possible to calculate the saturation solubility from conductance measurc- 

** Hammett and Lowenheim / jtw Ckttn Soc 56 2G20 (1934) 

“ Goldschmidt Z pkynk Chem 89 129 (1914) 
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mpnts If s IS the solubiliU , m equi\ alents per liter, of a gn en substance 
and (v IS tlie ‘Specific conductance of the saturated solution, then the 
equn alent conductance of the solutioa is gu en by 


1 = 1000 


(26) 


In general, the solution -will be sufficiently dilute for the equn alent con- 
ductance to be little different from the ^ alue at mfinite dilution the 
latter can be obtained, as already seen, from the ion conductances of the 
constituent ions It folloTvs, therefore, smcc A is known and k for the 
saturated solution can be determmed expenmcntallj , that it is possible 
to evaluate the solubility 6 by means of equation (26) 

From Kohirausch’s measurements ou the conductance of saturated 
solutions of pure sih cr chlonde the specific conductance at 25® may be 
estimated as 3 41 X 1(1^ ohm * cm the specific conductance of the 
w ater used w as 1 CO X 10“® ohm ' cm "S and so that due to the salt may 
be obtained by subtraction as 1 81 X I0~* ohm ^ cm This is the 
yaluc of I to be employed ui equation (26) From Table XIH the 
equR alent conductance of siKcr chlonde at infinite dilution is 138 3 
ohms"^ cm ^ at 25®, and so if this is assumed to be the equivalent con- 
ductance m the saturated solution of the salt, it follows from equation 
(26) that 


s= 1000“ = 


1000 X 181 X IQ-^ 
1383 


= 1 31 X 10 * equi\ per liter at 25® 

By means of this first approximation for the concentration of the satii 
rated solution of siher chlonde, it is possible to make a more exact 
estimate of the actual equi\ alent conductance by means of the Onsager 
equation (p 89), a more precise xalue of the solubility may then be 
determmed In the particular case of silver chlonde how ei ei , the diffei- 
encp 15 probably witlun the limits of the experimental error 

It should lie realized that the method desenbed actually gii es the 
^omc concentration in the saturated solution, and it is only when dis- 
sociation IS virtiially complete that the result is identical mth the solu- 
bility This fact IS brought out by the data for thailous chlonde tlie 
solubility at 18® calculated from Kohlrausch’s conductance measurements 
is 1 28 X iO"^ cqun per hter, but the \ alue obtained by direct solubility 
measurement is 1 32 X 10^ eqmv per liter The discrepancy, which 
is not 1 ery laige in this instance, is probably to be asenbed to incomplete 
dissociation of the salt m Ibe saturated solution, the degree of dissocia 
tion appears to be 128/132, i e , 0 97 

If the spanngly soluble salt does not undergo «imple dissociation, the 
solubility obtained by the conductance method may be senously in error 
For example, the value found foi lanthanum oxalate in water at 25° is 
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6 65 X 10^ eqmv per liter, but direct determination gives 2 22 X 10 ® 
equu per liter The difference is partly due to incomplete dissociation 
and partly to the formation of complex ions In other n ords, the lantha- 
num oxalate does not lonixe to yield simple La'*’''"*’ and CjOr" ions, as is 
assumed m the conductance method for determining the solubility, in 
addition complex ions, containing both lanthanum and oxalate, are 
present to an appreciable extent in the saturated solution It is neces 
sary, therefore, to exercise caution in the interpretation of the results 
obtained from conductanee measurements with saturated solutions of 
sparingly soluble electrolytes 

Determmation of Basicity of Acids —From an examination of the 
conductances of the sodium salts of a number of acids, O&twald (1887) 
discovered the empincal relation 

A,*,, - « lib, (27) 

where Aio24 and Aj-. are the equualcnt conductances of the salt at 25® at 
dilutions of 1024 and 32 liters per equivalent, respectively, and b 13 the 
basicity of the acid The data in Tabic \X arc taken from the work of 


TVBLE XS BISICITT OP ACIO AVO EQUIVAICV’T COXDDCTANCB OP SVIT 


Sodium Fait of 
hicotmic acid 
Quinolinic acid 

I 2 4-Pyridine tricarboxylic acid 
1 2 3 4‘PyTidinetetracarbotj'kacid 
Pyridine pentacarboxylic acid 


Airt 

A» 

Difference 

Basicity 

&>0 

738 

112 

1 

1049 

834 

215 


1210 

8S8 

322 

3 

1311 

873 

43 S 

4 

13 s 1 

839 

54 2 

5 


Ostwald, recalculated so as to give the equivalent conductances m ohnr* 
cm * units, instead of reciprocal Siemens units, they show that the equa 
tion given above is approximately true, and hence it may be emplo}cd 
to determine the basicity of an acid The method fails when applied 
to V ery weak acids whose salts are considerably hj drolj zed m solution 
The results quoted m Table XX are perhaps exceptionally favorable, 
for the agreement with equation (27) is not alw a} s as good as these figures 
w ould imply The Ostw aid rule is, nevertheless, an expression of the facts 
already discussed, viz , that substances of the same valence type have 
approximately the same conductance ratios at equivalent concentrations 
and that the v alues dimmish with increasing valence of one or both 10 ns 
The rule has been extended by Bredig (1894) to include electrolytes of 
various types 

Mode of Ionization of Saifs —Most 10 ns, with the exception of h 3 dro- 
gen, hydroxyl and long chain 10 ns, have ion conductances of about 60 
ohms~^ cm * at 25®, and this fact may be utilized to throw light on the 
mode of ionization of electrolytes It has been found of particular value, 
m connection with the Werner co-ordination compounds, to determine 
whether a halogen atom, or other negative group, is attached in a co- 
valent or an electrovalent manner 
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Since the mode of ionization of the salt is not knmvn it is not possible 
to determine the equii alent 'weight and hence the eqiin alent conductance 
cannot be calculated it is necessary, therefore, to make u«e of the molar 
conductance, as defined on p 31 In the simple case of a senes of salts 
all of which ha\e one unnalent ion, either the cation or anion, whereas 
the othei ion has a \alence of z, the gram, molecule contains z gram 
equnalents, the molar conductance is thus z times the equn alent con- 
ductance If the mean equn alent conductance of all ions is taken as 60, 
the equi'v alent conductance of an\ salt is 120 ohms ‘ cm and the molar 
conductance is 120 2 ohms“ cm * The approximate results for a number 
of salts of difierentialencetipesmlh one unnalentjon at2i>® aregi^en 
in Table XXI The ob^eia ed molar conductances of the platmosammme 


TABLE xrt iPPROXnaiE 310LAR COWOlTAiCES OF SAWS OF DOTEREST 
\A1£\CE TYPES 


T\'pe 

Uni um 

Uni bi or bi um 
lim ter or ter um 
Uni tetra or tetra uni 


Molar Conductance 
120 oliiDs ' cm * 
240 
300 
4S0 


senes at a coaceatratioa of 0 001 m are in ^nera! agreement mth o^pec 
tation, as the follow mg data show 


260 

KlPt(NH3)Clj]- 

107 


CPtaYH,)3Cl]+Ci- 

110 

2K-[PtCl4] - 

267 ohm5“^ cm “ 


Tlic other member of this group, Pt(ZvTIj)«CI , is a non electro)} tc and 
eo produces no 10 ns in solution the two chlonne atoms are thus held to 
the central platinum atom b} co\ alent forces 
Conductometric Titration (a) Slronff Acids — "W hen a strong alkali, 
e g , sodium, hydroxide, is added to a solution of a strong acid e g , h} dro 
chlonc acid, the reaction 

(H^ + Cl') + {Na+ + OH-) - Na" + Ch + H,0 

occurs, so that the highly conducting hy drogen ions imtially present m 
the solution are replaced by sodium ions haimg a much loner con- 
ductance In other -words, the salt formed has a smaller conductance 
than the strong acid from wluch it was made The addition of the alkali 
to the acid solution -ttall thus be accompanied by a decrease of conduct 
anee ^Micn neutrahzation is complete the further addition of alkali 
results in an increase of conductance, since the hy droxi 1 ions are no 
longer used up m the chemical reaction At the neutral point therefore, 
the conductance of the system will have a nummum ^alue, from which 
the equi^ alence point of the reaction can be estimated When the 
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specific conductance of the aeid solution is plotted against the Aohimc of 
alkali added, the result will be of the form of Fig 24 If the initial 
solution is relati\cl} dilute and there is no appreciable change m \olume 
m the course of the titration, the specific conductance v,ill be appro\i- 
matcly proportional to the concentration of unncutrahzed acid or free 
alkali present at any mfitant The 
•specific conductance dunng the course 
of the titration of an acid by an al 
kali undci these conditions a\ ill conse- 
quently be linear Mith the amount 
of alkali added It is scon, therefore, 
that Fig 24 \m 11 consist of t\\o 
Rtraight lines which intersect at the 
cqui\ alencc-point 

K the strong acid is titrated 
with a weak base, eg, an aqueous 
solution of ammonia, the first part 
of the conductance-titration ciinc, 
icpitscntmg the neutralization of the 
acid and its replacement by a salt, 
will be \ery similar to the first part 
of Fig 24, since both salts arc strong 
electrolytes \\ hen the equivalence- 
point IS passed, however the con 
diiclance will remain almost con 
slant since the free base is a weak 
elcctrolj to and consequently has a v eiy small conductance compared w ith 
that of the acid or salt 

The determination of the end point of a titration bj means of con- 
ductance measurements is known as conduttometnc trtiaton"* For 
practical purpo‘'es it la not necessary to know the actual specific con- 
ductance of the solution, any quantitj proportional to it, as explained 
below , IS satisfactory The conductance readings conespondmg to \ ari- 
ous added amounts of titrant are plotted against the latter, as m Fig 24 
The titrant should be at least ten times as concentrated as the solution 
being titrated, m order to keep the volume change small, if necessary the 
titrated solution may be diluted in order to satisfy this condition, for 
the method can be applied to solutions of strong acids as dilute as 0 0001 N 
Since the variation of conductance is linear, it is sufficient to obtain slv 
or eight readings covering the range before and after the end point, and 
to draw two straight lines through them, as seen in Fig 24, the inter 
section of the lines gives the required end point The method of con- 

“Kolthoff Ivd Eng Chm (Annl Ed) 2 m (1930), Davies The Conductmty 
of Solutions 1933 Chap XIX, Glasstonc, Ann Rq) Chm Soc 30 294 (1933) 
Britton Conductometric Analysii 1934, Jander and Pfundt, Ilottger s ‘ Ph)”*! 
kalisehe Methoden der anolyti dien Cheime 1^5 Part If 
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ductonietnc titration 15 capable of conadenible accuraci provided there 
IS good temperature control and a correction is applied for the volume 
change during titration It can be u'^ed with dilute solution', as 
mentioned abo\ c, but m. that case it is e^'ential that extraneous electro- 
hdes should be absent, m the presence of such electrol} tes the change of 
conductance m ould be a \ er\ small part of the total conductance and 
nould be difficult to measure mth 
accurac\ 

(6) Weal Acids — If a moder 
ateh weak acid, such as acetic 
acid, IS titrated with a strong base, 
e g , sodium hj droxide, the form of 
the conductance titration cun e is 
as shonm in Fig 25, 1 The initial i 
solution of the weak acid has a low 5 
conductance and the addition of | 
alkali ma^ at firat result in a fur- ^ 
ther decrease, in 'pite of the for- 
mation of a salt, e g , «odium ace- 
tate, Tilth a high conducting power 
The reason for this is that the 
common amon, 1 e , the acetate ion, 
rcprcases the dissociation of the 
acetic acid ith further addition 
of alkali, hoTTCT cr, the conductance 
of the highli lomzed salt soon ex- 
ceeds that of the weak acid which it replaces, and 'o the specific conduc- 
tance of the solution increase^ Aftci the equnalence-pomt there is a 
further mcrea<c of conductance because of the exceas free alkali, the 
cune IS then parallel to the corresponding part of Fig 24 
v^en a T\eak acid is titrated mth a weak base the initial portion of 
the conductance-titntion cun e is similar to that for a strong base, smee 
the salt IS a strong electioljde m spite of the weakness of the acid and 
ba'e BeTond the equnalence-pomt, ho\\e\er, there is no change in 
conductance because of the small contnbution of the free weak ba«e 
The complete conductance-titration eune is shown m Fig 25, II It 
will be ob'cned that the intersection is sharpei than in Fig 25, I, for 
titration with a strong base, it is thus po'^ible to determine the end- 
point of the titration of a moderatel} weak acid b} the conductometric 
method if a moderately weak, rather than a strong, ba'e is cmplojed 
As long as there is piesenfc sn exceas of acid or base the exient of b}- 
droljsis of the «alt is repressed, but in the ncimtT of the cqmvalence- 
pomt the salt of the w eak acid and weak base is extensn elj split up by 
the water, the conductance measurements do not then fall on the lines 
shown, but these readings can be ignored m the graphical estimation of 
the end-point 





74 


EILCTROITTIC CONDLCTANCF 


If the acid IS \cn T\cak, eg, phenol or bone acid, orn^cr) dilute 
solution of a moderate!} neak acid is cmplojed, the initial conductance 
b catrcmel} small and the addition of alkali is not accompanied bj nn} 
decrease of conductance, such as is shonn in Fig 25 The conductance 
of the solution increases from the commencement of the noutnliration 
as the A cr} Mcak acid ls replaced b} its salt which is a strong clcctroh tc 
After the equivalence point the conductance shows a further increase if 
a strong base is used and go the end point can be found in the usual 
manner Owing to the extensive liydroljsis of the salt of a weak base 
and a very weak acid, oven when excess of acid ls still present the titra- 
tion b} a weak base cannot be employed to give a conductometric end 



Sue Added 
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point 

One of the valuable features of 
the conductance method of anal} sis 
is that it permits the anal} sis of a 
mixture of a strong and a w eak acid 
m one titration The t} pc of con- 
ductance titration curve using a 
weak bast, 13 shown in Fig 20 the 
initial decrease isduc to the neutral- 
ization of the strong acid and tins is 
follow cd b} an increase as the w eak 
acid IS replaced b} its salt \\ hen 
the neutralization is complete there 
IS little further change of conduct 
ance due to the excess weak base 
The first point of intersection gives 
the amount of Btrong acid in the 
mLXturc and the dilTcrenco betw ecu 
the firbt and second is equivalent 
to the amount of weak acid 


(c) Strong and TIcat .Bases— Tlic results obtained in the titration 
of a base by an acid arc \ cry similar to those just dnsenbed for the rev c^c 
process When a strong base is neutralized the highly conducting !i}- 
droxyl ion is replaced by an anion with a smaller conductance, tiie con- 
ductance of the solution then decreases as the acid is added When the 


end point is passed, however, there is an mcroaso of conductance, just 
as m I ig 24, if a strong acid is used for titration purposes but the v aluo 
rcmamsalmostconstantifawcakorvciyvveak acid is empio} cd ^\ith 
an acid of mtormediato strength there will be a small increase of con 
ductance beyond the equiv alcnce-pomt In any case tlic intersections arc 
relatively sharp and, provided carbon dioxide from the air can be ex 
1 luded, the best method of titrating acids of any degree of weakness condiic 

• If 1 " ' 
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larlj , a mixture of a strong and a weak bas>e can be titrated quantita- 
tn el} by means of a eak acid, the results arc similar to those depicted 
in Pig 26 

(d) Displacement i2eachons— The titration of the salt of a iv eak acid, 
eg, sodium acetate, b} a strong acid, eg, hydrochloric acid, in \\hich 
the neak acid is displaced b} the strong acid, c g , 

(CH 3 CO- + Na^) + (H- + a-} = CHaCOa + Na" + Cl", 

can be follon ed conductometrically In this reaction the highly ionized 
sodium acetate is leplaced bj hi^y ionized sodium chlonde and almost 
uiHonized acetic acid Smce the chloride ion has a somewhat lugher 
conductance than does the acetate ion, the conductance of the solution 
increases slowlv at first, m this particular case, although m other m- 
stances the conductance may decrease somewhat or remain almost con- 
stant, in general, therefore, the change m conductance is small After 
the end-pomt is passed, ho\\e^ er, the free strong acid produces a marked 
increase, and its position can be determined by the intersection of the 
two straight hues The salt of a weak base and a strong acid, eg, 
ammoamm chlonde, may be titrated by a strong base, e g , sodium 
h\droJ 3 de, m an analogous manner It is also possible to carry out 
conductometrically the titiatiou of a mixture of a salt of a weak acid, 
e g , sodium acetate, and weak base, e g , ammonia, by a strong acid, 
tiie first break corresponds to the neutralization of the base and the 
second to the completion of the displacement reaction Similarly, it is 
possible to titrate a mixture of a weak acid and the salt of a weak base 
by means of a strong liase 

(e) Precipitation Reactions —In reactions of the tj pe 

(K+ + C1-) + (Ag^ + NO 3 -) = AgCl + K+ + 
and 

tMg+^ + SOr ) -l-2(lsa^ + OH-) = Mg(OH). + 

where a precipitate i-s formed, one salt is replaced b^ an equivalent 
amount of another, e g , potassium chloride by potassium nitrate, and 
so the conductance remains almost constant in the eaily stages of the 
titration After the equiv alenceiioint is passed, howev er, the excess of 
the added salt causes a sharp rise in the conductance (Fig 27, I), the 
end-point of the reaction can tlius be determined 

If both products of the reaction arc spanngl} soluble, as for example 
m the titration of sulfates by banum hydroxide, \ iz , 

(Mg++ + SOri + (Ba++ -F 20H-) = j\Ig(OH)^ + EaSO,, 

the conductance of the solution decreases nght from the commencement, 
but increases after the end point because of the free banum hydroxide 
(Iig 27, II) 
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Precipitation reactions cannot be earned out conductometrically ivith 
such accuracy as can the other reactions considered abo\c, this is due to 
blow separation of the precipitate, 
with consequent supersaturation of 
the solution, to remo\al of titrated 
solute by adsorption on the precipi- 
tate, and to other causes” The 
best results ha\ e been obtained by 
working with dilute 'solutions in the 
presence of a relativ cly lai^c amount 
of alcohol, the latter causes a dimi- 
nution of the solubility of the precipi- 
tate and there is also less adsorption 
Conductometnc Titration: Ex- 
perimental Methods —The titration 
cell may take any convenient form, 
the electrodes being arranged verti- 
cally 60 as to permit mixing of the 
liquids being titrated (see Fig 28) 
Thecon\ entional W heatstonebndge, 
or other simple method of measur- 
ing conductance, may be cmplojcd 
If the form of Fig 9 is used and the resistance R is kept constant, the 
specific conductance of the solution in the measuring cell can be readily 
shown to be proportional to defbd An alternative procedure is to make 
the ratio arms equal, i e , /?« = «n Fig 8 
orbd dem Fig 9, the resistance of the 
cell IS then equal to that taken from the 
box Ri in Fig 8 or in Fig 9 when the 
bridge is balanced If two boxes, or other 
standard resistances, one for coarse and 
the other for fine adjustment, are used in 
senes, it is possible to read off directly the 
resistance of the cell, the reciprocal of 
this reading is proportional to the specific pj^ vessel for con 
conductance and is plotted m the titration- ductomctric titration 
conductance curve 

Since for most titration purposes it is unnecessary to ha\c results of 
high precision, a certain amount of accuracy has been sacrificed to con- 
X enience m various forms of conductometnc apparatus ® In some cases 
the Wheatstone bndge arrangement is retained, but a form of visual 

. - . - i «I r* 1* 1-Ao tr 
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detector replaces the telephone caipiece (see p 35} In other simplified 
condi ctance-titration procedures the alternating current i' passed directl) 
through the cell and its magnitude measured bj a suitable mstniment m 
senes if the apphed voltage is constant then bj Ohm s law, the current 
IS proportional to the conductance of the circuit For anahtical pur- 
poses all that IS required is the change of conductance dvmog the courbe 
of the titration and this is equnalent to knowing the change of cuixent 
at constant roltage The tjpe of appaiatus emplojed is shown m 
Fig 29 the source of current is the alteinatmg-cunent supplj mams 



(A C ), which IS reduced to about 3 to 5 \olts b\ means of the trans- 
former T The secondary of this transformer forms part of the circuit 
containing the titration cell and also a durect current gah anometer G 
and a rectifier D , the 400-ohm resistances 4 and B are u«ed as shunts 
for the purpose of adjusting the current to a i alue suitable for the meas 
urmg instrument The rectifier D maj be a rectifjing crjsta! a copper- 
copper oxide rectifier or a suitable ^acuum tube circuit gning rectifies 
tion and amplification alterQati\elj D and (? maj be combined m the 
form of a commercial A C microammeter The solution to be titrated 
IS placed in the ^ essel C the resistances A and B are adjusted and then 
the current on G is noted the titration is now earned out and the gal 
1 anometer readings are plotted agamst the volume of titrant added 
The end point is determined, as alread} explained from the point of 
intersection of the two parts of the titration cune 

PBOBLLMS 

1 A conductance cell has two parallel electrodes of 1 2d sq cm area placed 
10 50 cm apart ivlien filled with a solution of an electrol}te the resistance was 
found to be 1995 6 ohms Calculate the cell constant of the cell and the 
specific conductance of the solution 

2 Jones and Bradsbiw [J Am Chem Soc S5 1780 (1933)] found the 
resistance of a conductance cell {Z^ when filled with mercur} at 0 to be 
0 999076 ohm when compared with a standard ohm The ceil Zi and another 
cell Yi were filled withsulfunc acid and the ratio of the resistaoces Yi/Zivas 
0 107812 The resistance of a third cell As to lhat of Yi i e A /Yi vas 
found to be 0 136564 E^aluate the cell constant of A? calculating the specific 
resistance of mercury at 0" from the data on page 4 (It may be mentioned 
that the result is 0 014 per cent too high, because of a difference m the current 
bnes in the cell Zt when filled with mercury and sulfunc acid respectn elj ) 
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3 A conductance cell having a constant of 2 485 cm is filled with 0 01 v 
potassium chloride solution at 25“, the value of A for this solution js 141 3 
ohms ‘cm * If the specific conductance of the water employed as solvent is 
1 0 X 10"* ohm"‘ cm what is the measured resistance of the cell containing 
the solution? 

4 The measured resistance of a cell containing a 0 1 dcmal solution of 

potassium chloride at 25'’, m water having a specific conductance of 0 8 X 10“* 
ohm ‘ cm "S w as found to be 3468 86 ohms A 0 1 n tolution of another salt 
dissolved m the same conductance water had a resistance of 4573 42 ohms in 
the same cell • * • " « 

5 A conduc to 

have a resistant a 

solution of 02 n acetic acid had a resistance of 5085 ohms Calculate 
(a) the cell constant, (6) the specific resistances of the potassium chloride and 
acetic acid solutions, (c) the conductance ratio of 0 2 n acetic acid iitihung 
data given in Chap II (The conductance of the water may be neglected ) 

C U^e the data in Tables X and XllI to estimate the equivalent conduct- 
ance of 0 1 N sodium chlonde, 0 01 n barium nitrate and 0 001 v magnesium 
sulfate at 25" (Compare the results with the values in Table VIII ) 

7 The following values for the resistance wm obtained when 100 cc of a 
solution of hydrochloric acid were titrated with 1 045 N sodium bjdroxide 

0 10 20 30 40 50cc NaOlI 

2564 3521 5650 8065 4831 3401 ohms 

Determine the concentration of the acid solution 

8 A 0 01 N solution of hydrochlonc acid (\ = 412 0) was placed m a cell 
having fl constant of 10 35 cm"*, and titrated with a more concentrated 
solution of sodium hydrovide Assuming the equivalent conductance of eich 
clectrol}te to depend only on the total ionic concentration of the solution 
plot the variation of the cell conductance resulting from the addition of 25 50, 
75 100, 12n and 150 per cent of the amount of sodium hydroxide required for 
complete neutralization The equivalent conductance of the sodium chloride 
may be taken as 1 18 5 ohms * cm *, the change in volume of the solution during 
titration may be neglected 

9 The following values were obtained by Shedlo^sk} [/ Am Chiin Soc, 
54 1405 (1932)J for the equivalent conductance of potassium chlonde at 
vanous concentrations at 25® 

01 005 002 001 0005 OOOIn 

128 96 133 37 138 34 14127 14355 146 95 ohms* cm* 

Evaluate the equivalent conductance of the salt at infinite dilution by the 
method described on page 54, the values of B and 1 may be taken as 0 229 
and 60 2, respectivelj 

10 A potential of 56 volts JS applied to two electrodes placed 9 8 cm 
apart how far would an ammonium ion be expected to rao\e in 1 hour in a 
dilute solution of an ammonium salt at 25®? 

11 A saturated solution of silver chlonde when placed m a conductance 
cell whose constant is 0 1802 had a resistance of 67,953 ohms at 25“ The 
resistance of the water used as solvent was found to be 212 180 ohms in the 
same cell Calculate the solubility of the salt at 25*, assuming it to be com 
plctcly dissociated m its saturated solution in water 
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^ V anation of Ionic Speeds -rit has been seen (p 58 ) that the equiva 
^ent conductance of an electrolyte depends on the numbei of iousToii th e 
charge earned eacli ionic spe(n(s and on then~gpccds For a~g im 
solute~thc chaige is of course, constant and so the \ anation of equn a- 
lent conductance nath eoncentiation means that theie is either a change 
m the numhei of ions present oi in then \ elocities, oi in both*' In the 
eailj development of the tlieorj of electrolytic dissociation Arrhenius 
made the tacit assumption that the lomc speeds ii ere mdepend^t ollH e 
concentration of the solution , the change of equivalent conductanc e 
w ould then lie due tofthe chonp in the number of ions produced from 
th~c ong cgimalent oPeicctrolUc as a result of the chan^ of concen 
tiation, yir L_othei voids the change in the equivalent conductan ce ( 
should-^then be attributed to the cha^ in the degree of dissociation . 
Alt feleciidtytes aie piobably corapleteb di^ocTatcd into ions at mhritle 
dilution, and so, if the speeds of the ions do not vary Tilth the concentra- 

tion of the solution it is seen that the ratio of the equn alent conductance 
A at any concentration to that (A#) at infinite dilution, i e , A/Ap, should 

be equal to the degree of dissociation of the electrol.T t c For many 5 cars, 
tEerefoib folloiving the original iiork of Arrhenius, this quantitj , which 
IS now given the non committal name of ‘ conductance latio (p 
TT as identified v ith the degree of dissociation 

Theie are good reasons for believing that th e speeds of the 10ns do 
T ar^ as the co ncenlration of ihc solution of electrolyteTs changed, and 
so tlie^^ai ture of tlie conductan'Hj latio (A/An) from unity with m- 
cieasing concentration cannot be due mciely to a dccicasc m the degiee 
'ifi 'liesiiKaiaBJh Tjvug 'ill n-hifA'. tb a, j/in. 

IS high, the j nutual interaction of the oppositely charged ions results in 
a consideiable decrease m the velocities of the 10ns as the concentration 
of the solution is increased, the fraction t/\o under th ese cond itionsjjears 
no lelation to the degree of dissociation) ^n solutions of veak elcctio 
It tes the number of ions in unit volume is relativel y smal l, and hence so 
also is the inteiionic action which reduces the lomc speeds The lattei 
consequently, do not change greatly with concentration, and the con 
diictance ratio gn es a reasonably good value of the d egree of dissociati on 
some coil ection should, iiow e\ er be made for the mfluence' of mtenonic 
forces, as ill be seen later 

The Degree of Dissociation— An expression foi the degree of dis 
sociation which will be found useful at a later stage is based on a con- 
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sideration of the relationship bct'wcen the equivalent conductance of a 
"olution and the speeds of the loiw It was deduced on piRc fiO that 
lie speed o f an ion at infinite dilution un der a potential Rradicnt of 
volt per^m is equal to X*/f^tIie dcnvatlon liclng based the 
,s.sumption tliat thc' clictrol.vte^_eoTnpletel.\ dissociat ed A consid- 
ration of the arguments presented sliovrs that thej arc of generalappji- 


rolj te, the ionic concentration^ao equiv per liter must be emplov cd in 
valuating the quantitj of elcetr^iulj earned bv the ions, the total con* 
entration c is still used, however, for calculating the equivalent con* 
luctance The result of making this change is that equation, (19) on 
age 59 becomes 

arCi4 + w.) = Xt + X_ = V, (I) 

here and X_ are the actuaboiLConductaumLnnd A the equivalent 


aF(f4 + « ) A 

roii + u'i) " x;' 

_ \ V4. + id j L Ij'j'k 

y ^ “ A| ji4 + U- J / j 

'or a weak oleetrolj to the sum t/+ + for infinite dilution, does not 
iffer greath from «+ •f* lu in the nctin! holution, and so the degree of 
issociation is approximately equal to the conductance ratio, as stated 
bovtJj 

If Equation (1) is divided into its constituent parts, for positive and 
cgativ cions, it IS seen that r - ” • ’ ' 

, j «n,. = ^ (■!) 


)r each ion, hence 


aFuj 


Xi 

i?’ 

h ’A 


(4) 


here h and Ui arc the equ ivalent cond uctance and mobilitj of the ith 
in in the actual solution) 

Intenomc Attraction 5 The Ionic Atmosphere — Tlie possihility that 
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among others, but t 
du e mamly to the ypik of Debve.a 

bxQuM^LaQ d-by_FalkenhagmT ~Tl ic essential postulate of the Debye- 
Huckel th eory-is that ina. Y.be consideicd aa be ing .surroundcrl 

by an iQiiic_at.mosDhere of oppositRpg iL^ihifi:^.mr)spbpift canbe legarded 
as ansmg m the follmvmg manner Jmagine a positue ion situated at 
the point A in Fig 30, and consider a small ^o^unle element dv at the 
end of a radius veetoi r, the distance r is supposed to be of t he ojderjif 
less than about one hundred .ri m es the diaroetei of an loii As a result 
of^liermaljnoveiMnte of the ions, there niU sometimes be an excess of 
positive and sometimes an excess of negative ions in the volume element 
dv, if a time average is taken, howeier, it wdl be found to have, as a 
consequence of electrostatic attraction by 
the positive charge at A, a negative charge 
density /In other ivoids the probabdity of 
finding ions of opposite sign in Ehe space sur- 
rounding a given ion is greater than thepiob- 
ability of finding ions of the same sign, every 
ion may thus be regarded as being associated 
vith an ionic atmosphere of opposite sign 
>7Iie net charge of the atmosphere is, of course, 
equal in magnitude but opposite in sign to 
that of the cential ion the charge density will 
ob\ iously be greater m the immediate vicinity 
of the latter and ^ill fall off with increasing 
distanced It is possible nevertheless, to define an effective thickness of 
the lome atmosphere, as will be explained shortly 
vSuppose avgy.» o£jh<’» pof:gntifl.l m the center of 

the volume element dv in Fig 30 is i, the work required to bnng a posi- 
tii e ion from infinity up to this point is then and to bring up a 
negative ion. it is -- z-el>, where 2 + and z- are the nujimcal values of the 
valences of the positive and negative ions, respectively, and e is the unit 
charge, i e , the electronic ebarga If the Boltzmann law- of the distii- 
bution of particles in a field of \arying potential energy is applicable to 
ions, the t ime aveiaee numbers of positive ions (d%) and of negative 
ions (dn_) present in the volume element dv aie given by 


>•/ 


Fic 30 The lomo 
atmosphere 


and 


dnA. ~ 
dn- = 


where n+ and n- are the total numbere of positive and negative ions, 

'Debje and Huckel Physil Z 24 1&> 305 (1923), 25, 145 (1924), for reviews 
see raJkenbageo and Wilijams Chrm Rrus 6 317 (1929), Williams tM 8 3 13 (1931) 
Hartley eUi Atm Rep Chem Soe 27 326 (1930), Tilkcnhagcn Rev ModemPhjs 
3 412 (1931), ' riectrobte ' (Traiidaled by Bell) 1934, Matlimes d al, Chem Revs , 
13 29 (1933), frons EkclrccJiem Soc,66 237(1934),/ Fnmlhn In&t 225 GBl (1938) 
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re«pocti\clj , in unit \ oliimc of the solution, I !■< the BoUznntm 
1 e , the gas constant single molecule, anJT is'UiT absolute tempora- 
ture The electrical densitj p, ic, the net charge per unit ^olumc, in 
the gi\ea ^olurac element is therefore giien by 

«(2+rfn+ - 2_tfn_) 

di 

s= ( 5 ) 

For a uni um\alcnt clcctroljte 2+ and 2- arc and n+ and n. must 
be equal, because of olectneal neutralitj , hence equation ( 5 ) becomes 


p « (C) 


^herc n is the number of either kind of ion in unit \oliimc Htpandirg 
the tuo exponential ‘:cnes, and wnting x in place of t^// T, equation ( 6 ) 
becomes 




and if it IS assumed that 1 e , is sraall m comparison with unit>, 
all terms be}ond the first m the parentheses raa> be neglected, so that 


p « 



( 7 ) 


In the general case, when and 2. arc not necessanly unitj, if the 
assumption is made that is much less tlian unitj m each case, the 
corresponding expression for the electrical dcnsitj is 

( 8 ) 


where n, and Zi represent the number (per unit ^olumc) and valence of 
the 10ns of the itli kind The summation is taken o\er all the t\pos of 
10ns present m tiic solution, and equation ( 8 ) is applicable irrcspcctne 
of the number of different kinds of 10ns 

In order to soUe for ^ it is neccssar) to ha\c another relationshp 
between p and if-, and this may be obtained bj introducing Poisson's 
equation, which is equivalent to assuming that Coulomb's law of force 
between electrostatic charges also holds good for 10ns This equation in 
rectangular coordinates is 


flV 


D ’ 


I, y and z are the coordinates of the point in the given volume element, 
and D is the diclectnc constant of the medium Converting to polar 
coordinates, and making use of the fact that the terms containing <)^/W 
and dild<{) will be zero, since the distnbution of potential about an} point 
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in tlie electrolyte must be sphraicall} symmetrica!, and coasequenth 
independent of the angles 9 and equation (9) becomes -- 


1 

r dr \ flr / D 


(lo; 


If the \alue of p given bj equation (8) is inserted, this becomes 


1 

r' 0r\ dr ) 


4t€‘’ fl 

= 


( 11 ) 


uhere the quantity k (not to be confused with-wecific conductance) i 
defined by 


/ 4X6’ 


( 12 ; 


The differential equation (11) can be sohed and the solution has the 
geneial form 

+ ^ (13; 


\iheie A and A' are constants uhich can be evaluated in the following 
manner Since ^ must approach zero as r increases, because the poten- 
tial at an mfimte distance from a given point m the solution must b{ 
zero, it folloivs that the constant A' must be zero, equation (13) conse- 
quently becomes 



For a verv dilute solution is almost zero, and hence so also is k 
as may be seen irom eapation (^2)., the value of the potential at the poinl 
under consideration u ill then be Aji, according to equation (14) Ir 
such a dilute solution the potential m the neighborhood of anj ion inl 
be due to that ion alone, since other ions are too fai au ay to iiavc anj 
mfluence further, if the ion is regwded as being a point charge, the 
potential at small distances ^Mll be z»6/Dr It follows, therefore, that 

A z,6 
7"Wr’ 


A 


Z,€ 

w 


and insertion of this result m equation (14) gives 
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This equation may be written m the form 




It 




<r"), 


and if the solution is dilute, so that k w small and 1 - e“‘' is practically 
equal to ifr, this becomes 




_ 2e 

~ Dr 


ZiK 

D 


(16) 


The first term on the right of equation (16) is the potential at a 
distance r due to a given pomt ion when there are no surrounding ions, 
the second ternwwj^hereforc, represent the potential ansing from the 
ionic atmosphe/^J^is seen, therefore, that the potential due to the 
ionic atmosphere, is given by 




Zi< 

D 


(H) 


for a dilute solution Since this expression is independent of r, it may 
be assumed to hold when r is zero, so that the potential on the ion ilselj, 
due to its surrounding atmosphere, is given by equation (17) If the 
whole of the charge of the ionic atmosphere which is - since it is 
equal m magnitude and opposite in agn to that of the central ion itself, 
Tiere placed at a distance 1 /k from the ion the potential produced at 
it would be - 2 ,«/D, which is identical with the value given by equation 
(17) Tf. ia fiPPTi. f1iprpfnri>^ f.hflf fbo fbn inn ntTnftgpWp.i.g.pqiiivp|. 

lent to that of a single charge^ of the same magniiudr. placed at a distance 
i/* irom the ion, the qainiity lln can thus be regarded as pleasure 
of the thickness of the ion atmo^ere i n a gi\ en sdlailoii ' 

^^^According to the definition of V, le, equation (12), the thickness of 
•^ibe jon ]0 atmosphere tvjU depend on the number of iims of each kmd 
pre'ient in unit i olume and on their valence If c, is the concentration 
of the ions of the tth kind expressed in mofes (gram ions) per liter, then 

N 

” '’looo' 


here iV is the k\ ogadro number, hence, from equation (12) , after making 
a slight rearrangement, 


1^/_DT lOOOkV 
K \Sc,^ ArvN j 


(18) 


The values of the universal constants are as follows k is 1 38 X 10'’* 
'Tg per degree, < is 4 802 X 10 e s unit, and ^ is C 025 X 10'’’ , hence 


rnia of rai iXAiiON of iomc atmosphere 
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For M ater as solv ent at 25®, i) is 78 6 and T is 298®, so that 


1 431X10-* 


T he thickness of the ionic atmosphere is t 
lO':^ c m . it decreases Mith imajp aang pnTif ^^fmtiiQn .anrl.\T^pTp.nsm;T m - 
lence q [^c ions present in {Ae electiolvte. and inci eases \nth increasing 
dielectilTcoiistati t ot ttie sQlventaad -yntfa int^rftafiing- ^pmy^^rp ^ 
value of 1 /k m Angstrom umts for solutiwis of vaiioMS types of electro 
lytes at concentrations of 0 1, 001 wid 0001 moles pei liter m uater at 
25® aie given in Table XXII 


TABIB XXU TinCILNESS OV THE IONIC ATJIOSPHBRS IN -WATEB XT 

Cooceniration of Solution 


Vdence Type 

OlOu 

001 M 

0001 jt 

Uni-uci 

9^ 

30 sA 

90 4A 

l/m bi and bi uni 

SGS 

193 

53 8 

Bi hi 

482 

153 

48 2 

Uni ter and ter unj 

394 

136 

394 


Time of Rfelayatifin cf . lani c-Ateospbere —As long is th e ionic at- 
mosphere IS that is to sav.jLis noi eaiosed to an an^ic d 

electrical fie ld or to a sheaitng foice tending to cause movement of the 
ion with respect to the solvent, it ha s snhencal gymToPivv. 'When the 
'OD IS made to move under the influence of an external force, lion ei or, 
e g , by the application of an clcctucal field, the symmetrj of the ionic 
atmosphere 15 dibtui bed If aparticulai kind of loa moi ea to theuglit, 
for example, each ion will constantly have to build up its ionic atmos- 
phere to the nght, while the chai^;e densitj to tiie left graduallj decays 
rate at which the atmosphere to Uic right forms and that to the left 
dies away is expressed m terms of a quantity called the time of relaxation 
of the ionic atmosphere. / The decay of. ibo loiuc atmosph eiU-QCcur 
e xponentia IlY...and-8o Jhe ret iim-to-randQiiLd istubutioii is asi jnptotic in 
a a^^ ltldloMS, therefore, tbatj hcj ime loouird: fo r the i onic atn mb- 
pGeieto f^l'actually to zero is, theoretically, infinite iTiiiilieon slioiu i, 
ho\\e'ver~tliatj 3{efTilie’lmo>al of'TEe'tGRtuil lom the surroundino 
atmosphere falls \nrtuallv to zero m the ti me i(fi, w here 9 is the time oi 
relaxation of the ionic atmosphere and q b defined by 


gs-3£- 
2+ + Z- 


hl- + k- 
2+X_ -}- 2_Xf ’ 


(2o: 


2 IS the ^ alence, excluding the sign, and \ is^e ion conductance, of tin 
respectn e ions For a binary dectiolytey^ , one j leldmg onlj two ions, 
2 + and s_ aie equal and g is 0 5, the foi the ionic atmosphere t( 
decay viitually to zeio is then 29 

When an ion of ^ alence z is mo\ang with a steady velocity througl 
a solution, under the influence of an dectneal foice &V, where V is tlu 
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applied potential gradient, this force mtistbalancc the force duo to re- 
sistance represented by Aw, K r? the rcs^ant coeffi''ient of fnctional 
resistance and u is the steady velocity of the ion It follows, therefore, 
that 


cY * Ku, 


If the potential gradient is. 1 a-olt per cm, then 7 is lj6O0 es unit, 
furthcrthevelocityuistheng\en,aecording to equation (20), Chap II, 
by i/r, where f' is 96,500 and hence 

= ( 2 ‘) 


Since e IS 4 802 X 10"“ e <« amt It has been show n by Debye and 
Falkenhagen * that the relaxation time is related to the fnctionai coeffi 
cicnts K+ and A_ of the two ions constituting a binary olectroljte b} the 
espression 


2A+/C 1 

'A++A_ 


see, 


( 22 ) 


where k has the same significance as before Utilizing equation (21) 
and remembering that 2 + is equal to z. for a binary electrolyte and that 
X+ + IS equal to t, the equivalent conductance of the electrolyte 
equation (22) becomes 

9 = 30 8 XI0>* i~w (23) 


Introducing the \alue of 1/* for aqueous solutions at 25®, given b equa 
tion (19), into equation (23), the result is 




sec , 


(24) 


where c IS the concentration of the solution in moles per liter For mo«t 
solutions other than acids and bases, A is about 120 ohms“* cm * at So®, 
so that 

06 X 

0 « sec 

cz 


Ihe time of relaxation of the ionic atmosphere for a binary electrol}to 
is thus seen to be inversely proportional to the concentration of the 
solution and to the valence of the ions The apprommate relaxation 
times for 0 1, 0 01 and 0 001 n solutions of a um-univalent electrolyte 
are 0 6 X 10'*, 0 6 X lO'* and 0 C X 10 * sec , respectively 

1 Debye and Falkenhagen Phytik Z 29 121 401 ( 1928 ), Falkenhagen and Wit 
llama Z ph^sik 137, 399(1928), J Pkys Chem 33, 1121 (1929) 
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^hich the centrauPDf. ^ vitb its solvent molecules (cf p 114),.]sjnQj^ 
An additional retarding influence , equivalent to an increase in the viscoue 
resistance of the solvent, j s thus exerted on the movinRi onT^is is known 
as tile electropho retic effect; suice it is analogous to tlie icsistancc acting 
against IhSTTO^ htaent of a colloidal particle m an electneal field (cf 
p 530) 

An attempt to calculate the m^nitude of the forces opposing the 
motion, of an ion through a solution was made by Debye and Iluckcl 
they assumed the applicability of kw And dem'ed tho follo\\ing 
CNpression for the ^ectrophoretic force on an ion of the ith kind 


ISlectioplioretic Forc e ” 

nheie <, and k have then usual significance, the lattei being taken a' 
equal to the reciprocal of the tluckness of the lomc atmosphere, tj is the 
VHcosity of the medium, K, is the coeffi cient of frictional resista nce o1 
tlic solvent opposing the motion of the ion of the ith kind, and V is the 
appUed potential gradient * * Ihe same result was_denved m an alter: 
natn^e manner b y Onsagei,^ who showed that it is not necessary fo r 
Stolces's laiiLio be stnctlv apniicable in the immediate vicinity of an ion 


In the first derivation of the relaxation force Debye and Hucael'dld 
not take into account the natuial Brownian movement of the ions, allow- 
ance for tins was mode by Onsager who deduced tne equation: 


^ Relaxation Force = (26) 

* The coeffiuent K. pven here differs Bomewhat from that (/C) employed on page 
86, the latter is defined as the resultant fnctional coefficient, based on the tacit assump- 
tion that all the forces opposing the motion of the ion in a solution of appreciable eon- 
oentratiQii are frictional in nature An attempt is made here to divide these forces intc 
the true fnctional force dhe to the solvent tor which the coefficient K, is employed, anc 
the electrophoretic and relaxation forces due to the presence of other ions At infinite 
iLlut on K and K, are, of course, identical 

3 Onsager, Phy&il Z , 27, 38S (1926), 28, 277 (19W), Tmm Faraday Soc , 23, 341 
(1927) 
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^here D la the dielectric consHnt of the medium and ir is defined bj 


tr 



( 27 ) 


the A aliic of q being giv en b^ equation (^) 

It non possible to equate the force^ acting on an ion of the ttli . 
kmd nhen it la moMng through a solution mth a steadi ^elocitj w„ 
the dnnng force due to the apphed electncal field is c.V, and tb^ h 
opposed bi the frictional f orce of the soh ent, equal to A,u„ together 
with the clectrophun-tic and rclatation forces, hence 


€2,r £*2,1: 

= A.„. + ^A.1 


(23) 


On dmdmg through bj A,V and rcarnnging, this become^ 

ti, €2^ tz,K jr 

I’ A, Cn; 6DLT kt 


If the field strength, or potential gradient, i> taken a? 1 \oU per cm , 
1 e , r IS 1/300, then 


^ _1j_ _ 

300A’, QOKT Kj 


(29) 


At infinite dilution k h zero, and s) under these conditions this cqua* 
tion becomes ^ 

,,o _ Hv ^ 

300A, 


and since is equal to X?, it follows that 


300A. V 


(301 


Further, according to equation (3), «, is equal to X,/aF, ^here a b the 
degree of dissociation, and if this result and that of equation (30) are 
introduced into (29) the latter becomes 


X, ^ 5; \ 

aV' F 300V&n,'^60JJ’ A.'V 


(31) 


_1 1 11 - ~ ^_1 .. _ — ..Jrf »A/i» Up plppfrnl Ip ,0 Pnit]. 




( 32 ) 
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making use of equation (30) to replace &tlK, bv SOOX?/? Introducing 
the e^pre‘5sion for k given b} equation (12), and utilizing the standard 
values oi t k and N (p 84), equation (32) becomes 


X. = X? - 




-xfioj-'£4T C_2_ 


(33) 


The quantities c^. and c re present the concentiations of th e ions in moles 
per Titer^ese m av be replaced by the corresponding concentrations^ 
in ftqifnfllfintg pt^r.]iir^r^ uhere 0, wbieh IS the same for both ions, j s equal 
to c 2 hence 


X. = X? 


r 29 152. ^ 


, 990X10*^„ 
L(i)/)V (DT)i 






(34) 


TKn oquivaknt mdMct&nce of a,u deetsolyto eqnal to the vm of 
tlie conductances of the constituent ions, and so it follows from equation 
(34) that 


A = An “ 


2915(2: 




+ ^.).9 90 X10^ 
+ ~7K5CT-A»”’ 


, (DT)! 


Vc{s+ + 2) (35) 


In the simple case of a imi-univalent electiolyte, s+ and 2 arc unity, 
"2 IS 2 - V2 equation (35) then reduces to 

82 4 8 20 X#, ■' - ^ 





- -.TCJ’)', " {DD< 

the conccntratiOT c, in equiialcnfs, being replaced bv c, m moles, since 
both are now identical This equation and equations (33), (34) and (35) 
represent forms of the Debye-Huckel-Onsager conductance equation, 
these relationships, based on the assumption that dissociation .o Lthe 
electrolyte is complete a ttempt to account for the i&llmg oif_a Lihfi 
e quivalent conductance at appreciable concentrations m terms of jt_d^- 
crease in ionic velocity resisting from mtenome force s T he decrease o f 
cond uct^ce due to these foim ir repres ent^ biTthe Q\iantitiesJ a~Se 
s quare brackets, the Pratlcrm in tne buckctsli^ the effect due to the 
electro phoretic foFTO and tbe~secon'^ '^I^osent54hp^Q of 
tne r elaxation, or asymme^. forc^ It will be apparent from equation 
(35) that, Tor a given solvent at a definite temperature, the magnitucjg 

of the mtenome forces increases as is to be anticipated, with increasing 

valence of the ions and with m^as m g concentration of the electrolyt e. 
Before proceeding witn a descnption of tne^^penmente that have 
been made to test the validity of the Onsager equation, attention may 
be called to the concentration tenn c (or c) which appears in the equa- 
tions (33) to (36) This quantity arises from the expression for k 
[equation (12)], and in the latter it represents stnctly the actual ionic 
concentration As long as dissociation is complete, as has been assumed 
aboie, this is equal to the stoiduometnc concentration, but when cases 


so 
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0 / incomplete dissociation are considered it must be remembered that 
the actual ionic concentration ig «c, and this should be employed in the 
Onsager equation 

^ Validity of the Debye-Huckel-Onsager Equation —For a um-univa 
lent electrolyte, the Onsager equation (3G), assuming complete dkssocia- 
tion, may be wntten in the form 


A = A, - (4 + BA,)4c, (37) 


where A and B are constants dcpaident only on the nature of the solvent 
and the temperature, thus 

824 

{Dm 

and 


820X 10’ 
^ ■ iDT)i 


The values of A and B for a number of common solvents at 25® are given 
in Table XXIII 


TABLE xxni Values op toe oksaobu co^BTANTB roa uni univalent 

EtECrnOLTTBS AT 2j* 


&fvcnt 

D 

nXlO* 

A 

5 

Water 

785 

893 

60 20 

0229 

Methyl aleohol 

315 

545 

1561 

0923 

Ethyl alcohol 

243 

10 S 

897 

tS3 

Acetone 

212 

315 

32 8 

163 

Acetonitrile 

367 

344 

229 

0716 

^ltromethane 

370 

027 

1251 

070S 

Nitrobensiene 

348 

183 

44 2 

0776 


, (fl) Aqueous Solutions testing the validity of equation (37), it 
IS not sufficie nt to show thavthc equivalent conductance is a linear func- 
tioiTof the square root of tho concentration, as la generally found to be 
the case (cf p 54), the important jromt is that the slope of the line 
must hejiumfincally-eq uaLio .^ + where A and B have thli values 
given m Table JlXIII must be real zed, further, that the Onsager 
equation is to b e re p ;ardpd as a limiting e xpression applicable to very 
.dilute sol^ on s only, th e reason for this is that the identification of the 
ionic atmospEwe^th lA, where * is defined by equation (12), involves 
amplifications resulting from the assumption of point charges and dilute 
solutions It is necessary, therefore, to have reliable data of conduct- 
ances for solutions of low concentration In order that the accuracy of the 
Onsager equation may^(^te^ted vSuch data have become available m 
recent years, particularly for aqueous solutions of a few uni-umvalent 
’ ’ ” 1 j _ potassium chlondes and 

J icse solutions at 25® are 

the observed equivalent 
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conductances are plotted against the square-ioots of the corresponding 
concentrations.^ The^theoretical slopes of the straight lines to be ex- 
pected from the Onsager eq ua^on , calculated from the values of A and B 
in Tabic XXIII in conjunction wi9i an estimat ed equiva lent conductance 

HQ 



at infinite dilution, are shown by the dotted lines, vlt is evident from 
Fig. 31 that for aqueous solutions ofTlie uni-univalent electrolytes for 
which data are available, the Onsager eqimljonJsjg iry ploselv^D^ yed at 
concentrations uuJo abo:^.!2->ClC^i itq nife-T>e 

I^r electrolyte of .un^^etiicalj^mice*t 5 'p^,'^i.e:,'S 4 . and 2 _ are 
different, the verificalion'Of’SSe’D^o-Hli^^Onsager equation is more 
difficu[t since the evaluation of the fact or w ia J^quation ( 35 ) requires a 
knowledge of the mobiimes nt the mJividuat iuus -itt-Mftite^ hitfofff 
for this puipose it is necessary to know the tiansference number’s of the 

* Shedlovsky, J. Am Ckem. Soc., 54, 1411 (1932); Shedlovsky, Brown and Macliuies, 
Trans. Ekctrockm Soc., 66, 165 (1934); Kn^ and Kilpatrick, J. Am Chem Soo , 
59, 1878 (1937). 
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/ions constituting the electrolyte (see Chap The requisite data for 
dilute aqueous solutions at 25® are available for calcium and lanthanum 
•Chlorides, i e , CaCls and LaCIi, and in both inEamjeslIirresults’^areTin 
close agreement luth the requirements of the theoretical equation at 
concentrations up to 4 X 10*® eqinv per liter j I t is apparent that t|ie 



of various clectrolj tes ha^ e been made, and in general the results bear 
out the ^ahd^ty of the Onsager equation ® A number of \alues of the 
experimental slopes are compared in Table XXIV Tvith those calculated 

TABLE XXIV COMPARISON OP OBSERVED AND CALCULATED OVSAQER SLOPES I\ 
AOUEOM BOLVTlOHa AT 2o® 


£lectrol3rte 

Observed Slope 

Calculated Slope 

IiCl 

811 

72 7 

NaNOi 

82 4 

74 3 

JvBp 

87 9 

<!02 

hCNS 

765 

778 

CaCl 

700 

805 

MgCI, 

1441 

145 6 

Ba(NO,), 

1607 

1505 

K,S 04 

1403 

1595 


theoretically, the agreement is seen to be fairly good, but it ma> be even 
better than would at 6ret appear, owing to the lack of data in sufficiently 
dilute solutions y/it is of interest to record m this connection that the 
experimental slope of the A versus curve for silver nitrate was given 
at one time as 88 2, compared with the calculated v alue 76 5 at 18®^ more 
recent work on veiy dilute solutions has shown much better agreement 
than these results would imply (sec Fig 31). 

/Further support for the On'?agcr theory is provided by conductance 
measurements of a number of elcctrolj tes made at 0® and 100® At both 
temperatures the observed slope of the plot of A against ^ agrees with 
the calculated result w ithm the limits of experimental error*/ Tlic slope 
of the curve for potassium clilondc change* from 473 to 3134 within 
the temperature range studied 

The data recorded above indicate that the Onsager equation repre- 
sents in a satisfactory manner the dependence on the concentration of the 
equivalent conductances of uni-univdent and uni-bi (or bi urn-) valent 
electrolyte* AVith bi-bivalent solutes, however, very marked discrcp 
ancies are observed, m the first place the plot of the equivalent coq- 

* Jones and Bickford, / Am Ohm Soe, 56, 602 (1034), Shedlovsky and BroAH, 
ibid , 56, 10C6 (1934) 

* See Davies ‘ The Conductivity of Solution? ” 1933 Chap \ , Hartley tl al , 
Ann Rtp Chm Soe, 27, 341 (1930), J Chm Soc, 1207 (1933), Z ph>jnK Chm, 
165A, 272 (1933) 
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ductance against the square-root of the concentrafaoQ is not a straight 
lme,biiii^cx),nc^q^^^oftIipM 32) Further, 

the slopes at appreciable concentrations are much greater than those 
calculated theoretical!} It is 
probable that these results are 
to be explained b} incomplete 
dissociation at the expenmental 
concentrations the shapes of 
the curves do in fact indicate 
that in sufBciently dilute solu- 
tions the slopes vould probably 
be Nerj close to the theoretical 
Onsager i alues 

{b) Non- Aqueous Sohhons — 

;rA number of cases o f satisfactor} 
vagreenient mth theoretical re- 
quirements ha^ e been found m 
methyl-alcohol solution s, this is 
pfeulariy "the case for the 
chloi'^es and tbiQC}_anates of the 
I l^lf'.met als^’pOther'ele^ro 
Ijtes, such as mtrates, tetraik}!- 
ammonium salts and salts of Pic 32 DfvmttoD from Onsasei equation 
higher valence tj-pes, hoirete^ ‘ 

exhibit appreciable dei lations ^cse discrepanc ies become more marked 
the low the dielcctnc constant^ the medium, '’especially if the latter is 
non-hydroxjhe in character The conductance of potassium iodide has 
been determined in a number of soh cuts at 25*^ and the expenmental and 
calculated slopes of the plots of A against Vc arc quoted in. Table XXV, 

TABLE XXV OBSERVED AKD CAICDUTE® ONSAGER SLOPES FOR POTASSTOJ 
lOPIDE AT 25® 

OnsagCT Slope 

Solvent D Ohsen ed Calculated 


Water 

7S6 

73 

80 

Meth}l alcohol 

315 

260 

268 

Ethyl cyanoacetate 

277 

115 

63 

EthjI alcohol 

2o2 

209 

153 

Bcnzomtnle 

252 

263 

142 

Acetone 

209 

1000 

638 


together inth the diclectne constant of the medium in each case At 
still loN\er dielectric constants, and for other electrolytes, even greater 
discrepancies have been recorded m man} cases substances which are 
strong electroljdes, and hence almost completely disociated in water, 
behave as weak, mcorapletdy dissociated electrolytes m solvents of low 

'Hartley del, Prw Roy Soc. 127A 228 (1930), 132A, 427 (1931), J Chem Soc., 
2488 (1930) 
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dielectric constant It is not surprising therefore to find departures 
from the theoretical Onsager behavior 

Deviations from the Onsager Equation — Two mam types ^ dcvia 
tion from the Onsager equation have been o^rved the tirsFt^pejs 


^ be ascribed to the apprOTimations made in the derivation of the 
\/t}nsager equation which, as already explained can only be expected to 
hold for point ions in dilute solution An empincal correction nvoh mg 
c and loec. hasJ^eRn applipd t.n allftitf for these approximations m the 
■following manner Solving equation (37), for a urn univalent electro- 
lyte, for Aj it 13 found that / 

, A-^A'Ic 

^•-TZlTc' 


according to the simple Onsager theory and after applying the correc 
tions proposed by Shedlovsky • this becomes 


Ao 


A 4- AtIc 
l-Bic 


-Cc-Dcloge-hEc^, (39) 


where C, D and E are empincal constants In some cases D and E are 
very smali and equation (39) reduces to the form 


A(j s= 


A + aVc 
1 -BVc 


(40) 


which was emplojed on page 55 to calculate equivalent conductances 
at infinite dilution y Its validity is confirmed by the results depicted m 
Tig 22 In general, the Shedlovsl} equation (39) adequately represents 
the behavior of a number of electrolytes m relatively concentrated solu- 
tions, it reduces to the simple Onsager equation at high dilutions when 
c IS small It IS of interest to call attention to the fact that if the terra 
m equation (39) involving log c is small, os it often is, and can be neg- 
lected, this equation can be wntten in the form of the power senes 

A «= Ao - A'ci -t- B'c ~ C'cl + DV - EV, (41) 

where B', etc , are constant for the given solute and solvent 
For many electrolytes the p lot of the ngsinsL 

ftf fhp rnncentmfinn is hn ear vor slightly concave to the 
concentration axis, but the expenmental slopes are numencally greater 

‘Shedlovsky, J An Chem Soc 54 1405 (1932) ShedJovsky and Brown, tW , 
56 1066 (1934) cf Onsager and Fuosa / Phyt Chm 36 2689 (1932) See how 
ever Jones and Bickford J Am Ckw Sm,S6 602 (1934) 
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than those expected theoretically, t his constitntps nrrnoH t^pc of 
d eviation fromjhe On'^acei pqiiaf.ir>Tij instances of which are given in 
Table In these cases the conductance is less than required by 
the theory and the explanation offered for the discrepant behavior, as 
indicated above, is that dissociation of the electrolyte is menmplp.fp the 
number of ions available for cairyu^ the current is thus less than would 
be expected from the sfoicfuometnc conwmtration It mil be seen from 
the treatment on page 89 that, stnctly speaking, the left hand side of 
equation (32), and hence of aJl other forms of the Onsager equation, 
should include a factor 1/a, where a is the degree of dissociation of the 
electrolyte, further, it was noted on page 90 that the concentration 
term should really be ac It follows, therefore, that for a um-univalent 
electrolj'te the correct form of equation (3^, which makes allowance for 
incomplete dissociation, is 

A = a[Ao — (A -b (42) 

This equation is sometimes wntten as 

A = aA', (43) 

where a', defined by 

A' s Ao - (A + BAo)''/m, (44) 

IS the equivalent conductance of 1 equiv of free ions at the concentration 
ac cquiv per liter j c , at the actual mtc conceniraitm m the solution 
It IS not evident from equation (42) that the plot of A against Vc 
will be a straight line, since a vanes with tlie concentration, but as ex is 
less than unity, it is clear that the observed values of the equn alent 
conductance will be appreciably less than is to be expected from the 
simple Onsager equation The second type of deviation, which occurs 
particularly with salts of high valence types and m media of low dielcctnc 
constant, can thus be accounted for by incomplete dissociation of the 
solute It IS seen from equation (43) that the degree of dissociation a 
is numerically equal to A/A', instead of to A/Ao as proposed by Arrhenius 
It IS apnarent from equation (44) that for idl electi olytes, and especially 
those which are relatively strong, A' is considerably smaller than Ao, the 
true degree of dissociation (A/A') is thus appreciably closer to unity than 
IS the value assumed to be equal to the conductance ratio (A/Ao) For a 
weak electrolyte, the degree of dissociation is in any case small, and 
ac will also be small, the difference between A' and Aq is thus not large 
and the degree of dissociation will be approximately equal to the com 
ductance ratio The values for the di^jee of dissociation obtained m 
this way are, houever, in all arcumstances too small, the difference being 
greatei the nioi-e highly ionized rfie electrolyte 

Tlie fact that the type of deviation fiom Onsager’s equation under 
discussion IS not observed, at least up to relativdy high concentrations, 
with many simple electrolytes, e g , the alkali halides in both aqueous 
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and meth) 1 alcohol solutions, sho"s that thc<!e sabstances are complctclv 
or almost completely dissociated under these conditions At appreciable 
concentrations the degree of dissociation probablj falls off from unitj, 
but the \alue of a is undoubtedly much greater than the conductance 
ratio at the same concentration 

Significance of the Degree of Dissociation —The quantitj a, referred 
to as the degree of dissociation represents the fraction of the solute 
which IS free to carry current at a gi\ea concentration The departure 
of the value of a from umty may be due to tTio causes \\hich are, how- 
ever, indistinguishable as far as conductance is concerned Although 
many salts probably exist in the lomc form even in the solid state, so 
that they arc probably to be regarded as complctclj or almost completely 
ionized at all reasonable concentrations, the ions are not necessanlj free 
to more independently As a result of electrostatic attraction, ions of 
opposite sign may form a certain proportion of lon-pairs , although any 
particular ion pair has a temporary existence only, for there is a con 
tinual interchange between the a anous ions m the solution, nc\ erthelcss, 
at any instant a number of ions ore made unavailable in this waj for the 
transport of current. In cases of this kind the electrolyte may be com- 
pletely tontzed, but not necessarily complctel) dissociaUd At high dilu 
tions, when the simple Onsager equation is obeyed, the solute is both 
lomzed and dissociated completely 

In addition to the reason for incomplete dissociation just considered 
there are some cases, g g , weak acids and many salts of the transition 
and other metals, in which the electrolyte is not wholly ionized Tliose 
substances exist to some extent in the form of un ionized molecules, 
a weak acid, such as acetic acid, provides an excellent illustration of this 
type of behavior The solution contains un-ionized covalent molecules 
quite apart from the possibility of ion pairs With sodium chloride, and 
similar electrolytes, on the other hand, there are probabb no actual 
covalent molecules of sodium chlonde in solution although there may 
be ion pairs in which the ions are held together by forces of electrostatic 
attraction 

The quantity which has been called the “ degree of dis-sociation ” rep 
resents the fraction of the electrolyte present as free ions capable of 
carrying the current, the remainder mcluding both un-iomzcd and un 
dissociated portions Neither of the latter is able to transport current 
under normal conditions, and so the ordinary conductance treatment is 
unable to differentiate between them 

The experimental data show that the deviations from the Onsager 
equation which may be attributed to mcwnplete dissociation occur more 
readily the smaller the ions, the higher their valence and the lower the 
dielectnc constant of the medium Thw generalization, as far as ionic 
size 13 concerned, appears at first sight not to hold for the salts of the 
alkali metals, for the deviations from the Onsager equation become more 
marked as the atomic weight of the metal increases, owing to the effect 
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of hydiation however, the effective sifc of the jon in solution decreases 
with increasing atomic iveighf It is consequently the radius of the ion 
as It exists in solution le together with its associated soKent molecules, 
and nob the size of the baie ion, that detenmnes the extent of dissociation 
of the salt 

According to the concept of ion. association, developed bj Bjerrum 
(see p 155) small size and high valence of the ions and a medium of low 
dielectiTC constant are just the factois that would facilitate the formation 
of ion-pan's The observed rtsiilts are thus m general agreement with 
the theory of incomplete dissociation due to the association of ions in 
pairs held together by electrostatic foices The theoiy of Bjeirum leads" 
to the expectation that the metent of a'^soeiation of an electrolyte con- 
sisting of small or high-valence ions m a solvent of low dielectric constant 
would only become inappieaable, and hence the degree of dissociation 
becomes equal to unity, at very high dilutions It follows, therefore, 
that the simple Onsager equation could only be expected to hold at veiy 
low concentrations, under these conditions, however, the expemnental 
results 'Would not be sufficiently accurate to provide an adequate test of 
the equation ' 

Determination of the Degree of Dissociation —The determination of 
the degree o! dissociation involves the evaluation of the quantity A’ at 
the given concentration, as defined by equation (44) , as seen previously, 
A' 18 the equivalent conductance the electrolyte would have if the solute 
were completely dissociated at the same ionic concentration as in the 
e^enmental solution Suice the definition of A involves a, whereas 
A' IS 1 equircd m order to calculate «, it is evident that the former quantity 
can be obtamed only as the result of a senes of appioximations Two 
of the methods that have been used will be desenbed here 

If Kohlrausch s lav of independent ionic migration is apphcable to 
solutions of apprecialile concentration, as well as to infinite dilution, as 
actuall} appears to be the ease, the equivalent conductance of an electro 
Ij te MA may be represented by an equation similar to the one on page 
57, VIZ , 

Ama = Amci + Anua “ ANica, (45) 

where the various equivalent conductances refer to solutions at the same 
tome concentrahon If MCI, NaA and NaCl are strong electrolytes, they 
may be regarded as completely dissociated, provided the solutions are 
not too concentrated, the equivalent conductances in equation (45) con- 
sequently refei to the same stoichiometric concentration in each case 
If MA 18 a weak or intermediate um-univalent d^trolyte, however, the 
value of Ama denved from equation (45) wiU be equivalent to Ama, the 
corresponding ionic concentration bemg ac, where a is the degree of dis- 
sociation of MA at the total concentration c moles per liter ® 

* Macinnes and Shedlovsky J Am Chm Soe 54 1429 (1932) 
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The equivalent conductances of the three strong eicctrolj tcs may be 
^Titten m the form of the power senes [cf equation (41)] 

A = Ao — -4 V + B c — C'cl + , (4lq) 

Inhere c is the actual ionic concentration, which in these instances « 
identical with the stoichiometnc concentration Combin ng the values 
of Aiic:, An»a and An.ci expressed in this form, it is possible by adding 
Axrci and Anu and subtracting An^i to denve an equation for A«a thus 

Ama = VooiA) + A' (ac)* + B"(ac) — C (ac)* + , (46) 

the c terms being replaced by ac to gue the actual ionic concentration 
of the electrolyte MA Since hm) ^ known, and A”, B C'\ etc , are 
denved from the A', B\ C , etc values for MCI, NaA and NaCl, it follows 
that Ama could be calculated >/ a were available An approximate esti 
mate is first made by taking a as equal to A/ for MA, and m this way a 
preliminary value for Ama is denved from equation (46), a can now be 
obtained more accurately as Ama/Aua» and the calculations are repeated 
until there is no change in AJia The method may be illustrated \nth 
special reference to the determination of the dissociation of acetic acid 
The conductances of hydrochloric acid (MCI), sodium acetate (NaA) and 
sodium chloride (NaCl) can be expressed m the form of equation (41o) 
thus, at 25’, 

Alltel) = 426 16 - 156 62Vc + IC9 Oc {1 - 0 2273^^), 

A(oh,co,ii.) •= 91 00 - 8046V3 + 90 0c (l- 0 2273Vc), 

A,mi) = 126 4S- 8852Vc + 958c (1 - 0 2273-^), 

A(oh,co,hi = 390 7 - 148 56\G + 163 2m (1 - 0 2273VS) 

At a concentration of 1 0288 X 10 * equiv per liter, for example the 
observed equivalent conductance of acetic acid is 48 15 ohms"' cm * and 
since Ao is 390 7 ohins*^ cm *, the value of a, as a first approximation 
IS 48 15/390 7, 1 e , 0 1232, inserting this result in the expression for 
A(ch,cojH), the latter is found to be 389 05 As a second approximation, 
cc is DOW taken as 48 15/38905, i e 0 1238, repetition of the calculation 
produces no appreciable change in the value of A', and so 0 1238 may 
be taken as being the correct degree of dissociation of acetic acid at the 
given concentration The difference between this result and the con 
ductance ratio, 0 1232, is seen to be relatively small in this instance, for 
stronger electrolytes however, the discrepancy is much greater 

If there are insufficient data for the equivalent conductances to be 
expressed analytically in the form of equation (41fl), the calculations 
desenbed above can be earned out in the following manner ” As a 
first approximation the value of o is taken as equal to the conduct- 

”Shem]l and Noyes J Am Chm Soe 48 1861 (1926), Maclimes M 48 
2068 (1926) 
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ance ratio and from this the ionic concentration ac is estimated Bv 
graphical interpolation from the conductance data the equivalent con- 
ductances of JICI, NaA and KaCI are found at this stoichiometric con 
centration, ■which in these cases is the same as the lomc CDUcentratio'n 
and from them a preliminary result for A^ia) is obtained Tith this a 
more accurate value of a is denied and the calculation of A{ma) is re- 
peated, this procedure is contmucd un'til the latter quantity remains 
unchanged The final result is utihzed to denve the correct degree of 
dissociation This method of calculation is, of course, identical in prm- 
ciple with that described previouslj , the o^y difference lies m the fact 
that in the one case the mterpolation to give the value of A' at the lomc 
concentration is earned out graphically while in the other it is achieved 
analytically 

In the above procedure for detenmumg the degree of dissociation, 
the correction for the change ra lorac speeds due to intenomc forces is 
made empmcallj by utilmng the experimental conductance data the 
necessary correction can, however, also be apphed mth the aid of the 
Onsager equation Since A/A' is equal to a, equation (44) can be 
wntten as 

A' = Ao - Ii'Ac/A’, (47) 

■where h represents A + Bit and is a constant for the given solute in a 
particular soh cut at a defimte temperature The value of Ao for the 
electrolyte under consideration can, in general be obtained from the ion 
conductances at infinite dilution or from other conductance data (see 
p 54), it may, therefo re be regarded as known As a first approvi 
mation, A' m the term Vac/A' is taken as equid to Aa. uhich is equivalent 
to identifying the degree of dissociation mth the conductance ratio, and 
a preliminary value for A' can be denved from equation (47) bj utilizing 
the experimental equn alent conductance A at the concentration c This 
result for A' is inserted under the square-root sign, thus introducmg a 
better value for a, and A' is again computed by means of equation (47) 
The procedure is continued until there is no further change m A' and this 
may be taken as the correct result from which the final value of o is 
calculated 

Conductance Ratio and the Onsager Equation —Equation (42) can 
be untten in the form 

u hich IS an expression for the conductance ratio, A/Ai the v alues, dear!} , 
decrease steadily with mcrea'ung concentration For weak electrolytes, 
the degree of dissociation decreases with increasing temperature smee 

“Dawes Trans Faraday Sec 23 351(1927) "Hie Conductivity of Solutions 
1933 p 101, see also Baals J Chm 5o6, 3341 (1931) 
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these substances generally possess a positive heat of ionization It is 
apparent, therefore, from equation (48^, that the conductaneeratio iriJ] 
also decrease as the temperature is raised For strong electrolytes, 
a being virtually unit>, equation (48) becomes 

the influence of temperature on the conductance ratio is consequently 
determined by the quantity m the parentheses viz , (i/A(,) -f- B In 
general, this quantity increases with increasing temperature That this 
18 the case, at least with water as the solvent, is shown by the data w 
Table X\VI for potassium cliionde and tetraethylammomum picrate m 


TABLE TXVI INFLUEVCE OF TEMPERATURE OV COVDUCTAACE RVTIO 

Temp Patassiuoi ChlonJe Tetraethylammomum Ficrate 



Ad 


Aj 

i + B 

0* 

SI 8 

051 

312 

116 

1S» 

120 8 

06t 

53 2 

117 

100’ 

40G0 

077 

ms 

130 


aqueous sofution ft foffows therefore, that the conductance ratio for 
' ' 1 " 1 n temperature, as found 

quation (49) that the 
the solution, and this 

also 15 m agreement with observation It may be noted that the quan 
tity (i/Ao) 4- iS IS equal to (A 4* BAo)/Ao, m which the numerator is a 
measure of the decrease m equivalent conductance due to the diminution 
of ionic speeds b> intenomc forces (p 89) it follows, therefore, that as 
a generaf rufe the mfenomc femes increase vrifh mcreasrng tmpcrstvm 
Introducing the etpressions for A and B given on page 99, it is 
seen that 

A 824 820X 10^ 

(Dr)l ’ 


and since nAo is approximateb constant for a given electrolyte in different 
soh eats (cf p 64), this result may be wntten in the form 




b 

(Df)*' 


€ (50) 


where a and b are numerical constants It i» at once evident, therefore, 
that the smaller the dielectnc constant of the solvent at constant tern 
perature, the greater will be the value of (A/Ao) + hence the 
smaller the conductance ratio The increase of lon association which 
accompanies the decrease of dielectric cODStent will also result in a de- 
crease of the conductance ratio 
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The discussion so iar has irferred partieularij to uni-uniualent elec- 
trolytos, It 18 evident from equaton (35) that the valences of the ions 
are iinpoi taut in detemiimng the decrease of conductance due to inter- 
lomc forces and hence they must also affect the conductance ratio The 
general arguments concermng the effect of concentration, temperature 
and dielectric constant apply to electailytcs of all valence types, in order 
to investigate the effect of valence, equation (35) foi a strong electrolyte 
may be wiitten in the general foim 

^ = 1 - [A'(2+ + 2_) + B'Agw]^+ + s_), (51) 

where A' and B' arc constants foi the sohent at a definite temperature 
It IS dear tliat for a given concentrabon the conduclance ratio decreases 
with increasing valence of the ions, since the faetois z+ + 2- and w both 
mcrease It was seen in Chap II that the equivalent conductances of 
most electrolytes, other than acids or bases, at mfimte dilution are approx 
imately the same , m this event it is apparent from equation (51) that for 
electioiytes of a given valence type the conductance latio will depend 
only on the concentration of the solution (cf p 52) 

In the foregoing discussion the Onsager equation has been used for 
the purpose of drawing a number of qualitative conclusions which are 
m agreement with experiment The equation could also be used for 
quantitative purposes, but the results would be expected to be correct 
only 111 very dilute solutions At appreciable concentrations additional 
terms must be included, as in the Shedlovsky equation, to lepresent more 
exactly the laiiation of conductance witJi concentration, the general 
aiguments piescnted above would, however, remain unchanged 

Dispersion of Conductance at High Frequencies —An important con- 
sequence of the existence of the ionic atmosphere, with a finite time of 
relaxation, is the variation of conductance wth frequency at high fre- 
quencies, generally re/ened to as the dispersion of conductance or the 
Debye-Falkenhagen effect If an alternating potential of high fre- 
quency is applied to an electrol)^®, so that the time of oscillation is small 
m comparison with the relaxation time of the lomc atmosphere, the un 
symmetneal charge distribution generally formed around an ion m 
motion will not have time to form completely In fact, if the oscillation 
frequency/rjs high enough, the ion ivill be virtually stationary and its 
lotuc atmfephere will be symmetne^ It folloivs, therefore, that the 
retarding force due to the relaxation or assymmetry effect will thus dis- 
appear partially or entirely as the frequency of the oscillations of the 
current is mcreased At sufficiently bgb frequencies, therefore, the con- 
ductance of a solution should be greater than that observed with low- 
frequency alternating or with duect current The frequency at which 
the mcrease of conductance might be expected will be approximately 
1/e, wheie e IS the relaxation time, according to equation (24) the relaxa- 
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tion time for a binary electrolyte is 71 3 X lO'^V^sA sec , and so the 
limiting frequenc)' y above w Inch abnormal conductance is to be expected 
13 given by 

czfi 

V =» yjg X 10*® oscillations per second 

The corresponding wave length in centimeters is obtained by dividing 
the velocity of light, i e , 3 X 10*® cm per soc by this frequency; the 
result may be dinded by lOO to give the \alue in meters, thus 

^ 2U 
A « — — meters 
esX 

For most electrol3’te3, other than acids and bases, in aqueous solutions 
A is about 120 at 25"*, and hence 

, 2 X 10-* 

X « meters 

a 

If the electroljie is of the uw-unuTilent type and has a concentration 
of 0 001 molar, the Debye-FalkcuhagcTi effect should become evident 
with high-frequency oscillations of nave length of about 20 meters of 
less The higher the valence of the ions and the more concentrated the 
solution the smaller the nme length, and hence the higher the frequency, 
of the oscillations required for the effect to become apparent 



Flo 33 Hi g ti frequeacy rooductaaw dapersioc of potassiiira chloride 

The dispersion of conductance at high frequencies was ;^dicted by 
Debye and Falienbagen,*’ who developed the thcoij' of the subject; the 
phenomena were subsequaifly ohsened by Sack and others'^ The 

“Debye and Falkenhagen, Z, 29, 121, 401 (192S); Falkenhagea and 

TfiUiaros, Z phyfik Chm , 137, 399 (1928); /. Phvs Ckm , 33, 1121 (1929); Falken- 
hagen, Phjttk. 2 , 39, S07 D®3S) 

I ^ />!• * '» TJ. 

, p ' • 'and 
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nature of the results to be expected wiU be evident from an examination 
of Figs 33 and 34, m winch the cdculated ratio of the decrease of con- 
ductance due to the lelaxation effect* at a short nave length X, le 
Ai 2 {X}, to that at long wave length Aa i e , at low frequency, is plotted as 



Fiq 34 High ftequency condnrtance dispersion of alls at 10 * mole per liter 

ordinate against the wat e length as abscissa The values for potassuim. 
ohlonde at concentrations of 10 10"^ and 10"‘ mole per liter are 

plotted m Fig 38, and those for potassium chloride, magnesium sulfate, 
lanthanum chlonde and potassium fenocyamde at 10*^ mole per liter 
in uater at 18* are shown m Fig 34 It is seen that, m general, the 
decrease of conductance caused by the relaxation or asymmetry effect 
decreases with decreasing war e length or increasing frequency , the actual 
conductance of the solution thus increase^ correspondingly The effect 
IS not noticeable, however, until a certaui low wave length is reached, 
which, as explained abo\e, is smaller the higher the concentration 
The mfluenee of the valence of the ions is represented by the cun es m 
Fig 34 the higher the valence the smallei the relative conductance change 
at a given high frequency 

The measurements of the Debye-Falkenhagcn effect arc generally 
made with reference to potassium chlonde, the lesults for a number of 
electrolytes of diffeient valence types have been found to be m satis- 
factory agreement mth the theoretical requirements Increase of tern 
perature and decrease of the dielectnc constant of the solvent nec^sitates 
the use of shorter wave lengths for the dispeisioU of conductance to be 
observed iihese results are also m accordance with expectation from 
theory 

Conductance with High Potential Gradients— When the applied 
potential is of the order of 20 000 volts pei cm , an ion will move at a 
speed of about 1 meter pei sec , and so it will travel several times the 
thickness of the effective ionic atmosphere in the time of relaxation 

* At low frequencies this quantity is equal to the second term m the brackets in 
equation (35) multiplied by Vc^zT+T) 
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As a result, the moving ion 15 Mrtually free from an oppositcl) charged 
ion atmosphere, since there js never time for it to be built up to an} 
extent In these circumstances both asymmetry and cleclrophoretie 
effects mil be greatly dimmislied and at snfficientlj high \ oltagM should 



Fw 3 j Wien effect for potawium fcrricyamde 

disappear l/nder the latter conditions the equnalent conductance at 
any appreciable concentration ghould be greater than the value at loii 
voltages The increase in conductance of an electrolyte at high potential 
gradients was observed by IVicn " before an} theoretical interpretation 
had been given, and it is consequently knonn as the Wiea effect. 

It IS to be exgected thit the l^rcn effect vtU be most m&rked under 

I’ t I IJ I- It - r~.-np W.0 N n<T fmln 


results shomi m Figs 35 and 36 confinn these expectations; those m 
Fig 35 are for solutions of containing potassium ferncyanide at concen* 
tratjons of 7 5, 3 7 and 1 9 X 10~* mole per liter, respectn ely, and the 
curves m Fig 36 are for electrolytes of ' * ' '''' ^ 

having equal low voltage conductances 
0 / equivalent conductance resultingfro 
gradient represented by the abscissa 

I .... I /iry>n\ Pl. 7 




lim 24 367(1939) 
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It wiU be observed that tie values of M tend towards a limit 
at very high potentials, tlie relteation and electrophoretic efiects are 
toen virtually entirelj eiuninated For an mcoaipletely dissociated elec- 
trolyte the measured equivalent conductance under these conditions 
should be aAo where a is the true 
degree of dissociation , since A# is 
known, determinations of con- 
ductance at high voltages would 
seem to provide a method of ob ® “ 
taming the degree of dissociation ^ 
at any concentration It has A 
been found, however, that the Dus 
Wien effect foi weak arads and 
bases, whieh are kwown t5> be 
dissociated to a relatively small 
extent, IS several times greater 
than IS to be expected, the dis- 
crepancy increases as the voltage 
IS raised It is very probable 
that in these cases the powerful 
electrical fields produce a temporary dissociation into ions of the 
molecules of weak acid or base, this phenomenon, refened to as the 
dissociation field effect, invalidates the proposed method for calculating 
the degree of dissociation With strong electrolytes, which axe believed 
to be completely dissociated, the conductances observed at very high 
potential gradients aie close to the values for infimte dilution, in agree- 
ment with anticipation 

It may be pointed out in conclusion that the conductance phenomena 
with very high frequency currents and at high potential gradients pro 
vide sti iking evidence for the theory of dectiolyfeic conductance, based 
on the existence of an lomc atmosphere surrounding every ion, proposed 
by Deb} e and Huckel and described m this chapter Not only does the 
theory account qualitatively for conductance results of all types, but 
it IS also able to predict them quantitatively provided the solutions are 
not too concentrated 

^ PROBIEKS 

i. Calcuiate tlie thickness of the lomc atmosphere m 0 I w solutions of a 
uni univalent electrolyte m tlie followup solvents nitrobenzene {D = 34 8) , 
ethyl aleoliol [D = 24 3), and ethylene dichknide (D = 10 4) 

2 Utilize the results obtained m flie preceding problem to calculate the 
relaxation times of tlie ionic atmospheres and the approximate minunum fre 
quencies at whicli the Debye-Falkenhagen effect is to be expected It may 
be assumed that A jjo lias a constant value of 0 6 The viscosities of the sol- 
vents are as follows nitrobenzene (0 0183 poise) ethjl alcohol (00109), and 
ethylene dicbloride (0 00785} 
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The visco-iity of water at 0“ is 0 01793 poise and at 100* it is 0 00284 
the corresponding dielectnc constants are 87 8 and 56 Calculate the values 
of the Onsager constants A and B for a uni univalent electrolyte at these 
temperatures Make an appraxmiatc companson of the slopes of the plots 
of A against Vc at the two temperatures for an electrolyte for uhich Aa is 
ICO ohms ‘ cm * at 0®, assuming Walden’s rule to be applicable 

4 Make an approximate comparison, by means of the Onsager equation 
of the conductance ratios at 25® of 0 01 n solutions of a strong uni univalent 
electrolyte m water and in ethyl alcohol, it may be assumed that loi/j has the 
constant value of 0 6 in each case 

5 The following values ivere obtained by Martin and Tartar (J Am 
Chem Soc , 59, 2672 (1937)1 for the equivalent conductance of sodium lactate 
at various concentrations at 25® 

cXlO’ 0 1539 0 3472 0C302 1 622 2 829 4 762 

A 87 89 8744 8691 85 80 84 87 8378 

Plot the values of V agairst Vc and determine the slope of the line, estimate 
Ao and compare the experimental slope with that required by the Onsager 
equation 

Calculate the limiting theoretical slope for the plot of A against Vc for 
lanthanum chloride (LaCh) in water at 25®, A«for this salt is 145 9 ohms'* cm * 
and Xi for the chloride ion is 76 3 ohmr* cm * 

7 Saxton and Waters [/ Am Chm Soc, 59, 1048 (1937)] gave the 
ensuing expressions for the equivalent conductances in water at 25® of hydro* 
chloric acid, sodium chloride and sodium a*crotoDatc (NacfO ) 

Adci = 426 28 - 156 84 V( + 169 7c (1 - 0 2276Vc) 

Ak.ci = 126 47 - 8865Vc+ 04 8c (l- 0 2270Vc) 

Aii,.c = 83 30 - 78 84VJ+ 07 27c (1 - 0 2276Vc) 


The equivalent conductances of a 
as follows 

crotomc acid at various conceotrations were 

CXIO* 

A 

cXW 

A 

095825 

51632 

71422 

19 861 

17050 

39473 

14511 

14 053 

32327 

290S3 

22512 

11318 

49736 

23677 

33246 

9317 

« . .,11 

/ 1 * 

_ r IV - A - 1 

* " "»> -'•'"■'n'-tration, 
btamed 


gree cf 

dissociation of o crotomc acid at the vanous concentrations using the method 
of Davies described on page S9 
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Transference Numbers -The quantity of ejectrieity j. earned 
through 8 certain voJume of an electroljtic solution by ions of the Jtb 
hind IS proportional to the number m amt volume, le, to the concen- 
tration c, in gram-ions or moles per liter, to the charge earned by each 
ion, and to the mobility w,, i e , Ihe v^oeity under unit potential graoient 
(cf p 58), thus 

q^ ~ Uxi,Uiy (I) 

where k is the proportionality constant, which includes the tune The 
total quantity of electneiiy Q earned by all the ions present m the elec- 
taolyte is thus the sum of the g, terms for each species, that is 

Q « kiziui + kcjZiUt + kemi + (2) 

» klCtZ^Ui, (2a) 


the proportJonaJitv constant brang the same for aJl the ions It follows, 
therefore that the fraction of the total current earned by an ion of the 
rth land is given by 


g. CiZ,u, 

Q'‘ Sci2,«. 


( 3 ) 


This fraction is called tJie transference number, or transport number, 
of the given ion m the particnlar solution and is designated by the symbol 
t„ the sura of the transference numbers of all the ions present m the 
solution IS deal ly equal to unity In the simplest case of a single electro- 
lyte yielding two ions, designated by the suffixes + and the corre 
sponding transference numbers are given, according to equation (3), by 


c+r +14 + C-2-W- “ + C-2-W- 

The quantities C+ 2 + and which represaat the equivalent concentra- 
tions of the ions, are equal, and hence foi this fcjT® of electrolyte, vhich 
has been most frequently studied, 
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The speed of an ion in a solution at any concentration is proportional to 
the conductance of the ion at that concentration (p 80), and so the 
transference number may be altematiTcly expressed in the form 

4 = X nd i_ = y, (5) 

nhere the values of the ion conductances Xf and A-, and the equhalent 
conductance A of the solution, are tho^se at the particular concentration 


at infinite dilution 

Three methods ha^e been generally eniplojcd for the experimental 
determination of transference numbers: the first, based on the procedure 
originally proposed by Hittorf (1853), involves measurement of changes 
of concentration jn the vicimty of the electrodes; in the second, k.no\ni 
as the “moving boundary” method, the rate of motion of the boundary 
between two solutions under the influence of current is studied (cf. p. 
116), the third method, which i\jll be considered in Chap VI, is basd 
on electromotue force measurements of suitable cells 

Faraday’s Laws and Ionic Velocities— It may appear surprising, at 
first sight) that equivalent quantities of different ions are liberated at 
the two electrodes m a given solution, as required by Faraday’s laus, 


Anode Cuthede 

+ 

+ + + + +!,. + + +'+ + + + + + 




^+, 

1+4 + + +•+ + + 


?io 37. MgntioaofiOns 


in spite of the possible difference in the speeds of the lona moi-mg towards 
the respective electrodes The situation can, however, be understood 
by reference to the diagram m Fig. 37; this represents an electrobtic cell 
which there are an equivalent number of positive and negative ions, 
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indicated by pins and minus signs The condition of the system at the 
commencement of electrolysis is shown m Fig 37, 1 Suppose that the 
cations only are able to move under the influence of an applied potential 
and that two of these ions mo\ e fiom left to light the condition attained 
will then be as at Fig 37, II At each electrode there are two ions un- 
paired and these must be considered to be dischaiged, the two electrons 
giien up by the negative ions at the anode may be imagined to travel 
through the external circuit and discharge the two positne ions at the 
cathode It is seen, theiefore, that alihou^ only the positive ions are 
able to move, equivalent amounts of the two ions aie discharged at the 
respective electrodes A condition of t his kind actually arises in cer- 
tain solid and fused electiobtes, where all the current is earned by the 
cations 

If while the two cations are mornng in one direction, thiec amons are 
cairjmg electricity m the opposite direction, so that the ionic \ elocities 
arc m the ratio of 2 to 3, the icsult will be as m Fig 37, III Five ions 
arc seen to be discharged at each electrode, in spite of the difference m 
speeds of the two ions Theie is thus no ifficulty m conclatmg Faia- 
day's laws with the fact that tlie oppositely charged ions m a solution 
may have diffeient velocities Incidental!} it wnll be noted that the con- 
clusions to be drawn from Fig 37 are in harmony with the results dern ed 
aboi e, e g , equation (4) , the fraction of the total current earned by 
each ion, i e , its transference number, is pioportional to its speed In 
the condition of Fig 37, III, the total quantity of electricity passing 
may be taken as five faradays, since five ions are discharged, of these 
five faradays, two are cairied bv the cations in one direction and three 
by the anions m the opposite direction 

Attention may be called here to a matter which wnll receive further 
discussion in Chap XIII, Hie ions that carry the current thiough the 
solution are not necessarily those to be discharged at the electrodes 
Ihis IS assumed to be the caseliere, howeier, lor the sake oi simplicity 

The Eittorf Method —Suppose an electnc current is passed through 
a solution of an electrolyte which yields the ions M'’’ and A , these ions 
are not necessarily univalent, although a su^le -f or — sign is used for 
the sake of simplicity of repicsentation The fraction of the total cur- 
rent earned by the cations is 4 that earned by the amons is L, 
hence when one faiaday of electricity is passed through the solution, 
4 faradaj s are earned m one direction by 4 equivalents of M'*' ions and 
t- faradays are earned m the other direction by L eqm\ alents of A ions 
At the same time one equivalent of each ion is discharged at the appro- 
priate electrode The raigiation of the ions and their discharge under 
the influence of the current bnng about changes of concentration in the 
MCimty of the electrodes, and from th^e changes it is possible to calcu 
late the transference numbers 

Imagine the cell containing the electrolyte to be divided into three 
compartments by means of two hypothetical partitions, one compart- 
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ment surrounds the cathode, another the anode, and the third is a middle 
compartment la nhch there is no resuitant change of concentration 
The effect of passing one farada} of electncit\ through the solution of 
the eJectrolj te MA can then be representeJ in the folfomng manner 
Calliode Compartment (D Middle Compaitmect Anode Compartment (IT) 

1 equiT ofM^udiscJarged UequiT ofM*iaignteloI 1 ftjmr of \ ladiscbirsed 

Cetjuiv ofM^^mjeratein le^puroIA im*ntefioinI 1 eqmv o(A mifrateia 

I-equiTofA imgnteoot l,*qniT ofil*ini*iatef[oiall l*egmT oIM^mipalepot 
I-equrrofA migntetoll 

Nel/Iuult 

Los3ofl-4«l fqniT ofM* No ebangeof toneeotntjon "'/♦fqturofl 

l^ofl eqmr ofA Ix«ofl*equiT cfM* 

Netloasul e<imTOf\IA NetloMisUwjoiT ofMl 

It follows, therefore, if the discharged ions maj be regarded as being 
completely remot cd from the system and the electrodes arc not attacked, 
as 13 tacitlt assumed in the abotT tabulation, that 

Equit of electro!} te lost from anode compartment L 

Equiv of clectrolj-te lost from cathode compartment ” L 

The total decrease m amount of the electrolyte MA m both compart 
ments of the espenmentol cell is equal to the number of oquiraleots 
deposited on each electrode, if a coulometer (p 17) is included in the 
Circuit, then bj Faradaj ’s the same number of equn alents of m3« 
tenal, no matter what its nature, wdl be deposited It follow<i, therefore, 
that 

Equiy of electro^ie lost from anode compartment _ ^ 

Eqmv deposited on each electrode of cell or m coulometer ' 
and 

Eqmr of clcctrolj to lost from cafhodg compartment ^ 

Equiv deposited on each electrode of cell or in coulometer " 

B> measuring the fall m concentration of electrolyte m the vicmitj of 
anode and cathode of an electrdjtic cell, and at the same time deter 
mming the amount of material deposited on the cathode of the cell or of 
a coulometer m the circuit, it is possible to e\aluate the transference 
numbers of the ions prctcnt in solution Since the sum of 4 and f must 
be unit) , It IS not necessar) to measure the concentration changes m both 
anode and cathode compartments, except for confirmaton purpa^, 
sinularlj , if the changes in both compartments are determined it is not 
stnctly necessary to eroploj a coulometer in the circuit It is howeicr, 
more accurate to e^aluate the total amount of matenal depo‘=ited bi the 
current bj means of a coulometer than from the concentration changes. 

Chemical Changes at the Electrodes.— Although the discharge of a 
cation generallj leads to the deposition of metal on the cathode and its 
^ consequent ^enlO^ ai from the system, this is not true for anions If the 
^ c coasbts of an attackable metal which does not form an msoluble 
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compound mtli the amtms present m the solution, these ions are not 
removed on discharge but an eqmiiilent amount of the anode material 
passes into solution In these cmianstances the concentration of the 
anode solution actuallj increases instead of decreasing, but allowance 
can be readily made for the amount of dissoh ed material In the sim- 
plest case the anode metal is the same as that of the cations in the electro 
Ivte, e g , a silver anode in silrer mtrate solution, the changes m the 
anode compartment resulting from the passage of one faraday of elec 
tricity are as follows 

1 eqai\ of M*'Assohes from the electmde 

L eqm^ of A migrate m 
eqiur of migrate ou( 

^ et gain is t eqmr of MA 

It IS thus possible to detenimie the transference number of the cation 
from the mcieace m concentration of the anode compartment An alter- 
natne my of treating the results is to subtract from the obsened gam 
m amount of electrolyte the number of cquixalents of dissolved from 
the anode, the net result is a loss of 1 - L, i e , 4, equiv of MA per 
faiaday, as would hai e been the ease if the anions had been completely 
Tcmoved on discharge and the anode had not dissolved It should be 
noted that the general results dem ed arc appbcable even if the anode 
matenal consists of a metal M' ahich differs from M, the increase or 
decrease of concentration now refers to the total number of equiv alcnts 
of MA and M'A, but the presence of the extraneous ions will affect the 
transference numbers of the Sf'*’ and A" ions 

"When V orbing with a «oIution of an allali or alhalmc earth hahde, 
the anode is generally made of silver coated with the same metal m a 
finely-divided state, and the cathode is of silver coveied with sih er halide 
In this case the discharged halogen at the anode combmes with the silver 
to form the insoluble silver halide and so is effectively remov ed from 
the anode compartment At the cathode, however, the silver halide is 
reduced to metalbc silver and hahde ions pass into solution, there is con- 
sequently a gam in the concentration of the cathode compartment for 
winch allowance must be made 

Sittorf Method Experimental Procedure —In Hittorf’s original de- 
termination of transference numbers short, wide electrolysis tubes were 
used m order to reduce the eiectneal resistance, and porous partitions 
were mserted to prev ent mmng by diffusion and convection These 
partitions are liable to affect the results and so their use has been avoided 
m recent work, and other precautions have been taken to minimize 
eiTors due to mixing Many ^qies of apparatus have been devised for 
the determinatioTi of transference numbers by the Hittorf method One 
form, which was fav ored by earher investigators and is still widely used 
for ordinary iaboratory purposes, consists of an H-shaped tube, as shown 
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m Fig 38, or a tube of this form in which the limbs are separated by a 
U-tube The vertical tubes about 1 5 to 2 cm in width and 20 to 25 
cm approximately m length contain the anode and cathode, respectiiely 
If the electrolyte being studied is the salt of a metal, such as siher or 
copper, wlueh is capable of being deposited on the 
cathode with 100 per wnt efficienc} , the metal itself 
may be used as anode and cathode Transference 
numbers can be calculated from the concentration 
changes m one electrode compartment only, if this 
procedure » adopted the nature of the electrolyte and 
of the electrode m the other compartment is imma- 
terial With certain solutions, eg, acids, alkali 
hydroxides and alkali halides, there is a possibility 
that gases may be liberated at one or both electrodes 

I 


the anode, and cathodes of mercury covered with con- 
centrated solutions of zme chloride or copper nitrate 


terence numbers, os indicated above For alkali 
halides the best electrodes are finely divided siU er as 
anode and silver coated with silver halido by electro- 
lysis (p 234) as cathode, the behavior of these electrodes has been ex- 
plained previously 

The apparatus is filled with the experimental solution whose weigM 
tmmttrc&’im is 'Known, anfi ‘dne Aedtroies are cuimeCtei m Ecnes u 
copper or silver voltameter, a current of 0 01 to 0 02 ampere is then 
passed for two to three ^ - 

wise the results will be 
will produce mixing by 

current are too small, however, the concentration changes will not be 
appreciable At the conclusion of the experiment a sufficient quantity 
of solution, believed to contain all that has changed in concentration 
during the electrolysis, is run off slowly from each limb, so as to avoid 
mixing, and anal} zed A further portion of liquid is removed from each 
limb, these represent the "middle compartment" and should have the 
same concentration as the ongmal solution The amount of metal de- 
posited in the coulonieter dunng the electrolysis is determined and 
sufficient data are now available for the calculation of the transference 
numbers 

Since the gam or loss of electrolyte near the electrode is accompanied 
by changes of density and hence m the volume of the solution, the con 
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centratiOD changes resulting from the passage of current must be deter- 
mined nith reference to a definite weight of solvent present at the con 
elusion of the eleetroljsis Thus, if aaaljais of x grams of the anode 
solution showed it to contain y grams of the electrolyte ai the end of the 
experiment, then the latter was associated wilii x — y grains of water 
The amount of electrolyte, say z grams, associated with this same amount 
of water at the beginning, is calculated from the known weight eomposi' 
tion of the original solution The decrease of electrolyte in the anode 
compartment, assuming due aUowmice has been made for the amount, 
if any, of anode material that has dissolved, is thus s — y grams or 
(2 - y)le equivalents, where e is the equivalent weight of the experi 
mental substance If t is the number of eqm^ alents of material de- 
posited in the couiometer during the electrolysis, it follow s from equation 
(6) that the transference number of die cation (4) is given by 


The transference number of the anion (L) is of course equal to 1 - 4 

Improved Apparatus for the Hittoif Method -—Recent u ork on trans- 
f&ience number determinations of alkali and alknlme-earth chlorides by 
the Hittorf method has been made with a form of apparatus of wbidi 
the pnnciple is illustrated by Fig 39 ‘ It 
consists of two parte, each of which contains 
a stopcock of the same bore as the mam 
tubes, the anode is inserted at A and the 
cathode at C, the parts of the apparatus being 
connected fay the ground joint at B The 
possibility of mixing betweeu the anode and 
cathode solutions is obviated by introducing 
nght-angle bends below the anode, aboxc the 
cathode and in the vertical tube between the 
two portions of the apparatus For the study 
of alkali and alkaline-earth chlondestheanode 
is a coiled silver wire and the cathode is 
coi ered with silver chloride In these cases 
the anode solution becomes mme dilute aud 
tends to rise, while the cathode solution in- 
creases m concentiaticm durmg the course of 
the electrolysis and has a tendency to sink, 
the consequent danger of nuxing is avoided 
bv placing the anode at a higher levd than 
Fig 39 

‘Jones and Dole J Am Chm Soc 51, 1073 (1929), Maelimes and Dole 
53 1357 (1931), Jones and Bradshaw, tW 54 138(1032) 



the cathode, as shonm in 
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Men canjiHR out a measurement the tv,o parts of the apparatus, 
with the electrodes jn position and the stopcocks open, are fitted (o' 
gether, placed m a thermostat, and filled with the apcnmcnhil solution 
A sjher coulometcr is connected in senes with each electrode to incure 
the absence of leakage currents A quantitj of cloctncity, depending m 
amount on the concentration of the solution, is p^sscd through the circuit, 
and the stopcocks are then closed The liquid isolated above Si is the 
anode solution and that below St is the cathode solution, tlic«e arc 
removed and analyzed Quantities of liquid are mtlidrami from the 
intermediate portion between Si and St b) inserting pipettes through the 
openings shown , these should have the same concentration as the original 
electrolyte 

Although the Hittorf method w simple m principle, accurate results 
are difficult to obtain, it is almost impossible to avoid a certain amount 
of mixing as the result of d ffusion, convection and v ibration Further, 
the concentration changes are rclativ ely small and anj attempt to increase 
them, bj prolonged electrolysis or large currents, results in an enhance- 
ment of the sources of error just mentioned In recent j ears, therefore, 
the Hittorf method for the determination of transference numbers has 
been Jaigely displaced by the raonng boundarj' method, to bo described 
later 

True and Apparent Transference Nombers.—Thc fundamental as- 
sumption of the Hittorf method for evaluating transference numbers 
from concentration changes is that the water remains stationary Them 
IS ample evidence, however, * ’* 

thej carry water molecules * ' ' ‘ 

electroljte, this will result 

measured or “apparent” transference number Suppose that each cation 
and anm has ass^satod ndb it a?+ and u'- mokcidrs of water, respec- 
tively, let r+ and T. be th( ' ’ ' ' - - 

fraction of current earned 
passage of one faraday of 

of water m one direction and the anions will transport ic-T’- moles m the 
opposite direction, there will conscqucnllj be a resultant transfer of 

VI+T+ - w-T- = J (9) 

moles of w atcr from the anode to the cathode compartment The trans- 
ference number 4 ^Qual to the apparent number of equivalents of 
electrolyte leav mg the anode compartment, for the passage of one lara* 
day, whereas 7’+ is the true number of equivalents, the difference between 
these two quantities Vf equal to the change of concentration rcsuUing 
from the transfer to the cathode compartment of x moles of vratcr If 
the onginal solution contained N, equiv of salt a&socialcd w ith A * moifi 
of water, then (he removal of z moles of water from the anode compart* 
for the passage of one faradaj, will increase the amount of salt by 
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(Ai/iVu,)a; equiv The apparent transference number of the cation mil 
tiius be smaller than the true value bj this amount, that is, 

+ ( 10 ) 

In exactly the same way it may be shown that the water transported by 
the ions wall cause a deciease of concentration m the cathode compart- 
ment, hence the transference number wall be larger * than the true 
value, VIZ , 



If the net amount of water (r) transported were known, it would thus 
be possible to evaluate the true and apparent transference numbers from 
the results obtained by the Hittoif method 

The suggestion was made by Nemst (1900) that the value of x could 
be determined by adding to the electrolyte solution an indifferent 
“reference substance,” e g , asugar, which did not mo^ e mth the current, 
if there weie no resultant transfer of water b} the ions, the concentration 
of the reference substance would remam unchanged, but if there were 
such a transfer, theie would be a change in the concentration From 
this change the amount of water transported could be calculated The 
earhest attempts to apply this principle did not yield definite results, but 
later mvestigatoi's, particularly Washburn,” were more successful At 
one time the sugar raffinose was considered to be the best reference sub- 
stance, since its concentration could be readily determined from the 
optical rotation of the solution, more recently urea has been employed 
ns the reference material, its amount being determmed by chemical 
methods ® 

The mean i aJues of x obtained for approximately 1 3 N solutions of a 
number of halides at 25° are quoted in Table XXVII, together with the 


TABLE XXVII 


Electrolyte 

HCl 

LiCI 

NaCl 

ECl 

CsCl 


tbee and apparent transference numbers in 1 3 n 


BOLimONS AT 25 ° 

14 ^+ 
024 0820 0844 

15 0278 0304 

0 76 0 366 0 383 

0 60 0 482 0 495 

0 33 0 485 Q 491 


apparent transference numbeis (L) of the cations and the corrected 
talues (r+) derived from equation (10) The difference between the 


* The terms "smaDer” and "iarger” are used here in the algebraic sense, they al=o 

refer to the numerical values if I IS posifave . ^ j>fii j.w w 

‘Washburn, J Am Ckm Soc, 31, 322 (1909), Washburn and Millard ikd, 37, 
694 {l9l5) 

■ Taylor dal,J Ohm Sac , 2095 (1929), 2497 (1932) , 902 (1937) 
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transference numbers 4 and T+ m the relatively concentrated solutions 
employed is quite appreciable, it will be apparent from equation (10) 
that, pro\ided i does not change greatly with concentration, the differ- 
ence between true and apparent transference numbers will be much less 
in the more dilute solutions, that is when N, is small 

Another procedure for determining the net amount of water trans- 
ported during electrolysis is to separate the anode and cathode compart- 
ments by means ot a parchment membrane and to measure the change 
in volume accompanying the 
passage of current This is 
achieved by using closed ves- 
sels as anode and cathode 
compartments and observing 
the movement of the liquid 
in a capillary tube connected 
ivith each vessel (Fig 40) 
After making corrections for 
the volume changes at the 
Fio 40 Detemuoation of transport of water electrodes due to chemical 
reactions, the net change is 
attributed to the transport of water bv the ions * The results may be 
affected to some extent by electro-osmosis (see p 521) through the mem- 
brane separating the compartments, especially m the more concentrated 
solutions, but on the whole they arc m fair agreement with those given 
m Table XXVIt 

The Movmg Boundary Method -'The moving boundary method for 
measuring transference numbers invohes a modification and improve- 
ment of the idea employed by Lodge and by Whethara (cf p 60) for the 
sVndy nt tbc speeds Ow a-wd tha 

accuracy of which it is capable, the method has boon used in recent years 
for precision measurements * 

If it IS required to determine the transference numbers of the tons 
constituting the electrolyte MA, e g , potassium chloride, by the moving 
boundary method, it may be suppwed that two other electrolytes, desig- 
nated by M'A and MA', eg, lithium chloride and potassium acetate, 
each having an ion m common with the experimental solute MA, are 
available to act as "indicators” Imagine the solution of &IA to bo 
placed between the indicator solutions so as to form sharp boundaries 
at a and b, as shown m Fig 41, the anode is inserted in the solution of 
M'A and the cathode m that of MA' In order that the boundanea 
•• Trans 

(1023), 

■ ■ 'rockem 
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between the solutions iiia\ remain d^tinct during the passage of the 
current, the first requnenaent is that the speed of the indicator ion 
shall be less than that of M, and tiiat the speed of A' 
shall be less than that of the A ions If these condi- 
tions hold, as well as another to be considered shortly, 
the M' ions do not o\ertake the M wns at g, and 
neither do the A' ions o\ertake the A ions at h, the 
boundanes consequently do not become blurred In 
new of the slower speeds of the mdicatoi ions, they 
are sometimes refeired to as “following ions ” Imder 
the influence of an electnc field the boundarj a moi es 
to a', nhile at the same tune h moies to 6', the dis- 
tances go' and hb' depend on the speeds of the ions 
j\I and A, and since there is a uniform potential 
grachent through the central solution MA, these will 
be proportional to the ionic lelotities it+ and w_ It 
foUo^^s, therefoie, from equation (4) that 


M./ 

M+l 


m 


and 


aa' 14 

aa' + bb' Ux + u 

&&' w_ 

aa' + bb' u, + w 



80 that the transference numbers can lie determined j 
from observations on the movements of the bounda- I I 
lies a and 6 

In the practical application of the movmg boundary ~ 

method one boundary only is observed, and so the p,p]e the momg 
necessity of findmg tuo indicator solutions is obM boundary method 
cited, die nietiod a/ almhifos isss 

faraday of electricity passes through the system, ix equiv of the cation 
must pass any given point in one direction, if c equiv pei unit volume 
IS the concentration of the solution m the vicimty of the boundarj’’ fonned 
bj the M ions, this boundarj must sueep thiough a volume tJc while 
one faraday is passing The volume <t> swept out by the cations for the 
passage of Q coulombs is thus 


■ Fc 


( 12 ) 


irhere F is one faradaj , i c , 96,500 coulombs If the cross section of the 
tube m which the boundary mmes is o sq cm , and the distance through 
M hich It moves during the passage of Q coulombs is I cm , then i() is equal 
to k, and hence from equation (12) 


4 


hfc 

Q 


(13) 
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Since the number of coulombs passing can be determined, the traniu 
ference number of the ion may be calculated from the rate of rao\cment 
of one boundarj 

In accurate work a correction must be applied for the change m 
^olume occumng as a result of chemical reactions at the electrodes and 
because of ionic migration If Ap is the consequent increase of volume 
of the cathode compartment for the passage of one faraday, equation (12) 
becomes 


<tI + 


0 . QLrr 

*= fob* "f Cit, 


(I-l) 


nherc la the corrected transference number and fobi is the \alue 
gi\en by equation (13), the difference is clearly onl} of importance m 
concentrated solutions 

The Kohlrausch Regulatmg Function — An essential requirement for 
a sharp boundary is that the cations M and M', present on the tno 
sides of the boundary, should move vnth exactly the same speed 
under the conditions of the experiment It can be deduced that the 
essential requirement for this equality of speed is given by the Kohlrausch 
regulatmg functionj viz , 



where and c arc the transference number and cqui\ alent concentra- 
tion, respectively, of the ion M m the solution of MA, and f+ and c' 
are the corresponding quantities for the ion M' m the solution of RI'A, 
the solutions are those constituting the two sides of the boundarj’ The 
equivalent concentration of each electrolyte at the boundary, i e , of 
hlA and M'A should be proportional to the transference number of its 
cation Similarlj , at the boundary between the salts MA and MA', the 
concentrations should be proportional to the transference numbers of 
the respective anions The reason for this condition may be seen in an 
approximate way from equation (3) the transference number divided 
by the equivalent concentration of the ion, which is equal to c:, is pro- 
portional to the speed of the ion, hence, when //c is the same for both 
ions the speeds will be equal 

The indicator concentration at the boundary should, theoretically , 
adjust itself automatically during the passage of current so as to satisfy 
the requirement of the Kolilrau-Jch regulating function Suppose the 
indicator were more concentrated than is necos.sary according to cqua 
tion (15), the potential gradient in this solution would then be lower than 
is required to make the ion M' travel at the same speed as M The 
hi' ions would thus lag behind and their concentration at the boundary 
^would fall, the potential gradient in this region would thus increase until 
’ f* velocity of the hi' ions was equal to that of the leading ion Similar 



expdeimental methods 


119 


Mtomatie adjustment would bo eipected it the bulk of the indicator 
solution were more dilute than necessary to satisfy equation (15) 

It would appear, therefore, that tiie actual concentration of the indi- 
cator solution employed m transference measurements is immatenal 
experiments show, however, that automatic attainment of the Kohl- 
rausch regulating condition is not quite complete, for the transference 
numbers have been found to be 
dependent to some extent on the 
concentratjon of the bulJr cS &e 
indicator solution This is shown 
by the results in Pig 42 for the 
observed transference number of 
the potassium ion m 0 1 n potas g 
smm cliloride, with lithium chlo- 
nde of vanous concentrations as | 
mdicator solution The concen 
tration of the latter required to a 
satisfy equation (15) is 0064 n, 
and hence it appears, from the 
constancy of the transference 
number ovei the range of 0055 
to 0 075 N Iitbum clilonde, that 
automatic adjustment occurs only 
when the actual concentration of pio 42 Vanation of transference number 
the indicator solution is not \Mth concentration of indicator solution 
greatly different from the Kohl 

rausch value The failure of the adjustment to take place is probably 
due to the disturbing effects of convection resulting from temperature 
and density gradients in the electrolj te ® 

When carrvmg out a tiansference number measurement by the moving 
boundary method the bulk concentration of the indicator solution is 
chosen so as to comply with equation (15), as far as possible, using ap- 
proximate transference numbers for the pmpose of evaluating c' The 
experiment is then repeated wth a somewhat different concentration of 
mdicator solution until a constant value for the transference number is 
obtained, this lalue is found to be independent of the applied potential 
and hence of the cunent strength 

Experimental Methods —One of the difficulties expeneneed m per- 
forming transference number measurements by the moving boundary 
method was the establishment of sharp boundaries, recent work, chiefly 
by Macinnes and Ins collaborators, has resulted in such improvements 
of technique as to make this the most accurate method for the deter- 
mination of transference numbers Since the earlier types of apparatus 

® Macinnes and Smith J Am Chem Soc 45 2246 (1923), Macinnes and Longs 
worth, Chem Revs 11, 171 (1932), Birtley and Moilhet Proc Roy Soc, 140A 141 
(1933) 
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have been largelj superseded, these not bo dcscnbed here, reference 
Will be made to tlie more modem forms onlj 

The apparatus used in the 



Fio 43 


Sheared boundary appanlua 
(Macinnea and Brighton) 


sheared boundary^ method is 
slmn diagrammaticall} mFig 
43 ^ The electrode vessel A is 
fitted into the upper of a pair of 
accurately ground discs, B and C 
which can be rotated ivithrespect 
toeaehother Intothelowerdisc 
IS fixed the graduated tube D in 
tihich the boundary is to move 
and this is attached by a similar 
pair of discs, i?and F, to the other 
electrode vessel (r The \ esse! ^ 

is filled with theindicatorsolution 
and a drop is alIo\ved to protrude 
below the disc B, while the exper 
imental solution is placed in the 


vessel G and the tube D so that a drop protrudes above the top of C, the 
discs are so arranged that the protruding drops d and d' are accommodated 
m the small holes, as shown in the enlarged diagram at the right of 
Tig 43 The disc B is now rotated with the result that the electrode 
vessel A fits exactly over D, as shown by the dotted lines at A', in the 
process the protruding drops of lK)Uid are sheared off and a sharp bound 
ary is formed The above procedure is employed for a falling boundary 
moving down the tube D under the influence of current, i e , when the 
indicator solution has a lower density than the expenmental solution 
If the reverse is the case, a nsing boundary must be used, and this is 
formed m a similar manner between the two lower discs E and f , the 
indicator solution is now placed in G and the experimental solution in 


A and D 

If the ions of a metal, such as cadmium or silver, which forms an 
attackable anode, are suitable »s indicator cations, it is possible to use 
the device of the autogenic boundary * No special indicator solution is 
required, but a block of the metal serves as the anode and the etpen 
mental solution is placed m a vertical tube abov e it For example with 
nitrate solutions a silver anode can be used, and with chlonde solutions 
one of cadmium can be employed , the silv er nitrate or cadmium chloride 
respectively, that is formed as the anode dissolves acts as indicator 
solution It 18 claimed that there ig automatic adjustment of the con- 
centration m accordance with the Kohlrausch regulating function and 
a sharp boundary is formed and mamtained throughout the experiment 


^ Macinnes and Bnghton J Xm Chem Soc 47 994 (192j) 

* Cady and Long8«orth J Ant Ckem Soc, SI 1656 (1929) Longsnorth 
1698 (1935), J Chm Ed, 11 420(1934) 



EXPERIMENTAL METHODS 


121 


The method is capable of givmg results of considerable accuracy, although 
its application is limited to those cases for which a suitable anode mate 
nal can be found 

An alternative, somewhat sirapler but less accurate, procedure for 
measunng transference numbers by tiie moving boundary principle 
utilizes the air-Iocb method of estab ’ 

hshing the boundary ’ The appm^ 
tus for a rising boundary is shown m 
Fig 44 the graduated measunng tube 
A has a boie of about 7 mm , whereas 
r and F are fine capillanes, the top of 
the latter is closed by rubber tubing 
with two pmehcocks The electrodes 
are placed in the vessels S and C 
With electrode B in position, and the 
upper pinchcock at the top of f 
closed, the apparatus is filled with the 
experimental solution By closmg the 
lower pinchcock a small column of air 
Q IS forced into the tube where F 
joins A, thus separatmg the solutions 
m A and B The solution m CdE 
IS then emptied by suction through boundary (Hartley and Donald 
C and r, care being taken not to a>n) 
disrupt the air column G The tube 

CBE 18 now filled with the indicator solution the electrode is inserted 
in C, and the lower pinchcock at the top of f is adjusted so that the 
air column G is withdrawn sufficiently to permit a boundary to form 
between the indicator solution in CDE and the experimental solution 
in A Even if the boundary is not iniUally sharp, it is soon sharpened 
by the current 

In following the movement of tlie boundary, no matter how it is 
formed, use is made of the difference m the refractive indices of the 
indicator and experimental solutions, if the boundary is to be clearly 
■visible, this difference should be appreeable If the distance (() moved 
in a given time and the area of cross section (a) of the tube are measured, 
and the equivalent concentration (c) of the experimental solution^ 
known, it is only necessary to detenmne the number of coulombs (Q) 
passed for the transference number to be calcidated by equation (13) 
The quantity of electncity passmg dunng the couise of a moving bound 
ary experiment is generally too small to be measured accurate y m a 
coulometer It is the practice, therefore, to employ a current of known 
strength for a measured period of time the constancy of the current can 
be ensured by means of automatic devices uhicb make use of the proper- 
ties of vacuum tubes 

® Hartley and Donaldson Trans Faradoff Soc 33 457 (1^) 
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Results of Transference ffumber Measurements —Provide 
measurements are made with great precision, the results obtain 
the Hittorf and moving boundary methods agree withm the lir 
experimental error, this is shown by the most accurate values for 
solutions of potassium chlonde at 25“ as recorded in Table V 

TABLE XXVlII TRlNSrERE’lCE KOMBERS OF POTASSItJM CHLORIDE SOLtniOVS 


Concentration 

002 

OOo 

OlO 

050 

Hittorf method 

0489 

0489 

0490 

0490 

Moving boundary method 

0490 

0490 

0 490 

0490 


It 13 probable that, on the whole, transference numbers den;e( 
moving boundary measurements are the more reliable 

It may be noted that the values obtained by the moving boi 
method, like those given by the Hittorf method, are the so called " 
ent” transference numbers (p 114), because the transport of wa 
the ions will affect the volume through which the boundarj moves 
the practice, however, to record observed transference numbers w 
applying any correction, since much uncertainty is attached to the 
mmation of the transport of water dunng the passage of current 
ther, m connection with the study of certain types of voltaic cel 
the “apparent” rather than the “true” transference number 1 
jnvoUed(cf p 202) 

Some of the most recent data of the transference numbers 
cations of vanous salts at a number of concentrations at 25®, i 
obtained by the moving boundary method are given m Table X> 


TABLE XXJX TRAVSFEREVCB NDMBBBS OF CATIONS IV AODEOTJS SOITTTJOVS 


Cnncn ^ 

Ha , 

la 1 

NsQ 

hCl I 

KNO. 

Ag'lO, ^ 

B&Cli luSOt 










OOlN 


002 

000 

01 
02 
05 


the corresponding anion transference numbers may be obtained n 
case by subtracting the cation transference number from umty 
Influence of Temperature on Transference Numbers The exi 
the vanation of transference numbers with temperature will be e 
from the data for 
of 001 N recordec * 

Hittorf method auu, uiuiuugu rnu ^ e 

Table XXIX, thei are consistent among themselves Ihe transi 

’"Longsworth J Am Chm Soc,57 118j (193o),60 3070 (I93S) 
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a Mre 3a.\ mn,ra>CE or ™EltATiniE os CATIOS IHAlSrasSNCE SOMEES 

[u nr 0 01 N soLirnovs 


lb[^i'emperature 

HCi 

0“ 

0846 

lb 

30“ 

0833 

0822 

P 50“ 

0 801 


Naa 

KCl 

BaC) 

0387 

0 493 

0 437 

0397 

0496 


0404 

0498 

0444 

~ 

— 

0 47o 


i! (bers of the ions of potassium cWonde \a.T} httle with temperature, 
(la sodium cJilonde solution and particular!} m hjdrochlonc acid, 
0 tcbauge is appreciable It has been observed at least for um univa 
. ^ ^electrolytes, that if the transference number of an ion is greater than 
e g the hydrogen ion there is a decrease as the temperature is 
sd It appears therefore in genera) that transference numbers 
/ isured at appreciable concentrations tend to approach 0 5 as the 
. Jperature is raised in other words, the ions tend towards equal speeds 
agh temperatures 

^ j, Transference Number and Concenfrahon The Onsager Equation — 
viil be obsened fiom the results la Table XXIX that transference 
nbeis generally vary mth the concentration of the electrolyte and 
foilomag relationship was proposed to represent this vanation viz , 

ili- t^U-A'Tc (16) 


,^5 ere I! and to are the transference numbers of a given ion in a solution 
^ oncentration c and that extrapolated to infinite dilution, respectively 
jjji A IS B constant Although this equation is applicable to dilute 
utions it does not represent the behavior of banum chloride and other 
^^ctro}}tes at appreciable concentrations A better expression, which 
^ds up to relatively high concentrations, is 


ll^ 




3 


1^ 

plere B is a constant for the gnen electrolyte “ 
lA^itten in the form 


t -r 1 


(17) 


This equation may be 
( 18 ) 


J .1 that the plot of l/(f + 1) against Vc should be a straight line, as has 
“en found to be true m a number of instances Equation (17) can also 
expressed as a power senes, thus 

It ( = - ((„ + + (to + l)B“c + (to + 1)B¥ -f- , 

^d when c is small i e , for dilute solutions, so that all terms beyond 
^at involving can be neglected this reduces to equation (16) since 
+ 1}S IS a constant 

“ Jones .nJ Dole / Ai« Ctm Sx SI 1073 (1829) Jones sis) iW 5* 138 
932) SS W6 0936) Dols J Fkm Clai 35 3647 (1931) 



m 


the mOKATION OP 10^3 


The Onsager equation for the equivalent conductance X, of an ic 
may be imtten m the form [cf equation (34), p 89] 

X. = Xf-A.V^, (II 

where X? is the ion conductance at infinite dilution and A, is a constan 
Introducing the evpression for the transference number gi\en by equ; 
tion (5), that la U = X./A, Tshere A is the equj\ alent conductance of tl 
electrolyte at the e\penmenta\ concentration, it follows that 



The ^ alue of A can be expressed in terms of Ad by an equation similar 
(19), and then equation (20) can be written m the form 


t.*= 


A 

1-Wc 


+ 1). 


{2 


nhere A, 5 an. D are constants This equation derived from ti 

^ ’ ft* *1 


experimental results differ from lho<!c required by theory This di 
crepancy is largely due to the fact that tlie transference measuremen 
were made in solutions which are too concentrated for the simple Onsag 
equation to be applicable 

Since the Onsager equation is, strictly speaking, a limiting equatio 
it IS more lustifiable to see if the variation of transference number wn 
concentration approaches the theoretical behavior with increasing dil 
tion The equivalent conductance of a umv alent ion can be express! 
in the form of equation (S7}, page SO, viz , 

= (2 


where A and 5 as used here are the familiar Onsager values (Tab 
XXIII, p 90), the transference number (4) of the cation in a ur 
univalent electrolyte can then be represented by 


4- 




"x+ + X-“ A,-(A + fiA,)Vc' ' 

where i and B are the same for both ions Differentiating equitK 
(23) with respect to Vf, and introducing the condition that c approach 
aero, it is found that 

ai-i 


(SI 


2\i 


(2 


It follows, therefore, that the slope of the plot of the transference numb 



equivalent conductances of ions 


12.5 


I an ion against the square-root of the concentration should attain a 
miting value, equal to (2^5- - l)i/2AB as infinite dilution is approached: 
le results in Fig. 45, in "v^hich the full lines are diawn through the esped- 
lental cation transference mimbcrs in aqueous solution at 25“ and the 

H'*’ 



V 
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suits to p\e ion conductances a( mfimfe dilution Two mctliods of 
extrapolating the data are possible In tlie first place, the cqmuicnt 
conductances and the transference numbers maj be extrapolated sepa- 
ratels to giie the respectiie \alucs at infinite dilution, the product of 
these quantities would then be equal to the ionic conductance at infimle 
dilution The data from which the conductance of the chlonde ion can 
be ei aluated are gii en in Table .\XXI, the mean vnluo of the conduct- 


TIBIE -TOl CAtCrUTJOS OP CHLORmE JON COVDCCTANCE AT 2o® 


Electrolyte 

tci 

HCl 

01790 

LiCl 

06G33 

^aCl 

OGOa^ 

KCi 

05097 




42616 

76 2S 

U503 

76-30 

1*^45 

76 31 

H9.S6 

76 40 


ance of the chlonde ion at infinite dilution at 25“, denied from measure^ 
ments on solutions of the four chlonde^, is thus found to be 76 32 ohms"* 
cm * The results m the last column are seen to be ^^^^ualh independent 
of the nature of the chlonde, m agreement with Kohlrausch‘s law of the 
independent migration of ions 

The second method of extrapolation i» to obtam the >alues of Xj at 
ii-anous concentrations and to ertrapolate the results to infinite dilution 
The equi^ alent conductances of the chlonde ion at several concentration^ 
obtained from transference and conductance measurements, on the four 
chlorides to which the data m Table refer, are p\en in Table 
XXXII These results can be plotted against the «quare*root of the 


TABLE 32DUI E<|CIVALE.Vr CO^^^CC^A^CES OT CHtOBIPB ION AT 2o* 


Electrolyte 

001 

002 

OOj 

0t0\ 

HCl 

72 06 

7062 

6s 16 

6j9S 

laCI 

7202 

7052 

6790 

6o4d 

^aa 

72 Oo 

TOW 

6792 

65i8 

Ka 

7207 

7056 

6503 

6o79 


concentration and extrapolated to mfimte dilution, thus pnng 763 
ohms“‘ cm * for the ion conductance, but a more preci«:e method is ‘Jimilar 
to that desenbed on page M, based on the U'^e of the Onsager equation 
The conductance of a single univalent ion, assuming complete dissocia- 
tion of the electroljie, is gi\en bj equation (22), the values of A and B 
bemg known; if the expenmental data for X, at ^anous concentrations, 
as gi\ en m Table XXXII, are inserted m this equation, the corresponding 
results for X? can be obtamed If the solutions were sufficientlj dilute 
for the Onsager equation to be stnetiv applicable, the ^ atues of X? would 
all be the same, on account of the incomplete nature of this equation m 
its simple form, however, the) actuall) increase with increasing concen- 
tration (cf p 55) B) plotting the re?.ults against the concentration 
and extrapolating to mfimte dilution, the equivalent conductance of the 
^ chloride ion in aqueous solution has been found to be 76 34 ohms ’ cm 
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at 25°, this IS the best ai ailible datum for the conductance of the chlo- 
ride ion 

Since the ion conductance of the chlonde loa is non knonn accu- 
rately, that of the hydrogen, hfluum, sodium, potassium and other 
cations can be derived by subtraction from the equivalent conductances 
at infinite dilution of the coneqiondn^ chlonde solutions, from these 
results the ^ alues for other anions, and hence for further cations, can be 
obtained The data recorded m Table XIII, page 56, were calculated 
m this maimer 

It is of interest to note fiom Table XXXH that the equivalent con- 
ductance of the chlonde ion is almost the same m all four chlonde solu- 
tions at equal concentrations, especially in the more dilute solutions 
This fact supports the Mev. expressed previously that Kohlrausch's lav 
of the independent miration irf ions is apphcable to dilute solutions of 
strong eIectroIj1;es at equivalent concentrations, as v ell as at mfimte 
dilution 

Transference rfumbers in Mixtures — Relafaimly little work has been 
done on the transference numbers of ions m mixtures, although both 
Hitterf and moving boundary methods have been emploj ed In the 
former case, it follows from equation (3) Uiat the transference number 
of any ion m a mixture is equal to the number of equivalents of that ion 
migratmg from the appropriate compartment divided by the total num- 
ber of equivalents deposited in a coulometor It is possible, therefore, 
to derive the required transference numbers by analysis of the anode and 
cathode compartments before and after electroljsis 

The moi mg boundary method has been used to study mixtures of 
alkali chlorides and hydrochloric acid, a cadmium anode being employed 
to form an "autogenic” boundaiy After electrolysis has proceeded for 
some time tvo boundaries are oteened, tlic leading boundary is due to 
the high mobihty of the hydrogen ion and is fonned between the mixture 
of hydrochloric acid and the alkali chlonde on the one side, and a solution 
of the alkah chlonde from winch the hydrogen ion has completely mi- 
grated out on the other side The rate of moiement of this boundary 
giies the transference number of the hydrogen ion m the mixture of 
electrolytes The slover boundary is formed between the pure alkali 
chlonde solution and the cadmium chlonde mdicator solution, and gives 
no inforraatioii concermng transference numbers m the mixture The 
transference number of the alkah metal ion cannot be determined directly 
from the mo\ ement of the boundanes, and so the transference number 
of the chlonde ion m the mixed solution is obtained from a separate 
expenment mth an anion boundaiy usii^ a mixture of potassium lodate 
and iodic acid as mdicator Smee tie tr^erence numbers of the three 

Longsvrortli J Am Chejn Sue. 54,2741 (1932) Maclnnes J FranUtn Inst 
225 661 (1938),seealso, Owen,/ Am Oim Soc,S7,3441 (193a) 
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ions must add up to unity, tho value for the alkali metal can now be 
derived “ 

Abnormal Transference Nutnbers>‘ — In certain cases, particularly 
Tvith solutions of cadmium iodide, the transference number varies mark- 
edly with concentration, and the values may become zero or even appar- 
ently negative; the results for aqueous solutions of cadmium iodide at 
18” are quoted in Table XXXIIJ At concentrations greater than 0 5 w, 

TABLE XXIIII CAtlON TRANSITEIWNCE NUMBERS IN CADMIUM IODIDE AT Ig* 

Conen 0 0005 0 01 0 02 OOS 01 02 05v 

(i. 0445 0444 0442 0396 0293 0 127 0 003 

the transference number of cadmium apparently becomes negative; this 
means that in relativfly concentrated solutions of cadmium iodide, the 
cadmium is being earned by the current in a direction opposite to that 
in which positive electricity rao\ es through the solution. In other words, 
cadmium must form part of the motive ion present in the electrolyte 
A reasonable explanation of the results is that in dilute solution cadmium 
iodide ionizes to yield simple ions, thus 

CdIi?iCd++-}-2I’ 

and 80 the transference number of the cadmium ion, in solution? con- 
taining less than 0 02 cquiv per liter, is normal As the concentration 
is increased; however, the iodide ions combine with unionized molecules 
of cadmium iodide to form complex Cdl— ions, thus, 

C(iri + 2I‘;=iCdIr, 

’ ’ ” — ofB pfegent in the 

to that of the 
lumber of the 

caum,u.w .0 ... ntities of elec- 

tricity are earned in opposite directions by Cd'*"^ and Cdlr" ions the 
transference number will appear to be zero The proportion of CdiT" 
ions increases with increasing concentration and eventually almost the 
whole of the iodine will be present as Cdlp ions; the current is then 
earned almost exclusively by Cd"*"^ and Cdl* ~ ions If the speed of the 
latter is greater than that of (he former, as appears actually to be^ the 
case, the apparent cation transference number will be negative A simi- 
lar variation of the cation traastereoce number with concentration has 
been observed in solutions of cadmium bromide and this may be attrib- 
uted to the existence of the anaJi^ous CdBi?"" ion Less marked changes 
of transference number have been observed with other electrolytes, these 
are also prob.ably to be ascribed to the presence of complex ions in con- 
centrated solutions 

“ Longsworth, / Am Ch^ 52, 1897(1830} 
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PROBLEMS 

1 Macinnes and Dole [J Am Chem Soc, 53, 1357 (1931)] electrolyzed 
a 0 5 N solution of potassium chlonde, containing 3 6540 g of salt per 100 g 
solution, at 25° using an anode of silver and a cathode of silver coated with 
Sliver chloride After the passage of a current of about 0 018 amp for ap- 
proximately 26 hours, 1 9768 g of silver were deposited m a coulometer in the 
circuit and on analysis the 119 48 g of anode solution were found to contain 
3 1151 g potassium chloride per 100 g solufeon, while the 122 93 g of cathode 
solution contained 4 1786 g of salt per 100 g Calculate the values of the 
transference number of the potassium ion obtained from the anode and cathode 
solutions, respectively 

2 Jones and Bradshaw [J Am Chem Soe, 54, 138 (1932)] passed a 
current of approximately 0 025 amp for 8 hours through a solution of lithium 
chlonde, using a silver anode and a silver chlonde cathode, 0 73936 g of silver 
was deposited m a coulometer The original electrolyte contained 0 43124 g 
of lithium chloride per 100 g of water, and after electrolysis the anode portion, 
weighing 128 615 g , contained 0 35941 g of salt per 100 g water, while the 
cathode portion, weighing 123 074 g , contamed 0 50797 g of salt per 100 g 
of water Calculate the transference number of the chloride ion from the 
separate data for aoode and cathode solutions 

3 In a moving boundary experiment with 0 1 n potassium chloride, using 
0 065 N lithium chloride as indicator solution, Macinnes and Smith [J Am 
Chem Soc , 45, 2246 (1923)] passed a constant current of 0 005893 amp 
through a tube of 0 1142 sq cm uniform cross section and observed the 
boundary to pass the various scale readings at the following times 

Scale reading 0 5 5 50 5 80 6 10 6 40 6 70 7 00 cm 

Time 0 1900 2016 2130 2243 2357 2472 see 

Calculate the mean transference number of the potassium ion The potential 
gradient was 4 volts per cm , evaluate the mobility of the potassium ion for 
unit potential gradient 

4 The following results were recorded by Jahn and his collaborators 

^lsuv.k C-hmf57f 673 /ISOl)] jd fixpeumenfe on the transference number 

of cadmium in cadmium iodide solutions using a cadmium anode 


Ongmal 

Anode solution 

Silver 

solution 

after electrolysis 

deposited in 

Cd percent* 

Weight 

Cd per cent 

coulometer 

2 6974 

138073 

28576 

0 7521g 

1 3565 

395 023 

14863 

0 9538 

08820 

300 798 

10096 

0 9963 

0 4500 

289 687 

0 5654 

0 9978 

0 2311 

305 750 

03264 

0 9604 

01390 

301700 

018G8 

0 5061 


* The expression “Cd per cent” refeis to the number of grams of Cd per 100 g of 
solution 

Evaluate the apparent transference number of the cadmium ion at the different 
concentrations, and plot the results as a function of concentration 

5 AO 2 N solution of sodium chlonde was found to have a specific con- 
ductance of 1 75 X 10“2 ohm"* cm at 18°, the transference number of the 
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cation m this solution is 0 385 Calculate the eQuivalent conductance of the 
sodmm and chloride ions 

6 A solution contains 004N sodium chloride, O02 n hydrochloric acid 
and 004 n potassium sulfate, calculate, approximately, the fraction of the 
current earned by each of the lomc species, Na*, K'*', II'*’, Cl* and SOr“ in 
this solution Utilize the data m Tables X and XIII, and assume that the 
conductance of each ion is the same as m a solution of concentration equal to 
the total equivalent concentration of the given solution 

7 The equivalent conductances and cation transference numbers of ammo- 
nium chlonde at several concentrations at 25* are as follows [Longsworth, 
J Am Ckm 5oc, 57, 1185 (1935)] 

c 001 0 02 0 05 OIOn 

A 14128 138 33 13329 128 75 ohms* cm « 

4 04907 04906 04905 04907 

Utilize the results to evaluate the equivalent conductance of the ammonium 
and chloride lo * c . 

8 Use the 
according to th 

the ammonium ion m aromomum chlonde against the square-root of the 
concentration 

9 " ' - . - . 

lyzed, ^ 

1 g of 

pas'^age of 4950 coulombs, 41 cc of the anode solution and 39 cc of the cathode 
solution each having a density of 1 9 were run off , they acre found on analysis 
to contain 0 02411 and 0 02G21 g of BaSO* per gram of solution rcspectiicly 
Calculate the transference number of the cation 

10 A solution, 100 B of which contained 2 9359 g of sodium chloride and 
058599 g urea, was electrolyied with a silxer an^e and a BiUcr chlonde 
cathode, after the passage of current which resulted in the deposition of 
4 5025 g of Sliver in a eoulomeler, Taylor and Sav 7 er [J Chem Soc , 2095 
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Partial Molar Quantities.' — The thermodynamic functions, such as 
heat content, free energy, etc , encountered m electrochemistry have the 
property of depending on Ihe temperature, pressure and volume, i e , 
the state of the system, and on the amounts of the various constituents 
present Tor a given mass, the temperature, pressure and volume are 
not independent variables, and so it is, in general, sufficient to express 
the function m terms of two of these factors, e g , temperature and 
pressure If X represents any such extensive property, i e , one whose 
magnitude is determined by the state of the system and the amounts, 
e g , number of moles, of the constituents, then the partial molar value 
of that property, for any constituent i of the system, is defined by 

and IS indicated by writing a bar over the symbol for the property The 
partial molar quantity is consequently the increase m the particular 
property X lesultmg from the addition, at constant temperature and 
piessure, of one mole of the constituent x to such a large quantity of the 
system that there is no appreciable cliange in its composition 

If a small change is made m the system at constant temperature and 
pressure, such that the number of moles of the constituent 1 is increased 
by dn\, of 2 by dus, or, m general, of the constituent t by dn„ the total 
change dX m the value of the property X is given by 

(dX)f p ~ Xjdni *}- Xzdfii Xtdn, 4- (2) 

In estimating dX from equation (2) it is, of course, necessary to insert a 
minus sign before the Xdn term for any constituent whose amount is 
decreased as a result of the change in the system 

Partial Molar Free Energy: Chemical Potential —The partial molal 
free energy is an important thermodynamic property m connection vith 
the study of electrolytes, it can be represented either as G, vhere G is 
employed for the Gibbs, or Lewis, free energy,* or by the symbol y., 
when it is referred to as the chemical potenti4 > thus the appropriate form 

1 Lewis and Eandall, “Thermodynamics and the Free Energy of Substances” 
1923, Chap IV, Glasstonc, "Teid-book of Hiysjcal Chemistry,” 1940, Chap III 
* Electrochemical processes are almost invariably earned out at constant tempera 
ture and pressure, under these conditions G is the appropriate thermodynamic function 
The symbol F has been generally used to reprKent the free energy, but m order to 
a^old confusion with the symbol for the faraday, many writers now adopt ff instead 
131 
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of equation (2), for the increase of free energy accompanj ing a change m 
a given system at constant temperature and pressure, is then 

{dG)T p = /iidrti + /itdnt -f + (3) 

One of the thermodynamic conditions of equilibrium is that ((i(i)T p is 
zero, it follows therefore, that /or a gyslm in equilibrium d constant 
temperature and pressure 


mdni 4- Pidnj + ' • ~ = 0 (4) 

The partial molal volume of the constituent t in a mixture of ideal 
gaseSi which do not react, is equal to its molar volume Vx in the system, 
since there is no volume change on mixing, if p, is the partial pressure of 
the constituent, then u, is equal to RT/p,, where R is the gas constant 
per mole and T is the absolute temperature It can be shown by means 
of thermodynamics that the partial molal volume (5,) is related to the 
chemical potential by the equation 


and so it follows that, for an ideal gas mixture, 


(5) 


( 6 ) 


/£a,\ ^ ^ 

\ Jt •. P‘ 
in ol equation (61 then giics the chemical potential of the gas i 
(ture, thus vi ^ 

iS + RTkv,. ( 7 ) 


Integratioi 
in the mixture, 

cv^' 

vihere /i? is a constant depending only on the nature of the gas and on 
syaVwvi IV » vi'/JwA ^ '& hi the, chm- 
' ical potential of the ideal gas at umt partial pressure 
V" 

/ ... . . 

.. . ^ 

I — 


as equation (7), where pi is now the partial^pj;effiure of the component 


■Lems and Eandall, J Av, Chm S«,^. IIB O™, ' 
the Free Energy of Snbslaneee ” 1923, Chapa SJ.U to TCXVIII, Otelone, Telt- 
boot of Physical Chemistry ,** 1940, Chap IX 
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la\) the partial vapor pressure of any constituent of an ideal solution i s 
proportional to its mole fractionja :,) m the solution, and hence it follows 
that the chem ical potential m the liquid is given by 

;x, = /Ip -f fir In p, 

= fh-\- fir In y, (8) ( 

The constant p® for the particulm- constituent of the solution is inde- 
p endent of the composition , but depends on the temperatuie and pre^- 
sureJoT the r ^ationship eeo the mole fraction ^ thTvapor p ressui e 
IS dejiendent on the total pressure of the system^ * 

If the solution under c onsiderafaon is not ideal , as is generally the 
case, especially for solutions of electrolytes, equation (8) is not applicable, 
and it IS modified arbitrarily by vmtmg 

,i, = ,i2 + fir!nx,/., (9:y 

(^here /, is a correction jac^ kno un as_thfi ^ctinte_CQeffi^iptj)f th e 
Mnstituent fin the given solutio n^ The prSet jTiscajled the activity 
of the particular component anif is represented by the ssunbol a, so that 

/f. = /i2 + fir In a. (10) 

As may be seen from equations (8) and (10), the actmty m this particular 
case may thu s bo regarded as an ^d e^zed_jnole fraction of the given 
constituent ^A comparison of ^uations (8) and (9) shows that for an 
idearsolution^he actn itv coefficient f is unity, in geneial, the difference 
between unity and the actual value of the a ctivity coefficient m a giveq 
SplutiOD IS a measure of the departure from ideal_ behavior m that solution j 
For a system' consisting of a solveD t.~designated by the sufEb? 1, and 
a solute, indicated by the suffix 2, the respective chemical potentials are 

m = iSm + ltTiuxJ, — h (111 

and 

P! = /ijp) + firinaji/i •— (12) 

It IS known that a solution tends towards ideal behavior more close ly, 
f.h p g r p p te^' thp dilnt.inn ^ h oncRj it foUows that /z approaches umty as Xj 
approaches zero^ and f\ approaches umty as ici attains umtyi It is 
coQvement, therefore, to adopt the definitions 

/i — > 1 as ici — » 1 and fi—*l as sz — > 0 

Since/i and Xi become umty atmfimte dilution, i e , for the pure solvent, 
it follows from equation (11) th at the chemical poten tial of a pure li quid 
becomes equal to fila), and hence is a eonstent at a gi^ en temperature 
and pressure By considering the equihbnuEQ between a solid and its 
vapor, it can be readily shown that the same rule is applicable to a pure 
y^d 
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Forms of the Actmty Coefficient —The 

"0+iof(»n<rtT^ <N»'* >•. iV 1. t » 


equations given above are 


le, moles per iOUO g ot solvent, hence for such ‘lolutions, which are 
known to approach ideal behavior it is possible to wnte either 

n = ti^si-RTlnx, { 13 (i) 

or 

ti = ii^c + RTlnc, L- (13E,) 

or 

/I = 4 + ST In m, ^ (13c) 

where ft% and ni are constants whose relationship to each other 
depends on the factors connecting x, c and m m dilute solutions Since 
solutions of appreciable concentration do not behave ideally, it is necc^- 
sary to include the appropriate actmty coefficients, thus 

p = K? + RTh xU = * 1 ? + In a„ C14a} 

n = 11°, + RThcf, « fiS + RTha„ (H5) 

and 

/I « + J?r In mU = n% + RT]n (14c) 

where the a terms aro the respective activities 

It is evident from the equations (14) that the activity of a constituent 
of a solution can be expressed only m terms of a ratio * of two chemical 
potentials via , p and and so it is the practice to choose a ^rence.^ 
•state , 01 ' j t au dard -^tateptor ea^ constituent m which the actmty w 
arOttrmly taken as unity It can be readily seen from the equations giv en 
above that m the standard state the chemical potential a is equal to the 
corresponding value of The activity of a component in any solution 
is thus invariably expressed as the ratio of its value to that in the arbi- 
trary standard state The actual standard state chosen differs, of course 
according to which form of equation (14) is employed to define the 
activity 


longer equal It is possible, however, to derive a relationship between 
them in the following manner The mole fraction x, concentration c, and 
molahty m of a solute can be readily shown to be related thus 

OOOlcil/i OOOl Piilfi 

^ " p - 0 001 cJlfa -b 0 001 d/i ~ 1 + 0 001 mMi ’ 

• It 13 a ratio rather than a diSercace becauje m equations (14) the activity appears 
in a loganthmic term 
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where p is the density of the solution, and Mi and are the molecular 
weights of solvent and solute, respectively In very dilute solutions the 
three related quantities are rr* co and mg, and the density is po, which is 
I irtually that of the pure solvent, smee the quantities 0 001 cMi, 0 001 
cMi and 0 001 mMi are then ue^gibly small, it follows from equation 
(15) that 


Xo = 


OOOlftdlfi 

Pb 


= 0 001 moMi 


(16) 


Incidentallv this relationship proves the statement made above that m 
I ery dilute solutions the mole fraction, concentration and molality are 
proportional to each other 

If juo IS the chemical potential of a given solute in a n ery dilute solu 
tion, to which the terms Xo, Co and mo apply, the three actnity coefficients 
are all umty , further, if p is the chemical potential m some other solution, 
whose concentration is represented by r, c or m it follows from the three 
forms of equation (14) that fi — in, may be wntten m three ways, thus 

RTh— = RTh- = RTh — > 

Xo Co mo 

Xo Co mo 


Combination of equations (15), (16) and (17) then gives the relationship 
betn een the three actmty coefficients for the solute m the given solution 




p - 0 001 Cilf.> 4- 0 001 cMi 


= /m{l-l- 0001mMi) (18) 


It IS evident from this expression that/* and/m must be almost identical 
m dilute solutions, and that /, cannot differ appreciably from the other 
coefficients for solutions more dilute than about 0 1 v 

The arguments given above are applicable to a single molecular 
species as solute, but for electrolytes it is the common practice to em 
ploy a mean activity coefficient (see p 138) , m tbs event it is necessary 
to introduce into the terms 0 001 cMi and 0 001 mMi the factor v which 
IS equal to the number of ions produced by one molecule of electrolyte 
n hen it ionizes The result is then 




p - 0001 ci¥«H- 0001 rcJlfi 


= /„(! + 0 001 ^1) (19) 


The activity coefficient /* is sometimes called the rational activity 
coefficient, smce it gives the mf^t- inrlieatinn of the dei lationJ.mi B 
tlic ideal behanor required b) Raoult’s _ It is, howe\er, not often 
used m connection with measurements on solutions of electrolytes, and 
so the coefficients and fm, wbch are commonly employed, are described 
as the practical activity coefficients The coefficient fc, from wbch the 
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euffiv 13 dropped, is generallv used in tW <si nf i „ ^ i. 
to represent the activity 
of ions of the ith kind la ( 
tration, due allowance bei 

On the other hand/* which is eiven thf» ‘tvinhfil -v m „ „ l 
used m connectioir 
of an ion is expres 

constituent of the electrolyte with no correction for incomplete dissocia 
tion For this reason 7 is sometimes called the stoichiometnc activity 
coefficient 

Equilibnum Constant and Free Energy Changes —If a system m* 
volving the reversible chemical process 

flA + hB 4- Hj 4- mM 4- 


is m a state of equilibrium, it can be readily shown, by means of equations 
(4) hnd (14), that 


oX 


= K, 


( 20 ) 


where K 15 the eqmhbnum constant for the sjstem under consideration 
Equation (20) is the eaact form of the law of mass action applicable to 
any system ideal or not Writing Jc or ym m place of the activity 0 
the following equations for the eqmhbnum constant, which are frequently 
employed in electrochemistry, are obtained, viz , 

I- _ 

• " *1 M 

and 

c _ fT.'ht 

At, — « » it 

rntmt TaTb 

If the components of the system under consideration are at their 
equilibrium concentrations, or activities the free energy change resulting 
from the transfer from reactants to resultants is zero If however, the 
various substances arc present m arbitrary concentrations, or activities 
the transfer process is accompanied by a definite change of free energy, 
thus if a moles of A, b moles of B, etc , at arbitrary actnities are trans 
ferred to I moles of L m moles of M, etc , under such conditions that the 
concentrations are not appreciably altered, the increase of free energy 
(A(7) at constant temperature is given by the expression 

-AO-^RThh-RTh ^ — , ( 22 ) 

“a“b 

this equation is a form of the familiar reaction isotherm If the arbi- 
trary activities of reactants and resultants are chosen as the respectn e 


( 210 ) 

(216) 
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standard states, i e , tlie a's m equation (22) are all unity, it follows that 
- A(? = 72rinff, (23) 

where is the standard free energy change of the process 
^Activities of Electrolytes — When the solute is an . elect rolyte, the 
^andard states for the ions are chosen, m tlie manner previously indi- 
cated, as a hypothetical ideal solution of unit activity, m this solution 
the thermodynamic properties of the solute, e g , the oaitial molal heai 
content, heat capacity, vnluine, e tr . wilL be those of a real solutioiLat 
mfimte dilution , i e ., when it behaves ideally ^ With this definition of the 
standard state "the a ctivity of an lou becomes equal to its co ncentration 
at infinite dilution _ 

Fdr’the undissociated part of the electrolyte it is convement to define 
the standard state m such a w ay as to make ite chemical pofentifl! e qual — 
to the sum of the values for th e ions m their stan d^rdst ^^ Consider, 
for example, tne clectioiyte which ionizes thus 

M,.A, C+M+ + vJr 

to yield the number v+ of M+ ions and v of A' ions The chemical 
potentials of these ions are given by the general equations 

ftu* = M+ "H % (24fl) 

and 

MA =it-\-RT\na-, (24&) 

where o+ and o- are the activities of the ions and A~ respectively 
If in IS the chemical potential of the undissociated portion of the elec- 
tiolyte m a given solution and m 2 is the value m the standard state, then 
by the definition given above, 

H3 = i'+^i+ + v-fi- (25) 

When the system of undissociated molecules and free ions m solution 
is jn efl i^i^um^-a-smalLcbangOT cOi BtanlrtemperatUTe md pres5Uie~ 
produeg s DO change in the face energy of the system, s ince one molecule 
of electrolyte produces positive and p_ negative ions, it is seen that 
[cf equation (4)] 

-{■ RT In 0 +) + p-ifi- + RT\aa-) = /iS + 7^7' In as (26) 

Introducing equation (25) it follows, on the basis of the particular stand- 
ard states chosen, that — 

v+RT in a+ + r-AT In o_ - RTln ai, 

= da (27) 

If the total number of ions produced by a molecule of clecliobfe, 

1 e , !»+ + , IS represented by v, then the mean activity of the elec- 
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trol} te 15 defined by 

a± s (2S) 

and hence, according to equation (27), 

or oj = (20) 

The actmty of each ion may be irnttcn as the product of its actiuh 
coefficient and eonccntration, aa that 

a+ = 7 +CT+ and o. = y.tn., 

7+ ~ and ^ =s — 

The mean activity coefficient of the electro!} tc, defined by 

7 ± ^ h+y-y'% ( 30 ) 

can consequently be represented b} 



If w 13 the molality of the electrolyte, jn+ is equal to mv+ and is equal 
to mK-, go that equation (31) may be nntten as 




(32) 


The mean molality in± of the electrolyte is defined, m an analogous 
raamier, by 

so that it IS possible to DTite equation (32) as 



5/ 


(33) 


Relationships similar to those gi\cn abo\e may, of course, be domed 
for the other actiMty coefficients 

Values of Activity Coefficients— Without entering into details, it 
13 evident from the foregoing discussioir' that actuitics and activity 
coefficients are related to chemical potentials or free energies, seveml 
methods, both direct and indirect, are available for determining the 
requisite differences of free encigj so that activities, relative to the 
specified standard states, can be evaluated In the study of the activity 
coefficients of electrol}tes the procedures generally employed arc hx^od 
on measurements of either vapor pressure, freezing point, solubilil} or 
electromotiv e force * The results obtained by the v arious methods are 

* See referencta on page 132, b!«o pages 200 and 203 For a valual le BUmmaiy of 
data and other information on activity coefficients, see Robinson and Ilamcd Chm 
Rm , 28 ‘119 (l&tl) 
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TABLE JlXXIT JIEAN ACTniTY COEmciBNTS OP ELECTROLYTES TV AQUEOUS 

soLunov AT 2o® 
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have almost identical activity coefficients in dilute solutions Secondly, 
the deviation from ideal beha\ior at a given concentration is greater the 
higher ihe product of the \ alences of the ions constituting the electrolyte 
The Ionic Strength —In order to represent the variation of activity 
coefficient ^Vlth concentration, especially in the presence of added elec 
trolytes, Lewis and Randall introduced the quantity called the lomc 
strength, 'nhich la a measure of the intensity of the electneal field due 
to the ions m a solution * It is given the symbol y and is defined as half 
the sum of the terms obtained by multiplying the molality, or concen- 
tration, of each ion present in the solution by the square of its valence, 
that IS 

K = SJffl.:? (34) 

In calculating the ionic strength it is necessary to use the actual lomc 
concentration or molality, for a weak electrolyte this would be obtained 
by multipljnng its concentration by the degree of dissociation 

Although the importance of the ionic strength was first realized from 
empirical considerationa, it is dow known to play an important part in 
the theory of electrolytes It will be observed that equation (12) on 
page 83, which gives the reciprocal of the thickness of the ionic atmos- 


-nty 


the activity coefficient of a gi\en strong electrolyte is approximately 
tlie same m all solutions of a given ionic strength The particular ionic 
strength may be due to the presence of other salts, but their nature docs 
not affect the activity coefficient of the electrolyte under consideration 
This generalization, to which further reference will be made later, holds 
only for solutions of relatively low ionic strength; as the concentration is 
increased the specific influence of the added electrolyte becomes manifest 

-T» ~ -- rt,, ,1.1 


tially the same as those which were developed m a more elegant maimer 
by Debye and Huckel The fundamental ideas have already been given 
on page 81 m connection with the theoiy of electrolytic conductance, 
and the application of the Debye-Huckel theory to the problem of ac- 
tivity coefficients will bo considered here * 

IT. ,,i T imnoQi^ 


UV ' 

36, Ml (1930) 


sec 

(trans- 

xhent, 
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According to equation (16), page 84, the potential ^|f due to ions of 
the tth kind may be represented bv 




zt zoi 





(35; 


uhere the first term is the potential at a distance r from the central ion 
ivhen there are no suiroundmg ion's, and the second term is the contnbu- 
tion of the ionic atmosphere, k is defined by equation (12), page 83 
Suppose that all the ions are d^charged and that succe^si^ e small charges 
are brought up to the ions from infimtj m such a n ay that at any instant 
all the ions have the same fraction X of their final charge z^e It follows, 
therefore, from equation (35), that at any stage during the cEging process 
the potential due to ions of the ith kind is given by 


X2,£ Xz.e^x 


(36) 


vhere kx is the value of the quantity k at this stage It can be seen, 
from the dcfimtion of n, that since the charge on the ion is then Xj, 6, 
the value of v ill be a fraction X of the final i aluc, the term kx m equa- 
tion (36) may thus be replaced by Xk Making this substitution, equa- 
tion (36) becomes 




(37) 


If «,6dX IS the magnitude of the small charge brought up to each ion 
of the ith kind, the correspondmg work done is z,edX X and hence 
the total electrical work (W,) done m charging completely, i e , from 
X sr 0 to X = 1, an ion of the tth kind is 

Wi = f Ztel'xdK 



n 

D Jo 


X^dX 


Zje" Zf^k 

^Wr~W 


(38) 


If A^ IS the Mai number of ions of the ith kind,* the total electncal 
work (IF) done m charging completely aU the lom of the solution is 
obtained by multiplying equation (38) by JF, and summing over ail the 
ions, thus 


IF = 


^ 2Dr 


N,4^k 

32) 


( 39 ) 


* This should not be tonfused with n the number of these ions m unit volume 
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At infinite dilution there is no ionic atmosphere, and so k is zero and 
the second term on the nglit-hand ado of equation (39) disappears, since 
the dielectric constant is that of the pure solvent, i e , ft the electrical 
tiork (IKi) done m charging the ions at infinite dilution is 


11'. = I 




(«) 


Provided the solution is not too concentrated, D and ft are approvi 
matcly equal and hence the dilTcrcncc in the clcctncal nork of charging 
the same ions at a definite concentration and at infinite dilution is 
given bj 

ir = ir. = -s^‘ (41) 


The ^olumo chanj’c accompanying the charging process at constant 
pressure la negligible, and so IT — ir® may be identified w ith the dl^fc^ 
ence between the electrical free energy of an ionic solution at a definite 
concentration and at infinite d lution 

« 1 j j 


second, an amount due to the clcctncal interaction of the ions (Ots ), thus 
(? = f?.+ai, (42) 

v> hero G,i ma; be taken as being equal to If - TTp, as gi\ en by equation 
(41) Diflercntiating wth respect to ilf,, the number of ions of the »th 
kind, at constant temperature and pressure, the result 13 

d(? 3f?( 

or 

Ml ® P ») + /*•(»! ) 

According to the definition of the chemical potential m , hich nmv applies 
to a sinijk rort, instead of to a g -ion, 

Ml =Mt +^2‘Inae 

uhere K is the Boltzmann constant, le, the gas constant per single 
molecule Further, since G# rcfeis to an ideal solution, it follows that 


Mtrti) — M* ■f' kTIni,, 
and lienee from equations (43), (44) and (45), 
dGa 


■ 


= iirln/, 


{45)'" 


(48) 


Introducing the value of & as given by equation (41) it is lound on 
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differentiating with respect to ^^^remembermg that i involves Vn, and 
hence that / 

ir !„/,= - 


In/t= - 


2D 

mr'' 


Nihh 
■ 2DRT’ 


(47) 


N being the Avogadro number and R, equal to kN, tiie gas constant 
per mole * 

The Debye-Euckel Limiting Law— -The value of k as given on page 
83 IS 

/4ire* 


and if 11 , IS replaced by c,A^/1000, where c, is the ionic concentration m 
moles per liter, and RjM is written for k, equation (48) becomes 

The quantity SCv 2 < is seen to be analogous to twice the ionic strength as 
defined by Lewis and Randall [equation (34)], the only difference is that 
the former involves volume concentrations whereas in the latter molalities 
are employed I For ddute aqueous solutions^ such as were used m the 
work from which Lewis and Randall made the generalisation given on 
page 140, thg^o values of the ionic strength are almost identical It 
has been stated that if the Debye-Hucke) aipment^ are applied in a 
rigid mannei the expression for w will actually involve molalities, never- 
theless, it IS the practice in connection with the application of the equa^ 
tions derived by the method of Debye and Huckel to use an ionic strength 
defined in terms of molar concentrations, viz , 

» = (50) 

SO that equation (49) can be written as 



Introducing this value for k into equation (47) and at the same time 
dividing the right-hand side by 23(6 to convert natural to common 
logarithms, the result is 


, f- S’e- / 2r Y z] 

“ 2303BI\1000; (OT)i '' 


(62) 


* It should be noted that m the diffeienbatioii the Bununation in equation ( 41 ) 
has been reduced to a Single term This is because the numbers of all the ions except 
of the cth kind remain constant and so all the tems other than the one involving n 
will be zero 
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bsa\ constants N,t t and R, as Ttell as the numerical quantities, 
/extracted from equation (52), and if the accepted values are 
yi, this equation becomes 

log/, = - 1823 XlO'^Vl': ( 63 ) 

For a given solvent and temperature D and T have definite values which 
may be inserted, equation (63) then takes the general form 

log/. = - (64) 

w-here is a constant for the solvent at the specified temperature 
This equation, which represents what has been calJed the Debye- 
Huckel lumting law, expresses the variation of the activity coefficient 
of an ion with the lomc strength of the medium It is called the Imutmg 
law because, as seen previously, the approximations made in the deriva- 
tion of the potential at an ion due to ita lomc atmosphere, can be expected 
to be justifiable only as infinite dilution is approached The general 
conclusion may be drawn from equation (63) or (54) that the activity 
coefficient of an ion should decrease with increasing ionic strength of the 
solution the decrease is greater the higher the valence of the ion and the 
lower the dielectric constant of the sohent 

It Will be seen later (p 230) that there does not appear to be any 
expenmental method of evaluating the activity coefficient of a single 
ionic species, so that the Debye-Huckel equations cannot be tested m 
the forms given above It is possible, however, to derive veiy readily 
an expression for the mean activity coefficient, this being the quantity 
that 18 obtained expenraentally The mean activity coefficient of an 
electrolyte MjAy is defined by an equation analogous to (30) and 
upon taking loganthms this becomes 

, , p+logZ+d-i'-log/- 

— ■ ( 55 ) 

The values of log/+, which is equal to — Acf Vy, and of log/-, 1 e , 
- i«iVy, as given by equation ( 54 ) can now be inserted in (55), making 
use of the fact that C 4 .y 4 , must be equal to g-p , i t is found that 

lo g/j. = - Az^z J (56) 

which IS the statgn ient of the Debie Hfjck eJ hmiting lawJor„the mean 
activity coefficient of an electrg lytqwhose 10 ns have valences of ?+ and s , 
respectively The values of the constant A for water at a number of 
temperatures are given in Table XXXV below 

Attention should be drawn to the fact that the activity coefficic^ 
given by the Debye-Huckel treatment are the so-called rational coeffi 
cients (p 135) , to express the values in the form of the practical activity 
coefficients it is necessary to make use equation (26) If the solvent 
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IS water, so that l/i is 18, it is seen that 


log 7 = log/ - log (1 + 0 018m), 

where 7 is the activity coefficient m tenns of molalities, / is the value 
gii en by the Debye Huckel equations, and p is the number of 10ns pro 
duced by one molecule of electrolyte on dissociation As already seen, 
however, the difieience between &e \anous coefficients is neghgible m 
dilute solutions, and it is in such solutions that the most satisfactory tests 
of th^ebye-Huckel theory can be made 
^ebye-Huckel Equation for Appreciable Concentrations —In the 
denvatioQ of equation (12), page the approximation was made of 
regarding the ion as being equivalent to a pomt charge, this will result 
m no serious error provided the radius of the ionic atmosphere is large m 
comparison with that of the ion An examination of Table XXII, page 
85, shows that this condition is satisfied m 
dilute solutions, but when the concentration 
approaches a value of about 0 1 molar the 
radius of the ionic atmosphere is about the 
same order as that of an ion, i e , 2 X cm 
It follows, therefore, that m such solutions the 
approximation of a point charge is liable to 
lead to senous errors A possible method of 
m aking the necessary correction has been pro 
posed by Debye and Huckel ® it has been found 
that if a IS the mean distance of approach of 
other 10ns, e g , 5 to the central ion A, as show n m Pig 47, the potential 
due to 10ns of the ith kind is given by the expression 



Fio 47 Mean distance of 
approach of ions 


. _ Zx( I 

Dt D j 1 + Afl 


(57) 


instead of by equation (35) The mean distance of approach a is often 
referred to as the “average effective diameter^ of the 10ns, although its 
exact physical significance probably cannot be expressed precisely It is 
seen that the correction term is (1 + which approaches unitj in 
dilute solutions when k is small 

By following through the demation on pj^e 141, using equation (57) 
instead of (35), the final result is 


mU, 1 

2DRT I + 1.0’ 


(58) 


m place of equation (47) It is apparent from equation (51) that, for a 
given solvent and a defimte temperature, k is equivalent to where 
B is a constant hence 1 + <.0 may be replaced by 1 + hlaking 

° Debye and Hucke! Physik Z 24 185 (1923) 
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Ihis substitution in equation (58), 


In/. = - 


2DRr 



( 59 ) 


and hence the Debye-Huckel Jinutiag laiv, corresponding to equation 
(54) now hecomes 


log/ = - 


t + aSVii’ 


( 60 ) 


where A has the same signiScancc as before The expression (or the 
moan activity cceSeieal of an dectrolj te is then 


Iog/t = 


Acfr Vji 

I d- n^Vy 


(61) 


Both the constants A and B depend on the nature of the solvent and 
the temperature, the values for water at sev era) temperatures arc given 
in Table XXXV, the corresponding diclcctnc eoustants are also recorded 

TAfiI£ SSXV P£BTT flCCKEti CONSTANTS AND DIELEOTWC COVSTANT OF W iT£R 


Temp 

D 

A 

B 

0» 

8815 

0488 

0320 X 10* 

15* 

83 23 

0600 

0338 

2S* 

7854 

0509 

0330 

30* 

7676 

0514 

0 331 

40* 

73 

0524 

0333 

60* 

7010 

0535 

0 33o 


It ^ ill be obgen cd from Table XXXV that at ordinary temperatures 
the value of B mth water as solvent is approximately 033 X ID* for 
most electrolytes the mean ionic diameter a is about 3 to 4 X lO'* cm 
(see Table XXXVI), and hence aS does not differ greatly from unit} 
A reasonably satisfactory and simple approximation of equation (61) 
therefore 


Ipg/i* 


14* 


(61a) 


The Htickel and Breasted E^tiatrons — further correction to the 
Debye Huckel equation has been proposed in order to allowfor the polan 
* ' ’ ■' » I N *Na central ion, since tbe«e molecules 

the ions themselves, there will be 
to displace the other ions from the 
vicinity of a particular ion The dipolar nature of the solvent molecules 
mil also facilitate the tendency for these molecules to oneot themselves 
about the central ion It has been suggested that the result of tbs 
onentatioQ is equivalent to an increase in the dielectric constant in tho 
immediate vicinity of the loo above that in the bulk of the sohent By 
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assuming the increase to be proportional to the ionic concentration of the 
solution, it has been deduced that an additional teim T'y where C is 
an empimal constant, should be added to the right-hand side of equa 
tions (60) and (61), hence, the latter now becomes 


log 4 = - 


1 -|- IIjBVji 


+ C^y ( 62 ) 


This lesult has sometimes been called the Huckel eguahon ’ 

It IS not certain that the tiieorctical ai^;uments which led to the 
introduction of the term C y, are completely sabsfactory, but it seems to 
be established that the expenmeatal data require a term of this type 
The aggregation of solvent molecules in the vianity of an ion is the factor 
responsible for the so-called “salting-out effect,” namely, the decrease in 
solubility of neutral substances frequently observed in the presence of 
salts, the constant O' is consequently called the saltmg-out constant 
The activity coefficient of a non electrolyte, as measured by its solubility 
m the presence of electrolytes, is often given Ijy an cxpressioD of the form 
log / = C'y, this is the result to which equation (62) would reduce for the 
activity of a non-electrolyte, i c , when 2 + and 2 are zero, in a salt solu- 
tion of lomc strength y 

By dividing through the nuroeiator of the fraction on the nghtrhand 
side of equation (62) by the denominator, and neglecting all terms in the 
power senes beyond that involving y, the result is 

Iog/± = - + {aABz^z^ -f C')y 

= — il 2 ^^ + Cy (63) 

iihere (7 is a constant for the given electiolyte, equal to aABz^ -(- C 
This relationship is of the same form as an empmeal equation proposed by 
Brdnsted,® and hence is in general agreement with experiment, it has 
been called the Debye-Huckel-Br0nsted equation In dilute solution 
when V is smaiV, the term ify (a.n he nt^ibcifeu’, aou'bTi tiib'expressiun: titer 
reduces to the Dehye-Huekel limiting law 

Quahtative Verification of the Debye-Huckel Equations —The gen- 
eral agreement of the limiting law equation (54) with experiment is shown 
by the empirical conclusion of Lewis and Randall (p 140) that the 
activity coefficient of an electrol 3 rte is the same in all solutions of a given 
ionic strength Apart from the valence of the ions constituting the 
particular electrolyte undci conaderalaon, the Debye Huckel Iimitmg 
equation contains no reference to the specific properties of the salts 
that may be present in the solutaon It is of interest to record that the 

’ Huckel PliystL Z 26 93 (1925) seealso Butler / ?kt/8 C/iem 33 1015 (1929) 
Scatchard Physil Z 33 22 (1932) 

*Br0Dsted / AvuChem /Soc,44 938(1922) Br(tastcd aad LaMcr Und 46 555 
(1924) 



ciflpjnwl ecjuatJon proposed b} Lei^is and JLinhart *\ account tor their 
results on the freezing points of dilute solutions of vanous electrolytes 
IS of the form log/ *= - where a lv^s found to be about 04 to 0 5 
for several salts and fi depended on thcir valence type Further, as 
already mentioned, Di^nsted’s empirical equation for more concentrated 
solutions IS in agreement with the ev;teo(M equation (G2) It can be 
seen from the Deb^ e Huckel limiting law equation that at a definite lomc 
strength the departure of the activity coefficient of a given electroljte 
from unity should be greater the higher the valences of the ions con* 
stituting the electrolyte, this conclusion is m harmony mth the results 
given in Table XX!XIV which have been already discussed 

It was noted on page 139 that although activity coefficients generally 
decrease w ith increasing concentration m dilute solutions, in accordance 
wnth the requirement of equation (58), the values frequently pass through 
a minimum at higher concentrations It is of interest, therefore, to ecc 
how far thn fact can be explained at least qualitatively, by means of the 
Debye-Huckel theory According to the limiting law equation, the plot 
of log/ against Vy should be a straight line of slope - Az+z- for a urn- 
univalent electrolyte m water at 
25* this IS equal to approximately 
- 0 51, as shown in Iig 48, 1 II 
the ionic size factor is introduce^ 
as IQ equation (01), the plot of 
log/ against Vp becomes of the 
form of f^g 48, II, representing 
a type of curve which is often 
obtained expemnentally Finally, 
the addition of the saltmg-out fac 
tor as m equation (62), results in 
a Arbiter increass 
coefficient by an amount propor- 
tional to the lomc strength, the 
result is that the log/ against 
curve becomes amiJar to Fig 48, 
HI It may be mentioned that 
the latter curve duplicates closely 
the variation of the activity coefficient of sodium chloride with concen- 
tration up to relatively high values of the latter 

Quantitative Tests of the Pebye-Hiickel Limiting Equation— A1 
though the Dcbye-Huckel equations are gcnemlly considered M applying 
to solutions of strong electrolytes, it is important to emphasize that they 
are by no means restricted to such solutions, they are of general applica* 
bility and the only point that must be noted is that in the calculation oi 
the ionic strength the actual loQic concentrations must be employed 
• Lewis and Linhart, J Am C/iem See 41 , 1951 (1919) 



Fifl 48 Simple (I) and erteiided (Tf and 
III) Debye-liftckel equations 




QUANTITATIVE TESTS OP THE DEBTE-HUCKEL LIMITING EQUATIONS 149 


Por incompletely dissociated electrolytes this mvolves a knowledge of the 
degree of dissociation, which may not always be a\ailable mth sufficient 
accuracy It is for this reason that the Debye-Huckel equations are 
generally tested by means of data obtamed with strong electrolj tes, smce 
they can be assumed to be completely dissociated It is probable that 
some of the discrepancies observed with certam electrolytes of high 
\ alence types are due to mcomplete dissociation for which adequate allow- 
ance has not been made 



Fig 49 Test of the limiting Dcbye-Huckel equation 

The expenmentally determined activity coefficients, based on vapor 
pressure, freezing-point and electromotive force measurements, for a 
number of t 5 pical electrolytes of different valence types m aqueous 
solution at 25®, are represented m Fig 49, m wbch the values of log / 
aie plotted against the square-root of the lomc strength, m these cases 
the solutions contamed no other electrolyte than the one under considera- 
tion Smce the Debye Huckel constant A for water at 25® is seen from 
Table XXXV to be 0 509, the lumtang slopes of the plots m Fig 49 should 
be equal to -0 509 z+ 2 -, the results to be expected theoretically, cal- 
culated in this manner, are shown by the dotted hues It is evident that 
the expenmental results approach the values required by the Debye- 
Huckel hraitmg law as infimte dilution is attained The influence of 
\ alence on the dependence of the actiA itj coefficient on concentration is 
emdently m agreement with theoretical expectation Another verifica- 
tion of tlie valence factor in the Debj e Iluckcl equation ivill be given 
later (p 177) 

A corapaiison of equations (52) and (53) shows that, for electiolytes 
of the same valence type, the limitmg slope of the plot of log/ against 
at constant temperature should be mversely proportional to D^, where D 
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is the diclectnc constant of the medium -A stringent test of the Debye- 
HUclel equation is, therefore, to determme the activity coefficients of a 
given electrolyte in a number of differunt media of vaiymg dielectnc 
constant; the results are available for hydrochlonc acid m methyl and 
ethyl alcohols, m a number of dioiane-water mixtures, as well as m pure 
water at 25“ Some of the data arc plotted in Fig 50 , the limiting slopes, 



01 OZ 0 3 0 1 


VF 

FlO 50 Dnutmg Debye-IlQckel equation at different dielectnc constants 
(Ilarned 

marked with the appropnate value of the dielectnc constant, are indh 

, 1 1 ,1 1 1 1 1 O'' I ) 


Rithout changing the dielectric constant, and so these factors may be 
considered together From equations (^) and (56) it is evident that 
the limiting slope of the plot of log/ against should vary as \I{I)T)\ 
where T is the absolute temperature at winch the actiuty coefficients 
arc measured The CYpenmental results obtained under a mde variety 
of conditions, c g , m liquid ammonia at — 75° and in water at the boiling 

« Hamed tlal,J Am Ckm Soe , 61 , 49 (1W9) 
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point, are generally in satisfacton agreement ^ith theoretical require 
ments “ Where discrepancies aie observed they can probably be 
plaine^ incomplete dissociation m media of low dielectric constant 
'The Osmotic Coefficient —Instead of calculating actnity coefficients 
fiom freezing point and other so called osmotic measurements, the data 
may be used directly to test the validity of the Bebye-Huckel treatment 
If $ IS the depression of the freezmg pomt of a solution of molality m of an 
electrolyte which dissociates into r ions, and X is the molal freezing point 
depression, \iz, 1858® for water, a quantity (j), called the osmotic 
coefficient, may be defined by the expression 



This coefficient is equivalent to the van t Ho2 factor t (see p 9) di 
vided by v It can be shown by means of thermodynamics that if 
-log / IS proportional to the square>root of the ionic strength, as it 
undoubtedly is in dilute solutions, then 

1 “ Jin/ (65) 

Introducmg the Debye-IIuckel limiting law for log / it is seen that 
2 303 r 

1 ^ _ -j-Az+ 2 Vp, (66) 

y here A has the same sigmficancc as before Since <i> can be determined 
directly from freezing point measurements, by means of equation (64), 



Fio 51 Test of Debye-Huckd equation freezing pomt measurements in 
cyclohe'fflnol ^chremer and Fnvold) 

n Saxton and Smith J Am Chem Soc, 54 2626 (1932), Webb, J Am Chm 
Soc 48 2263 (1926) 
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it IS possible to test the Debje-Huckel theory m the form of equatioa 
(66), the plot of 1 - ^ against should approach a limiting value of 
0768^2+2^ llie experimental results for electrolytes of different 
valence types in aqueous solutions are m agreement vnth expectation, 
since the data are in pnneiple similar to many that were used in the 
compilation of Fig 49, they need not be considered further It is of 
interest, however, to examine the values derived from freezing point 
measurements m a solvent of low dielectne constant, viz , m clohexanol, 
whose dielectric constant is 150 and freezing point 23 Qy^e full cm e 
m Fig 51 IS drawn through the results for a number of uni univalent 
electrolytes, while the dotted curve shows the limiting slope required by 
equation (66) “ 

Activities at Appreciable Concentrations —A companson of the ex- 
penmental curves m Figs 49 and 50 with the general form of curve II 
in Fig 48 suggests that equation (61) might represent the variation of 
actiwty coefficient with concentration in solutions of eJectroJjtes that 



w 

FiO 52. DeteruinutioD of mean wme dwaietcr 


were not too concentrated, by a slight rearrangenieBt this equation can 
be put in the form 

= l + (67) 

log/± ^ 

go that if the left-hand ade of equit on (67) ig plotted again5t 'P 
result should be a straight line of slope aB Since the va ue o is 


“Schreiner and FnToId Z phjstk Chm,i2i i (1926) 
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knovn (cf Table XXXV), the magnitude of the mean ionic diameter 
required to satisfy the expenmental results can be obtained The data 
for aqueous solutions of hydrochlonc acid at 25® are shown m Pig 52; 
the points aie seen to fall approximately on a straight line so that an 
equation of the form of (61) and (67) is obeyed The slope of this hnc 
is about 1 75 and since B is 0 33 X 10®, it follows that for h} drochlonc 
acid a IS equal to 5 3 X 10“* It has been found m a number of cases 
that by using values of a that appear to be of a reasonable magmtude it 
IS possible to represent quantitatively the activity coefficients of a num- 
ber of electrolytes up to ionic strengths of about 0 1 Some of the mean 
values, collected from those reported m the literature, are given in Table 
XXXVI It must be pointed out, however, that such satisfactory results 



TABLE XXXVI MEAN EFFECTIVE IONIC DIAMBTEHS 

Electrolyte 

a 

Electrolj'te 

n 

HCl 

5 3 X 10'* cm 

Mi 

52 : 

NaCI 

44 

MgSO, 

34 

KCl 

41 


30 

CsNOj 

30 


30 


are not always obtained, in order to satisfy the experimental data m the 
case of silver nitrate, for example, a should be 2 3 X 10"® cm , and for 
potassium mtrate 0 43 X 10"® cm , both of which values are loyer than 
would be expected It is nevertheless of mterest that the figures are at 
least of the correct order of m^mtude for an ionic radius, namely about 
10"® cm In some instances, particularly with salts of high valence types, 
it IS found necessary to employ variable or even negative values of a, 
this may be attnbuted either to incomplete dissociation or to the ap- 
proximations made in the Debye-Huckel denvation 
' Activities in Concentrated Solutions.— For relatively concentrated 
snliitijim ’A ta »iHt tha ennu^Rta Hiickpi pjqiafjfui- 1 , 62 .’!,., h.y 

choosing suitable values for the two adjustable parameters o and C, 
it has been found possible to represent the variation of activity coeffi- 
cients with concentration of several electrolytes from 0 001 to 1 molal, 
and sometimes up to 3 molal The values of C seem to he approximately 
between 0 05 and 0 15 in aqueous solution At the higher concentiations 
it is necessary to make allowance for the difference between the rational 
and stoichiometnc activity coefficients, the latter, which is the experi- 
mentally determined quantity, is represented by an extension of equa- 
tion (62) , thus (cf p 135), 




log (1 + 0 001 mMi), (68) 


where v is the number of ions produced by one molecule of electrolyte on 
dissociation, m is the molality of the solution and Mi is the moleculai 
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B eight of the soU mt This equation has been emploj cd for the p irposi 
ol Citrapolatms aclnitj cocfScicnt data to dilute solutiom from nc 
curate mcTSureractils made at rclatnely high conccntralions It w not 
certain that this procedure is nllogcthw justiSalilc, for the Mine of a 
obtained from activitj data at high concentrations ts often dilfcrent 
from that denved from measurcincnts on the same eicctrol} tc m dilute 
solutioas 

E«ensjoii of the Debye-Huckcl Theory— In the calculation of flic 
eIcctnMl dejiijt) jn the^iawty of an Jon (p 82) it (hat 

ztfiJir ’ , 

the first ■ 

calculafi y 

IS justifiable pro; ided that 

“ ^ mr' 

that 13, if the mean lomc djamclcr a is greater than about 1 4 X lO'KyD 
at 25® It follon’g, therefore, that the additional terms are ncgliKible jn 
aqueous solution if o/e* eweeds 1 G X 10 *, for a uoKimvalont salt 
therefore, a should exceed I C X 10^ cm , but for a bi bi;alent electro- 
Ij a mu^t exceed G 4 X 10 * cm if the Debj c-II(ickcl approximation « 

'' > --.t v;»ii»re,A 


the deviations become more marked and will occur ;\itli Glcctroi)tC3 ot 
lov:er\alenc 0 type m media of Ion d electric constant 

The potential ^ is guco approxinjately by equation (15) on page S3, 
and hence the assumption, made by Deb} c and ilUckcI, that z,tf'lkT i« 
small compared with unity, is equnalent to stating that 


and this i5 le^ hkely to be true the higher the ; alence of the ion and the 
smaller its radius and the sroallcr the dielectric constant of the inedmm 
In order to avoid the approximation m\*ol;ed m neglecting the higber 
terms m the exponential genes, Grtmirall, Lahler and Sandiod “ used 
the complete expansion for the electrical dcnsil}, and solved the differen- 
tial equation, foJlotnng fbo introduction of tlie Poi'^son equation, in tho 
form, of a power senes The result obtained for n sjniinctncal valence 
type electrolyte, that is one with both ions of the same valence, is given 
by the following expression, which should be compared with cqufiliofl 

” GrcniraU loiter and fiiiidved PhytA Z 39 5oS (1928) t« ^l*o lAMtr, 
Gronvall and Greiff J Wj* Chtm 35 2345 (1631) 
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- 2m F»„+i(/,a)], (69) 


( 58 ), , 

2DRT l-^Ka 



^here X(Ka) and y(ha} are known, but complicated, functions of Ka 
The summation in equation (69) should be earned oi er ail integral values 
of m from umty to mfinitj , but it is found that successive terms m the 
senes decrease rapidlj and it is sufficient, m general, to include only two 
terms 

In the application of equation (69) an arbibary value of o is chosen 
so as to fiaJcuJated aetnif; wieffiraejife wJueb agrps wtii those de- 
nved by direct experiment, the proper choice of a is made by a process 
of trial and oiror until a value is found that is satisfactory o^ er a range of 
concentiations There is no doubt that the Gronwall-LaMer-Sandved 
extension represents an important advance over the simple Debye' 
Huckel treatment, for it frequently leads to more reasonable values of the 
mean lomc diameter The validity of equation (69) has been tested 
by a variety of activity measurements and the results have been found 
satisfactoij , were it not for the tedious nature of the calculations it 
would prokbly be more nideiy used 

It is necessary to call attention to the fact that equation (69) was 
deduced for symmetrical valence electrolytes, foi unsymmetncal tjpes 
1-he coreesponding equation is of a still more complicated nature 
^^^soctahon —A dence, proposed for ai oidm$ the 

Mcultjof integratmg the Poisson cquatio^Jien it is not justifiable to 
issume that ZxS^lhT is mucElrSHer than umty, i nvoh es the concept of 
: ^e association of ions to form loa-paas ( cf p 96) it may De remaried 
ihat, m a senle,~a solution, Wch as fiiat of Gronwall, Sand^ ed and LaMer, 
)f the differential equation resulting from the use of the complete expres- 
non for the electrical density, makes the Bjerram treatment unnecessar}'' 
The results obtamed are, nevertheless of interest, especially m connection 
vith their application to media of low dielectnc constant 
According to the Boltmann distribution Jan the number dni of 
ons of the ith bud m a spliencal shell of radius r add thickness dr, sur- 
oundmg a specified ion, is gn en by 

= ndrt^ ) (70) 

LaMer ejal J ?hys Chm 35 19<)3 (1931) 40 287(1Q3C),/ Am Clim Soc 
3 2040 ‘1333(1931) 54 2/63 (1932) 5tf 544(1934) Partington Tmns Faraday 
oc 30 1134 (1934), PW Mag 22 8a7{1936) 

^^Bjemun K Dandle ^^dmi Seld, Mai Sys MtM 7 ^o 9 (1926), Fuoss and 
[raus / Am Chem Soc 55 1019 (1933), Ihoss Trans Faraday Soc 30 967 (1934), 
'hen licvs 17 227 (1935) 
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where nj n the number of ions of the ith hnd m umt volume and IT 
IS the work required to sens mte one of these ion s from t he centr ahnn, 
k IS the Boltzmann constant and f is the absolute temperature "tIiT 
central ion, supposed to be positive, carries a charge a nd that of the 
ith ion, which is of opposite sign, is t <j.if Coulomb’n^v is assumed to 
hold at small mterionio distances and tfm ions are regarded as point 
charges separated by a medium tuth an effective ^elcctnc constant (D) 
equal to that of the solvent, then the work requiredlo7epamte”thel^ 
from a distance r to infinity, and hence ttie value of TT, is given by 


Dr'' 




(71) 


The influence of ions other than the pa r under consideration js neglected 
m this derivation Substituting this result for W m equation (70), it 
follows that 

drti ^ (72] 


The fncUon JnddfLi s a rnea sum of the probability P(fJ of finding an ion 
of charge opposite to that of the central ion at a Stance r from the 
I^ter, thus ^ 

n I ( P(r) = ni4n‘r‘<‘ 


P(r) 



Fia S3 Distnbuton of oppositdy 
charged ions about a ceatral ion (Bieinim) 

uhlch 

minim’ 

to r aiiu ^ VI w Awi.'M -I 


If the nght'Jiand side of this equa 
tion,forvanou3valuesofr isplotted 
against r, the result is a cur\ o of tho 
t>pe shown in Fig 53, the actual 
form depending on the valences 2 + 
and 2 - of the opposite!) charged 
ions, and also on the dielectnc com 
stant of the medium It wll bo 
observed that at small distances of 
approach there is a very high prob- 
ability of finding the tno ions to- 
gether but this probability falls 
rapidly, passes through a minimum 
and then increases somewhat for in- 
creasing distances betweep the ions 
The mtenonic distance rmm, for 
11 j * - ♦J’^risa 
pect 


E“" 


'' 2 DI.T J 


(74) 


The ■■mgnest. on mad.; by » 

sph ere of radiiu aasSHToffi jTpam, 
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wl^eas those outside this sphere ma\ be considered to be fr^ The 
hig n^Lhfe val ue of 7 ^^ the greater theSolume ro u nd a g i\ en jsuLlfl 
'' hi~cl-rthe~oDoositeiv charged 10 ns can be foim d, and hence the greater 
the probability of the occurrence of the lon-pairs It is e\udent, there- 
fore from equation (74) that ion association will take place more readily 
the higher the valences. Zx an d 2 _, of Ihe ions of the electrol} te and the 
smaller the dielectric consta nLof the medimj This conclusion is m 
general agreement mth experiment concerning the deviations from the 
behavior to be expected from tfie Debye-HucLel treatment based on the 
assumption of complete dissociation Attention maj be called to the 
fact, the exact sigmfieance of which is not altogether clear, that the value 
of Tm n given by equation (74) is about twice the mean lomc diameter a 
which must be exceeded if the additional terms m the Debye-Huckel 
expansion may be neglected (see p 154) 

The Fraction of Association —If equation (72) is mtegrated between 
T = a, where a is thGj‘gect ive-m^ ^ meter of the ions, or’l EeiF^s 
tan_^ of closest approach, aiid 7=iw { thTre^fsEoulH gi\e the num- 
ivhich will b e less than unit^ , oi~oppositely charged ions that raaj be 
regarded as associated ^nth a gt\ en iom in other words, tins quantity is 
equal to the fr action of ass ociation strong electr olyte mtOAon 

pairs, thus 

« = n4irJ'*r'«-H< (75) 

If NcIlQOO, where c is the concentration in moles per liter, is wntten in 
place of n , and if both 10 ns are assumed to be univalen t, equation (75) 
may be expressed in the form 



The values of Q(b) as defined abo\c have been tabulated for various 
values of 5 from 1 to 80, and so by means of equation (76) it is po'=sible 
to estimate the extent of association of a uni-umvalent electrolyte con- 
sistmg of 10 ns of any required mean diameter o, at a concentration c 
m a medium of dielectnc constant D It will be seen from equation (76) 
that m general 6 mcreases as b increases, 1 e , 0 increases as the mean 
diameter a of the ions and the dielectric constant of the solvent decrease 
The values for the fraction of association of a um-univalent electrolyte 
111 uater at 18® ha^ e been calculated bj Bjerrum for vanous concentra- 
tions for four assumed ionic diameters, ihe results are recorded m Table 
XXXVII The extent of association is seen to increase markedly vith 
decreasmg lomc diameter and mcreasmg concentration The values are 
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appreciably greater in solution? of Ion dielectric constant, as j? apparent 
from the factor l/D ' m equation (76) 


TAI8U: xjxru rRACTiON or assocutioa {$) Of wi curvALBNx ELzetROLTra 
W WATEH AT 18* 

Conccntmtion 


a 

0001 

0005 

001 

OOS 

01 

05 

ION 

2S2A 

0 

0002 

0005 

0017 

0029 

0000 

0133 

235 

0 001 

OOOi 

ODDS 

003S 

004S 

0140 

0205 

170 

OWl 

0007 

0012 

00(0 

0072 

0201 

0255 


The Association CQnstaat.*-Suppose that a salt JIA is completely 
ionized m solution and that a certain fraction of the ions arc associated as 
lon-pairs; an equilibnum may be supposed to exist between the free 
M"'’ and A" ions, on the one ^nd, and lon-pairs on the other iiand If 
the law of mass action [cf equation (20) j is applied to this equilibrium, 
the result ig 

jC _ Activity of M+ X Activity of A" 

Activity of lon-pairs 

where K ia the dissociation constant (cf p 1C3) If c is the concentra- 
tion of the salt RIA, the concentration of associated ions is $c while that 
of each of the free ions is (1 - 9)c; further, if /i represents the mean 
activity coefficient of the ions and ft is that of the lon-pairs, then 

(i-(i)cX(i-» f, (1 - e)>c n 

‘ “ Sc 1“ S f, 

Tor vory dilute solutions, i e , when c is small, tlie activity coefEcicnls 
are almost unity, while 9 is neghjible in tompatison with unity (sec 
Tabic XXXVII); equation (77) then reduces to 



: m 

c 

where the, reciprocal of the jlisgociation JoH'itant, is called 
a ssocia tloiLc onstant of the completely lomred clectrolyto Introducing 
the valu^'of 0 given by equation (76), the result is 



and so the dissociation constant A can bo calculated for any ^umed 
value of the distance of closest approach of tho ions In a medium of known 
dielectric constant 
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A test of equation (79), based on the theory of ion association, is 
provided by the measurements of Fuoss and Kraus “ of the conductance 
of tetraisoamylammomum mtrate m a senes of dioxane u ater mixtures 
of dielectric constant ranging from 2 2 to 78 6 (cf Fig 21) at 25* From 
the results in dilute solution the dissociation constants were calculated 
by the method described on pi^e 168 
The values of ~ log K plotted against 
log D of the medium, are indicated by 
the points m Fig 54, whereas the fuU 
curve IS that to be expected from equa- 
tion (79) if o is taken as 6 4A Theagree- 
ment between the expcnmental and theor- 
etical results IS very stnkmg It will be 
observed that as the dielectric constant 
mcreases the curve turns sharply down 
wards and crosses the log D axis at a value 
of the dielectnc constant of approximately 
41 The sigmficance of this result is that 
for ions of mean effective diameter equal 
to 6 4A, the dissociation constant of the 
electiolyte is very large, and hence the 
extent of association becomes negligible 
when the dielectric constant of the solvent 
exceeds avalue of about 41 Forsmaller 
ions or for ions of higher valence, the di- 
electric constant would have to attam a larger value before an almost 
completely ionized electrolyte would be also completely dissociated 
Tnple Ions —The concept of lon-pairs has been extended to mclude 
the possibihty of the presence m iiolution of groups of three ions, viz , 
-f--+or-H — ,ie, tnple ions, held together by electrostatic forces 
Such tnplets might be expected to form most readily in solvents of low 
dielectnc constant, for it is m such media that the forces of electrostatic 
attraction would be greatest Consider an electrolyte MA m a medium 
of low dielectnc constant, there will be an eqmlibnum between the ions 
and A" and the lon-pairs, as desenbed above In this case, how ever 
the lon-pair formation will be considerable and 0 will approach unity 
If 1 - 0 IS replaced by a, the fraction of the electrolyte present as free 
ions, and if both 6 and the activity coefficient factor are assumed to be 
J'Fuos8andKraiL«! J Am Chem Soc 55 1019(1933) 

* According to the simple calculations on page lo6 the dielectnc constant necessary 
for the solvent m iihich a ns i univalent electrolyte whose mean lomc diameter is 
64 X 10"® cm should be dissolvcdmorderfiiatthere maybe no appreciable association 

is279 X 10-‘/G4X10^ ic 42 

and Krans J Am Chem 5oc 55 2387 (1933) Fuoss ibid 57 2604 
(193o) Chem Revs 17 227 (1935), for reviews see Kraus J FranUtn Inst 225 687 
(i938),5c«ncc 90 281 (1939) 
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and dielectnc constant (Fuoss 
and Krau8) 




ICO 


niEE ENEW AfD ACn>7TT 


unit}, equation (77) can be wnttea as 

i « <t% (80) 

where K w the approximate dissociation constant and c ls the total dec 
trolyte concentration If m addition to lon-pairs (dual ions) there are 
present triple ions, nz , and AMA", the following cqmlibna 

MAM+:^MA + M+ 

AMA-?iMA-f A- 

also exist If the formation of MAM+ and AMA" is due to dcctncal 
effecta only, there will be an equal tcndenc} for both these ms to form, 
the mass action constant It of the two equilibna ma} thus be expected 
to be the same Ilcncc, neglecting acinitj coefScicnts, 


CmaCm* 

ClIAM* 


CmaCa 

cama 


(SI) 


Cm* Ca 
cmah* Cam a 


(82) 


The triple ions should consequently be formed m the same ratio as that 
in which the simple ions are present in the solution If at is the fraclion 
of the total electrolyte existing as cither of the tnple ions, e g , MAM% 
then cmam* is equal to aic Since the amount of tlie<e ions will k Email, 
fMA may be taken as approxifnatcly equal to (he (ota) conmtntm c, 
and Cm* can be assumed to remain as ac Substituting tbc«c results m 
equation (SI), it follows that 




ac 

at 


(83) 


and since h, by equation (80), is equal to a*c, i e , a is it is found that 



(81) 


Although dual ions ha'c no conducting power, since thej are elec- 
trically neutral, triple ions arc able to carry current and contribute to 
the conductance of the solution If A» is tlic sum of the cquu alent con- 
ductances of the simple ions at infinite dilution, and X# is the sum of the 
values for the two kinds of triple ions, then since the latter arc formed 
in the same ratio as the simple ions, it follows that the ol^crved equiva- 
lent conductance is given by 


A — o!\i d* ®iXj, 

mtenoiuc effects being neglected Substituting for and xtr/ki 
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foi <3^5, it IS seen thafc 

A + (85) 

aVc = A«Vi + ~c (86) 

Aj 

If A.Vc IS plotted against c for media of low dielectnc constant, in which 
tnple ions can form to an appieraable extent, the result should be a 
straight line, this expectation has been confirmed by expennient, as 



C X 10* 

Ra 55 Test of tnpJc wn theory (Twss and KrAas) 

shown by the points in Fig 56 which are for tetrabutylammonium 
picrate in anisole Tiie deviation from the straight line becomes evident 
only at high concentrations 

Tnple Ions and Conductance Minima —Since equation (85) is of the 
form 

+ (87) 

where A and B are constants it is evident that the first term on the nght- 
hand side decreases and the second term mcreasea as the concentration 
is increased, it is possible therefor^ for a minimum m the equivalent 
conductance to occur, as has been found expenmentally (p 52) The 
physical sigmficance of this result is that with increasing concentration 
the single ions are replaced by electncaliy neutral lOn pairs, and so the 
conductance falls, at still hi^er concentiafaom however, the lon-pairs 
are replaced by tnple ions having a relafiimly high conducting power, 
and so the equivalent conduetaoce of s^ution tends to increase 
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The condition for the conductance minimum is found by differentiating 
equation (87) with respect to e and setting the result equal to zero, this 
procedure gives 

c« =“ 


( 88 ) 


By substituting this value in equation (85) and utilizing the relation 
ships given above for « and oi, it is found that 


Amin ^ 2(Aoa)nlo “■ 2{Xoaj)ouii (89) 

It is seen from equation (88) that the concentration for the minimum 
conductance is proportional to Aj, and so is im ersely proportional to the 
stability of the triple ions The minimum occurs when the conductance 
due to these ions, i e , Xoaj, u equal to that due to the single ions 
1 e , Aqq 

By means of a treatment anali^ous to that descnbed above for cal 
culatmg the association constant for the formation of lon-pairs, it is 
possible to denve an expression for wh ch is analogous to equation 
(79) “ the result may be put in the form 



where /(h, r) is a function of b, which has the same significance as before 
and of the distance r between the ions In the region of the minimum 
conductance, the value of J’(6,r)/&* do® not change appreciably, and 
equation (90) can be wntten as 



where 4 is a constant and D is the dielectnc constant of the medium 
the dissociation constant of the tnple ions ih) is thus proportional to 
Since the concentration Caiin at wbch the minimum equivalent conduct 
ance is observed is proportional toAj, it follows that 

^ = constant, (9^) 


this 13 the rule denved empmcally by Walden (p 53) 

The fact that the concentration at which the conductance minimum 
occurs decreases with dccreasrog dielectnc constant of the solvent is 
shown by the results in Fig 21 (p 53) In media of very low dielectnc 


" Fuosa aod Kraus J Am Ckm 8x 5S 23S7 (1933) 

"See also Cress and Halpem / Oum Pkys 2 188 ( 1934 ), Fuoss and Kraus 
ibid, 2, 386 (1934) 
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constant, llo^e^el tie mimmum does not appear, but the conductance 
cun es show inflections these are attnfauted to mutual mteracfaons be- 
tween tvio dipoles, i e ,ion pairs,asaresultof\rfiidiquadnpolesareformed 
The consequence of this is that the normal mctease of conductance 
beyond the mmimum due to the formation of tnple ions, is inhibited to 
some extent K the dielectric constant of the solvent exceeds a certain 
value, depending on the mean diameter and valence of the ions, there is 
no appreciable formation of tnple ions at any concentration, and hence 
there can be no conductance mipinuim 

Equilibria m Electrolytes The DissociafioQ Constant —TThen any 
electrolyte MA is dissohed m a suitable solvent it juclds and A~ 
ions in solution to a greater or Ic'^r extent depending on the nature of 
JIA, e\en if ionisation is complete, as k the case with simple salts m 
aqueous solution, there may still be a tendency for ion pairs to form m 
relatively concentrated solution, so (hat dissociation is not necessarily 
complete In general, therefore, tiieie will be set up the equihbnum 

MA?±M+ + A', 


where hi'*’ and A" represent the free ions and MA is the undissociated 
portion of the electrolyte nhich includes both un ionized molecules and 
mii-paws Application of the law of mass action, m the form of equation 
(20), to tbs equihbnum gives 


A 


avi^flA 

fl\u 


(92) 


uhere the a terras aro the activities of the indicated species, the equi 
bbnum constant K is called the dissociation constant of the electrolyte 
The term “ionization constant” is also frequently empb) ed in the litera- 
ture of electrochemistry, but since the equilibnuna is between free ions 
and undissocialed molecules, the expression “dissociation constant” is 
preferred Wnting the actnit} terms in equation (92) as the product 
ol 't’ne concentration and tne activftj coeffieteiAjTtbewanft 


/m*/a 
Cma /ma 


(93) 


Further, if a is the degree of dissociation of the electroljie (cf p 96) 
Mhose total concentration is c moles per liter, then cv* and Ca are each 
equal to ac, and cjia is equal to c(l — a), it follows, therefore, that 


K = 


ac 

l~a 


Ma 

/ma 


(94) 


If the solution is sufficiently dilute, the activity coefficients are approxi- 
mately unity, and so equation (94) reduces under these conditions to 
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uhich is the form of lire so-called dilution to as orisinally deduced br 
Ostpafd (18S81. It will be noted tbut in the approcimalc equation (95) 
the symbol I has been used; this quantity is often called the "ctoical 
dissociation constant," but ns it cannot be a true constant it is preferable 
to refer to it as the "classical dissociation function” or, in brief, as tho 
"dissociation function.” 

Hierelatioa belireenthefunclionhandthctrucor"thcmiod}iiamic" 
dissociation constant K is obtained by combining equations (W) and 
(95); thus 

K = (96) 

Provided the iomc strength of the medium 13 not too high, the activity 
coefficient of the undissociated molecules never diiFere greatly from unity; 
hence, equation (90) may he nTitten as 

K ~ i(/u*/A ). (97) 

If the solutioo in sufficiently dilute for the Debye»Hiidel limiting law 
to be applicable, it follows from equation (M), assuming the ions M* 
and A" to be unit alent, for simplicity, that 

log/it* => logA - - A n'w, (OS) 

the ionic strength, i2c.2< , being equal to i[(oc X 1*) + (ac X 1*)], i e 1 
to ac. Upon taking logarithms of equation (97) and substituting tho 
values of iog/w* and log/A* as given by (OS), the result is 

log K = log A - (99) 

The plot of the values of logfc, obtained at various concentrations, 
against should thus give a straight line of slope — 2 A ; for a atcr at 
25° the value of A ia 0 509 (Table XXXV) and so the slope of the lino 
should be - 1 018 

In order to test the reliability of equation (99) it is ncccssa^' to know 
the value of the degree of dissociation at various concentrations of the 

, qi * f\ fn uW 


the electrolyte at that concentration and Ao is the value at iiiiiniii: uuu* 
tion. As already seen (p 95), this is approdmatcly true for weak elec- 
trolytes, but it is more correct, for electrolj-tes of all types, to define a 
as A/A' where A' N t!ie conductance of 1 cquiv. of free ions at the wmc 
iotuc concentration as in the given solution It follows therefore, by 
substituting this value of a in equation (95), that 

A*C /tnni 
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Since A' for vanous concentrations can be obtained from conductance 
data and the Onsager equation, by one of the methods descnbed m 
Chap III, it IS possible to denve the dissociation, function k for the 
corresponding concentrations The results obtained for acetic acid in 
aqueous solution at 25° are given in Table XXXVIII, and the values of 


TABLE xxxnn i>ib60Cia.tion oowstant op acetic acid at 25 ® 


cXlO* 

1 A 

A 

. i 

1X10' 

KXW 

0 028014 

210 38 

39013 

0 5393 ; 

1768 

1752 

0 11135 

, 127 75 

389 79 

0^ ! 

1779 

1754 

0 21S44 

96 49 

38960 

02477 

1781 

1761 

102831 

1 4815 

38905 

01238 

1797 

1 1751 

241400 

3222 1 

3886S 

008290 j 

1809 

1750 

5 91153 

20 96 

388 10 

005401 ■ 

1823 

1749 

98421 

1 1637 ' 

38772 

004222 

1832 

1747 

20 000 

n 67 

38716 

002987 

1840 1 

1737 

52 303 

7 202 

38618 , 

001865 

1854 

1722 

119 441 

1 4760 1 

38518 1 

001236 

1.847 1 

1688 

230 786 

1 3 392 

384 26 

0008827 

1814 

1632 


log Ic are plotted against m Fig 56, the dotted line has the theoretical 
slope required by equation (99) It is clear that m the more dilute 
solutions tho experimental lesults axe m excellent agreement Viith theory, 



but at highei concentrations deviations become evident The same con- 
clusion IS reached from an examination of the last column m Table 

“Maclimes and Shedlovsky J Am Chem Soe, 54 , 1429 (1932), Maclnnes 
J franUin Inst , 225 661 (1938) 
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XXXVIII nluch gi^-es tk results for A demed from equation (99) 
using the theoretical value of il, i e , 0 51 The first figures arc wen to 
be virtually constant as is to be crpccted the mean lahic of A bemg 
1 752 X 10“* At mfimte dilution the acti\ ity coefficient factor is umtj 
and so the extrapolation of the dissociation Innctions k to infinite dilution 
should give the true dissociation constant A, the necessary extrapolation 
Ls earned out m Fig 56 from ivhich it la seen that the limiting \aluc of 
log it IS - d 75H so that A* is I 752 X 1(1“*, ns gi\ en abo\ e 

Similar results to those described for acet c acid m aqueous solution 
ha\e been recorded for other tveak acids m aqueous solution and al«o 
for several acids m meth>I alcohol*' In each case the plot of log I 
against ivas found to be a straight line for dilute solutions, the slope 
being m excellent agreement with that required by the Deb; c-JJOcic) 
limiting law The delations observed with relatively concentrated 
solutions, such as those shown in Fig 56, arc partlj due to the failure 
of the limiting law to apply under these conditions, and parti; to the 
change in the nature, c g , diclcctnc constant, of the medium resulting 
from the presence of appreciable amounts of an organic acid 


Strong Electrolytes— The arguments presented above are rcadl; 
applicable to weak electrolytes because the total concentration can lie 
quite appreciable before the ionic strength becomes large enough for the 
Debye Huckel limiting law to fail, for example, the results in Tabic 
XXXYIII extend up to a concentration of 02 n, but the lomc strength 
IS then about 001 IVith relatively strong olectrolytex, howcier, tho 
procedure can be used only for vciy dilute solutions In Uicsc circum 
stances it is preferable to return to equation (67), which should hold for 
all types of electrolytes of the general formula MA, and to employ activity 
coefficients obtained b; d rect cxpcnmcntfll measurement, instead of the 
V alues calculated from the Debye IlQckel equations The product/M /a 
in equation (97) may be repfacerf by the square of the mean activ tj 
coefficient of the electrolyte i c , by^, in accordance with the definition 
of equation (30), it /oJiows, therefore, that equation (100) may be modi 
fied so as to give 


A « 


A'(A' - A) 


A 


( 101 ) 


The accuracy of this equation ha." bwn confirmed for a number of salt^ 
generally regarded as strong electrolytes, M the data in Table XXXI\ 
serve to show ** It is evident from these results that the law of mass 
action holds for strong, as well for weak electrolytes, provided it 
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applied m the correct manner The view exprte«ed at one time that the 
law of mass action was not apphcable to stroi^ electrolytes was partly 
due to the employment of the Arrhenius method of calculatmg the degree 
of dissociation, and partly to the failure to make allowance for deviations 
from ideal behavior 


TABLE XXXIX APPLICATION OP LAW OP MASH ACTION TO STHONG ELECTB0LTTE8 


Salt 

c 

A/A 

i± 

K 

KNO, 

001 

0994 

0916 

140 


002 

0 989 

0878 

138 


005 

097a 

0^6 

132 


010 

0 961 

0732 

137 

AgNOi 

001 

0993 

0902 

no 


002 

0989 

0 857 

131 


OOo 

0 973 

0 783 

112 


010 

0 957 

0723 

123 


0 50 

0883 

0526 

118 


Intermediate and Weak Electrolytes— The calculation of the degree 
of dissociation by the methods given m Chap III presuppose the availa^ 
bihty of suitable conductance data for elecliolytes which are virtually 
completely dissociated at the appropriate concentrations There is gen- 
erallj no difficulty concerning this matter if the solvent is water, but for 
non-aqueous media, especially those of low dielectric constant, the pro- 
portion of undissoeiated molecules may be quite large even at small 
concentrations, and no direct method is available whereby the quantity 
h' can be evaluated from conductance data Tor solvents of tins type 
the following method, which can be used for any systems behavmg as 
weak or intermediate electeolytes, may be employed*^ The Onsager 
equation for incompletely dissociated electrolytes can be written {cf 
p 95) as 

A' - Ao - (A -V 

_ ^ ^ nno’) 

A' A* — (A + 


If a variable x is defined by 

{A -f- BAo)V^ 
A? ' 


equation (102) becomes 


^ 

“"AJi'fir)’ 


(103) 


(104) 


Fuoss and Kraui J A.m Chm Sw, SS,47fi (1933), Fuoss tbid,57 488 (1935), 
Trm Fmday Soc 32, 594 (1^6) 
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where F{i) IS a function of i represented by the conUnued fraclioo 
F[x) = 1 - r([ - t(i ^ i(i _ ) 

= 4cos’Jcos-‘(-|irS) 

Values of this function have been notfced out and tabulated tm values 
of I from zero to 0 209 in order to facilitate the calculations desmbed 
below 

Tabflg Jbe ajta'jtj' tfiMjfficKeni of ike tinii(Ssocia(ecf IntI^ecu^e^ aa 
usual, to be equal to unity, and replacing /u*A by/i, where ^ is the 
mean activity coefficient, equation (04) becomes 


1- a 

^ = (105) 

and if the value of a given by equation (104) is inserted, the result is 



which on multiplying out and rearranging gives 

1 A4,i 

A AA# Fix) Ao 


(106) 


It 18 seen from equation (106) that the plot of f (i)/A against ^cJi!F{s) 
should be a straight I no, the slope being equal to l/A’A* and the inter 
cept, for mfinite dilution, givmg 1/A« In this manner it should be 
possible to determine both the diiociation constant K of the electrolyte 
and the equivalent conductance at infinite dilution (Ao) m one operation 
Jn order iP obtem the reqwerfe plot, an apprminjat^ esUmte of 
IS first made by extrapolating the expenmental data of A against Vc, and 
from this a tentative result for x is denved by means of equation (lOS), 
since the Onsager constants A and 5 are presumably known (see Table 
XXIII) In this way a preliininaiy value of F[x) is obtained which is 
employed m equation (106) the activity coefficients required are calcu* 
lated from the Debye-Huckel limiting law equation (98), u?ing the value 
of a given by equation (104) from the tough estimates of An and F{x) 
The results are then plotted as required by equation (IOC), and the 
datum for Ao eo obtained may be employed to calculate Fix) and or more 
accurately, the plot whereby Ao and K are obtained may now be re- 
peated The final results are apparently not greatly affected by a small 
error m the provisional value ^ At and ao it is not often necessary to 
repeat the calculations With Ao known accurately, it is posnWe to 
determrne the degree of dissociation at any concentration, if required, 
by means of equations (103) and (104), and the tabulated values of F(x) 
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The work of Fuoss and Kiaus and their collaborators and of othens 
has shown that equation (106) is obeyed m a satisfactoiy manner by a 
number of electrolytes, both ^ts and amds, m soUents of hw dielectnc 
constant The results of plotting the values of F{x)lA against Acfl.lF{x) 
for solutions of tetramethyl- mid tetrabutyl-ammonium picrates m 
ethylene chloride are shown in Fig 57, the intercepts are 0 013549 and 
0 17421, and the slopes of the straight lines are 5 638 and 1 3337, re- 



Fig 67 Salts in media of low dielectric conslant (Fiioss and Knms) 

spectivcly It follows, therefore, that for tctramethylammomum picrate 
A" is 0 3256 X 10"^ and Ao is 78 81 ohms-i cm ^ n hereas the correspond- 
ing values for tetrabntylarniftomum picrate are 2 276 X 1Q~‘ and 57 40 
ohms“^ cm respectively 

Isolubihty Eqmlibna : (The Solobihty Product Principle.~It was seen 
on page 133 that the chemical potential of a solidus constant aT a definite 
temperature and pressure, consequently, when a solution is saturated 
nith a given salt the chemical potential of the latter m the solu- 
tion must also be constant, smee the cheimcai potential of any substance 
present m tno phases at equilibrium must be the same in each phase 
It IS immaterial whether ibis conclusion is applied to the undissoeiated 
molecules of the salt or to the ions, for the chemical potential is given by 

Kwis Fuossc^aZ TVaws Forado^Soc 31 , 749 (1935), 32, 594 (1936), / An 
Ckem Soc , 58, 255 (1936), 61, 294 (1939), 62, 506, 2237 (1940), Owen and Waters, 
ibid 60 2371 (1938), see also, Macbmes, “The Pnnciples of Electrocheimstiy, ’ 1939, 
Cliap 19 
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either side of equation (20), thus, taking the left hand side, it follons that 
+ ifr la 14 ) + n-Oil + flr in 0 .) = constant, 

. 1 + In oi + ii_ In a_ = constant, 

aVa!: = constant (K.), (107) 

at a specified temperature and pressure The constant K, as defined by 
equation (107) is the activity solubility product, and this equitim cr- 
presses the solubility product principle, first enunciated in a less etact 
manner by Nemat (1889) If the aetiui} of fin ion is irntJen as the 
product of its concentration, in moles (g -ions) per liter, and the corre- 
sponding activity coefficient, equation (107) becomes 

cX'X/?/- =A'., (108) 

and introducing the definition of the mean activity coefficient of the 
electrolyte it follmvs that 

c^cl'XA^A',. (109) 

where v is equal to v^. -f p.. If the ionic strength of the medium is Jew, 
the activity coefficient is approximately unity and equation (109) reduces 
to the approximate form 

c+Vi: = l„ (110) 

in which the solubility product principle is frequently employed 
The significance of the solubihty product principle is that when a 
solution is saturated with a given salt the product of the activities, or 
approximately the concentrations, of its constituent ions must be con* 
stant, irrespective of the nature of the other electrolytes present in the 
solution. If the latter contains aa excess of one or other of Uie ions of 
the saturating salt, this must be taken into consideration in the activity 
product Consider, for example, asolution saturated with silver chloride' 
then according to the solubility product principle, 

** ( 1 ^ 1 ) 

or, approximately, 

Cai^Cci' ** k,(Ajcn* 

If the solution which is being saturated with silver chloride already con- 
tains one of the ions of this salt, e g , the chloride ion, then the term 
flci will represent the total activity of the chloride ion in the solution, 
since this is greater than that m a solution containing no excess of chloride 
ion, the value of Oxg" required according to equation (111) will be less m 
the former case In its simplest tenns, based on equation (112), the 
conclusion is that the silver m concentration in a saturated solution of 
Sliver chloride containing an excess of chlonde ions, eg, due io^ the 
presence of potassium chlonde in the solution, will be less than in a 
solution in pure water. Since the silver chloride m solution may be 
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regarded as completely lomzed, the silver ion concentration is a measure 
of the solubility of the salt, it follows, iiierefore, that silver chloride is 
less soluble in the presence of excess of chlonde ions than m pure water 
In general, if there is no formation of complex ions to disturb the equi- 
librium (cf p 172), the solubilily of any salt JS less m a solution con- 
tammg a common ion than in water alone, tbs fact finds frequent 
apphcation in analytical chemistry 

Solubility m the Presence of a Common Ion —If So is the solubihty 
of any sparmgly soluble salt m moles per liter m pure water, then 
if the solution is sufficiently dilute for dissociation to be complete, c+ is 
equal to j'+.S'o and c- is equal to yJSo, hence according to equation (109) 

K, = {i'+so)’’+(j'_So)''- X r± 

- (US) 

In the simple case of a uni-univalent sparingly soluble salt, tbs be- 
comes 

K, = Slfl (114) 

These equations relate the solubility product to the solubihty m pure 
water and the activity coefficient m the saturated solution, for practical 
purposes it is convenient to take the activity coefficient to be approxi- 
mately unity, since the solutions are very dilute, so that equation (114) 
can be written 

k = Si 

Foi a uni univalent salt the saturation solubihty m pure water is thus 
equal to the square-root of its solubility product, alternatively, it may be 
stated that the solubility product is equal to tlie square of the solubility 
in water The solubility of silver chlonde m water at 25® is 1 SO X I0“® 
mole per hter, the solubihty product is consequently 1 69 X 10 

Suppose the addition of x moles per liter of a completely dissociated 
salt containing a common ion, e g , the amon, reduces the solubility of 
the sparingly soluble salt from So to S, for simphcity all the ions present 
may be assumed to be univalent The concentrations of cations m the 
solution, resulting from the complete dissociation of the spanngly soluble 
salt, is S, while that of the amons is S -h a:, it follows, therefore, by the 
approximate solubility pioduct prmciple that 

S{S + x) = k. = ^o, 

5 = - 2® + Vli* + 5o (115) 

Using this equation, or forms modified to allow for the valences of the 
ions which may differ from unity, it is possible to calculate the solubihty 
(»S) of a sparingly soluble salt m lie presence of a known amount (x) of 
a common ion, provided the solubihty m pure water (So) is known An 
illustration of the apphcation of equation (115) is provided by the results 
m Table XL for the solubility of silver mtnte m the presence of silver 



172 


FREE ENERGY AND ACTIVITY 


nitrate (I), on the one hand, and of potamm nitrite (II) on the other 
hand, the calculated values are given m the last column » The agree- 
ment betiveen the observed and calculated results in these dilute mIu 


TABLE XL SOLOTTLITT OF BILTER WTRITE W THE FRESE'fCE OF COMMOV IO\ 


i s 


moles/litef 

I 

II 

0000 

00269 

00269 

000258 

00260 

00259 

0005S8 

00244 

00249 

001177 

00224 

00232 


s 

Calculated 
(Di)269»,S.) 
00250 
0 0247 
00227 


tions IS Been to be good, perhips better than T\ould be expected m view 
o! thd negket of activity eoefSemts m the presence of /arger amounts of 
added electrolytes, howe\er, deviations do occur Much expenmental 
work has been earned out with the object of verifying the solubility 
product principle in its approximate form, and the general conclusion 
reached is that it is satisfactory provided the total concentrat on of the 
sointion is small, at higher conoentratiofls discrepancies arc observed, 
especially if ions of high valence are present It was found, for example, 
that m the presence of lanthanum nitrate the solubility of the lodate 
decreases at first, m agreement mth expectation, but as the concentration 
of the former salt is increased, the solubility of the lanthanum lodate 
instead of decreasing steadily, passes through a mirumum and then 
increases Such deviations from the expected behsMor are, of course, 
due to neglect of the activity coefficients in the application of the simple 
solubility product principle, the effect of this neglect becomes more 
evident with increasing concentration, especially if the solution contains 
ions of high \ alence It is evident from the Debj e Huckel limiting law 
equation that the departure of the activity coefficients from unity is most 
marked with jons of high valence because the square of the valence 
appears not only in the factor preceding the square-root of the ionic 
strength but also in the ionic strength itself The more exact treatment 
of solubility, taking the activity coefficients into consideration, is given 
later 

Formation of Complex lons'-In certain cases the solubility of a 
sparingly soluble salt is greatly increased, instead of being decreased, 
by the addition of a common ion , a familiar illustration of this behavior is 
provided by the high solubility of silver ejanide in a solution of cyan de 
ions Similarly, mercunc iodide is soluble m the presence of excess of 
iodide ions and aluminum hydroxide dissolves m solutions of alkali 
hydroxides In cases of this kind it is readily shown by transference 
measurements that the silver, mercuiy or other cation is actually present 
m the solution in the form of a complexion The solubility of a Bpanngiy 
soluble salt can be increased by the addition of any substance, whether it 

s Cteighlon and ITanl J Am ChtM See, 37, 2333 (1915) 
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coatajns a common ion ot not, which is able to remove the simple ions 
in the form of complex ions For ejiample if either cyanide ion or am- 
monia IS added to a slightly soluble ^ver compound, such as silver 
chloride, the silver ions are converted into the complex ions Ag(CN )2 or 
Ag(NHs)t, respectively In either case the <%ncentrstion of free silver 
ions IS reduced and the product of tiie concentrations (activities) of the 
siller and chloride ions falls below the solubihtj product value more 
silver chloride dissolves, therefore, in order to restore the condition 
requisite foi a saturated sdutioo If sufficient complex forming mstenaJ 
is present the ^emo^aI of the silver ions wiU continue until the whole of 
the silver chloride has dissolved 

Although by far the lai^st proportion of the silver in a complex 
cyanide solution is present in the form of argentocyanide ions, Ag(CN)r, 
there is reason for believing that a small concentration of simple silver 
ions IS also present, the addition of hjdrogea sulfide, for example, causes 
the precipitation of silver sulfide which has a very low solubility product 
It IS probable, therefore, that an equihbnuro of the type 

Ag(CN}2-?iAg^ + 2CN- 

exists between complex and free ions m an argentocyamde solution and 
similar equilibria are established in otliei instances. For the general 
case of a complex ion M,A* the equilibnum is 

— yM'*' + r A", 

and application of the Ian of mass aettoa gives 


K. 


Qfi a;- 


or, using concentrations m place of activities, 


(Ua) 




<u< 

Cm^* 


m 


The constant K, (or Q is called the mstabihly constant of the complex 
ion , it IS apparent that the greatei ite value ttie peater the tendency of the 
complex to dissociate into siiopJe ions, and hence the ‘smaller its stability 
The leciprocal of tlie instability constant is sometimes encountered, 
it IS leferred to as the stabibty constant of the complex ion 

Determination of Instability Constant— Two methods have been 
mainly used for determining the lastabihly constants of complex ions, 
one involves the measurement of the e m v 's of suitable cells, which will 
be desenbed in Chap ITI, and the otdier depends on solubility studies 
The latter may be illustrated by reference to the gilver-ammoma (argent- 
ammme) complex lon If the formula of the complex is Agw(NH3)t, the 


"^See also Edmonds and Birabsuni J Atn Chem Sec, 62, 2367 (IM)), Laaford 
and Kielil, {bid , 63, 667 (1941) 
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instability constant, using concentrations as m equation (117) ig guen 
by 


Cx 


(118) 


where, for simplicity of representation, the concentration of the complex 
ion IS given by Cx If a solution of ammonia ig saturated with silver 
chloride, then by the solubility product principle, CAg*cci gives the 
solubility product k„ and hence cai* is equal to k./cci , for such a system 
equation (118) becomes 


<Si Cx 


(119) 


The concentration c of the silver salt in the ammonia solution may be 
regarded as consisting entirely of the complex ion, since the normal 
solubility of Sliver chlonde is very small, so that cx is virtually equal to c , 
the concentration of the chloride ion may be taken as me because of the 
reaction 

M AgCl + n NH, = Ag«(NH,)+ -f m Cl^, 
and so equation (119) may bewntten as 

kjCNa, 

= constant 


By means of this equation it is possible to evaluate n{(m + 1) from a 
number of measurements of the solubility (c) of silver chloride in solu- 
tions containing vanous concentrations (cnb,) of ammonia. 

In order to derive w it is necessary to dettirmne the BolubiHy of 
chlonde in ammonia in the presence of an excess of chlonde ions, equa- 
tion (119) then takes the form 

1. = ^ (120) 

CciC 

If m a senes of expenraents the concentration of ammonia (cnh,) w 
kept constant, while the amount of excess chlonde (cci ) vaned, equa- 
tion (120) becomes 

Cci c =3 constant, 

so that if the solubility c is measured, the value of m may be determined 
Alternatively, solubility measurements may be made m the presence of 
excess of silver ions, in this case cor is set equal to fci/cAi* m equation 
(119), and the subsequent treatment is similar to that given above 

* For data obta ned ifl an actual expenment see Problem 1 1 



6cun.icui, ui a Bpaimgij' suiuuie isaiii Can 06 aeiermmea in tne presence 
of other electrolytes by making use of the solubility product pnnciple ” 
In addition to the equations already given, this principle may be stated 
in still another form by mtroduemg the definition of the mean lomc con- 
centration, le , c±, vhich IS equal to c^cZ, into equation (109), this 
equation then becomes 

4A = (121) 

/± = — ( 122 ) 

The mean activity coefficient of a sparingly soluble salt m any solution 
could thus be evaluated pro\ided the solubility product {K,) and the 
niean concentration of the 
ions of the salt m the given ®® 2 (i 
solution were known In or- 
der to calculate K, the value of 
c± IS determmed m solutions 
of different ionic strengths and 
the results are then extrapo- 
Jated to infinite dilution, un- o 
dor the latter conditions f± 

IS, of course, unity and hence 
Kl‘’ IS equal to the extrapo- 
lated value of c± J 

The method of calculation 
will be described with refer- 
ence to thallous chlonde, the Vf 

solubility of which has been f,o sg Eictrapolation of solubility data for 
measured m the presence of thallous chlonde 

^ arious amounts of other elec- 
trolytes, "With and without an ion m common with the saturating salt 
By plotting the values of for the thalLum and chlonde ions m solutions 
of different lomc strengths and extrapolatmg to zero, it is found that 
K^’, which in this case is equal to is 0 01428 at 25° (Fig 58) 
It follows, therefore, from equation (122) that the mean activity coeffi 
cient of thallous chlonde in any saturated solution is given by 


001428 



If the added electrolyte present contams neither tliallous nor chlonde 

” Lewis and Randall / Am Chem Soe 43 1112 (1921), see also Blagden and 
Davies J Chm Soc 949 (1930), Davies, i!«d,2410 2421 (1930), MacDougall and 
Hoffman J Phys Ch$m, 40 317 (1936), Pearce and Oelke, 42, 95 (1938), 
Kolthoff and Lingane, tW , 42, 133 (1938) 
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ions, the mean ionic concentration ii merely the same as the molar con 
centration of the thallous chlonde m the saturated solution for then 
cti* and cci are both equal to the concentration of the salt When 
another thallous salt or a chlonde is present, however, appropnate 
allowance must be made for the ions introduced m this manner For 
example, m a solution containing 0 025 mole of thallous sulfate per liter, 
the saturation solubility of thallous chlonde is 0 00677 mole per liter at 
25’, assuming both thallium salts to be completely dissociated at this 
low concentration, the total concentration of thallous ions is 2 X 0 025 
4 * 0 00677 , 1 e , 0 05677 g -ion per liter The chlonde ion concentration 
18 0 00677, and so the mean ionic concentration is (0 05677 X 0 00677) 

1 e , 0 01961, the mean activity coefficient is then 0 01428/001961, that is 
0 728 The ionic strengtli of the solution is 

V = X 1*) + (cci X V) + (Cso ' X 20] 

* 5(005677 + 000677 + 010) 

^ 00817 , 

so that the mean activity coefficient of a saturated solution of thallous 
chlonde m the presence of thallous sulfate at a total ionic strength of 
0 0817 IS 0 728 at 25’ 

The activity coefficients of thallous chlonde at 25’, obtained m the 
manner desenbed above, m the presence of a number of salts are given in 
Table XLI the data are recorded for solutions of vanous (total) itmic 

TASLE ILl ACriVlTT COEFTlCrcKTS OF THAUOC8 CHLORIDE IN THE PRESENCE OP 
VABI008 ELeemOtTTES AT 22^ 


V 

KNO, 

KCI 

Added Elertrolj-tc 

m 

TINO, 

TIsSO, 

002 

0872 

0 871 

0871 

0 869 

0885 

OOo 

0809 

0797 

0798 

0784 

0726 

010 

0742 

0715 

0718 

06S6 

0543 

020 

0 675 

0613 

0630 

0546 

— 


strengths It is seen that at low ionic strengths the activity coefficient 
of the thallous chloride at a given ionic strength is almost independent of 
the nature of the added electrolyte, it has been claimed that if allowance 
IS made for incorapletB dissociation of the latter this independence per 
sists to much higher concentrations 

Solubihty and the Debye-Huckel Theory —The activity coefficients 
determined by the solubility method apply only to saturated solutions 
of the given salt in media of different ionic strengths, although their 
value is therefore limited, m many respects, they are of considerable 
interest as providing a means of testing the validity of the Debye-Huckel 
theory of electrolytes It will be seen from equation (113), if the saturat- 
ing salt can be assumed to be completely dissociated, that the product 
Sf±, where S is the solubility of the given salt in a solution not contaimng 
an ion m common with it, must be corstant It follows, therefore, that 
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if So IS the solubility of the salt m pure water and S the i alue in the 
presence of another electrolyte Tvhich has no ion in common m ith the 
salt, and/o and / are the corresponding mean actmtj coefficients, then 

/o^5 

/ S,’ 

, S , 

log^ = log/o-Iog/ 

Introducmg the values of / and/o as given by the Debje-Huckel limitmg 
law equation (M), it follows that 


= ^o), 


(123) 


vhere vt and y are the ionic strengths of the solutions containmg the 
sparingly soluble salt only and that to which other electrol 3 ^es have been 
added, respeotn ely Since yo is a constant for a gii en saturating salt, 
it follov s that the plot of log 5/5# against should be a straight hne of 
slope Az+z^ where 2 + and z- are the \aiences of the two ions of the 
sparingly soluble substance The constant A for water at 25® is 0 509, 
and so the linear slope m aqueous solutions should be 0 509 s+s-”! 

Foi the puipose of \ enfying the conclusions den\ ed from theTJebye- 
Huckcl theory it is necessary to employ salts a inch are sufficiently soluble 
for their concentrations to be determined with accuracy, but not so 
soluble that the resulting solutions are too concentrated for the lunitmg 
law for activity coefficients to be appbeabie A number of lodates, e g , 
silver, thallous and barium lodates, and especially certain complex eobalt- 
ammines have been found to be particularly useful in this connection 
The results, m general, are m very good agreement with the requirements 
of equation (123) The solubility measurements i\ith the folloivmg 
four cobaltammines of different ^ alence types, m the presence of such 
salts as sodium chlonde, potassium mtrate, magnesium sulfate, banum 


Valence 


Salt Tj-pe 

7 [Co(NH,h(NO.KCNS)3[Co(NHO.CsOO>(C^O] 1 1 

n [Co(NH,) 4 (OOd>S‘ 0 » 1 2 

ni [Co(NH06][Co(KH,)(KO)(CO4)J 3 1 

IV [Co(NH,)e][I'e(CN).] 3 3 


Theoretical 
Slope 
0 509 
J018 
1527 
4 581 


chloride and potassium cobaltic}aiiide, are of particular interest * 
The values of log SI So are plotted against the square-root of the ionic 
strength in Fig 59 , the experimental data are shown by the points and 
the theoretical slopes are indicated by the full lines m each case In 
certain cases the agreement with theory is not as good as depicted m 

“Brpnsted and LaMer, J Am Chem Soc,i6 555 (1924), LaMer Kang and 
Mason ibid 49, 363 (1927) 
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ion? the mean ionic concentration ig merely the same as the molar con 
centration of the thallous chloride in the saturated solution, for then 
Cxi* and cci are both equal to the concentration of the salt When 
another thallous salt or a chlonde is present however appropriate 
allowance must be made for the ions introduced m this manner For 
example, m a solution containing 0 025 mole of thallous sulfate per liter 
the saturation solubility of thallous chlonde is 0 00677 mole per liter at 
25“ , assuming both thallium salts to be completely dissociated at this 
low concentration, the total concentration of thallous ions is 2 X 0 025 
+ 0 00677 , 1 e , 0 05677 g -ion per liter The chlonde ion concentration 
IS 0 00077, and so the mean lomc concentration is (0 05677 X 0 00077)* 

1 e , 0 01961 , the mean activity coefficient is then 0 01428/0 01961, that is 
0 728 Tho ionic strength of the solution is 

I* = S[Ccti* X 1*) + (cci X F) + (csO( X 2^)] 

= K0 05077 + 000677 + 010) 

= 0 0317, 

so that the mean activity coefficient of a saturated solution of thallous 
chlonde in the presence of thallous sulfate at a total lomc strength of 
00817 IS 0728 at 25“ 

Tho activity coefficients of thallous chlonde at 25“, obtained m the 
manner described above in the presence of a number of salts are given in 
Table \LI, the data are recorded for solutions of various (total) lomc 

TABLE XLI ACrrVlTT COEmCIEVTS OF THALIOCB CHLORIDE IN THE PRESENCE OP 
TARlOCa El^ltOLTSES AT 25* 


V 

KNO, 

KD 

Added Electrolyte 

nci 

'IINO, 

U50* 

002 

0 872 

0871 

0871 

0869 

0 885 

005 

0809 

0797 

0798 

0784 

0 726 

aw 

am 

aru 

aua 

0656 

awa 

020 

0076 

0613 

0630 

0546 

— 


strengths It is seen that at low lomc strengths the activit} coefficient 
of the thallous chlonde at a given ionic strength is almost independent of 
the nature of the added electrolyte, it has been claimed that if allowance 
IS made for incomplete dissociation of the latter this independence per 
SLsts to much higher concentrations 

Solubihty and the Debye-Hucke! Theory— The activity coefficients 
determined by the solubihty method apply only to saturated solutions 
of the given salt in media of different ionic strengths, although their 
value IS therefore limited, m many respects they are of considerable 
interest as providing a means of testing the valid ty of the Debye-Huckel 
theory of electrolytes It will be seen fiom equation (113), if the saturat 
ing salt can be assumed to be completely dissociated that the product 
Sf±, where 5 is the solubility of the given salt m a solution not contaimng 
an ion m common with it, must be constant It follows, therefore, that 
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if So IS the sotubihtj of the salt m pure -water and S the alue jh the 
presence of another electrolyte which has no ion m common with the 
salt, and/o and / are the corresponding mean activity coefBcient', then 

f s; 

~ log/o - log/ 

Introducing the i alues of/ and/o, as gnen the Debye-Huckel limiting 
law equation (54), it follows that 


log^ = - 4 ^ 3 ), 


(123) 


where po and p are the ionic strengths of the solutions contaming the 
sparmglj'' soluble salt only and that to which other electrolytes ha^ e been 
added, respectively Since uo is a constant for a given saturating salt, 
it follows that the plot of log SjSo against should be a straight bne of 
slope Azxz^, where and 2 . are the lalences of the two 10 ns of the 
sparingly soluble substance The constant A for water at 25" is 0 509, 
and so the linear slope in aqueous solutions should be 0 509 z^zS~\ 

For the purpose of \enfvmg the conclusions derived from theUebye- 
Huckel theory it IS necessary to employ salts which are sufficiently soluble 
for their concentrations to be detennioed with accuracy, but not so 
soluble that the resulting solutions are loo concentrated for the limiting 
law for actmty coefficients to be applicable A number of lodates, e g , 
silver, thallous and banum lodates, and especially certam complex cobalt- 
ammmes have been found to be particularly useful m this connection 
The results, m general, are in very' good agreement with the requirements 
(}2^} 7b^ soiabihiy z^assas&mxots wfb the /rdlowii^ 
four cobaltammmes of different lalence types, m the preaence of such 
salts as sodium chloride, potassium nitrate, magnesium sulfate, banum 


Salt 


\ a!ence Theoretical 

Tj^pe Slope 


T [GoaVHjl^fbOOCCNStJCOGSaiCNO-KCiOdj 1 1 

n [Co(XH,)^(aoo]!S.o» 1 2 

nr [Co(nh,),][Co(M[,)(no)(g.04)J 3 1 

IV [Co(i\H,)a]iTe(CN)53 3 3 


0509 
1018 
1527 
4 581 


chionde and potassium cobalticvamde, are of particular mteresf® 
The values of log SjS^ are plotted against the square-root of the ionic 
strength in Fig 59 , the expemnental data are shown by the points and 
the theoretical slopes are indicated by the full bnes m each case In 
certain cases the agreement with theory is not as good as depicted m 

“Brj^nsted and LaMer, J Am Chetn Soe , 46, 555 (1024), LaMcr, King and 
Mason, ibid 49, 363 (1927) 
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Fig 59; this is particularly true if both the saturating salt and the 
added electrolyte are of high valence t 3 TK *8 ” The deviations arc often 
due to incomplete dissociation, and also to the approximations made in 
the denvation of the Debye-Huckel equations, as already seen, both 
these factors become of importance with ions of high vaience 



Fia 50 Dcpcsideace of «o{«Wity on wmc etrength (LaWer, d cl ) 


The factor A m equation (123) is proportional to 1/(737’)*, as shown 
on page 150; hence, a further test of this equation is to determine the 
slope of the plot of log S/St against Vji from solubility data at different 
temperatures and in media of different dielectric constants Such 
measurements have been made in natcr at 75* (Z) = 63 7) in mixtures 
of water and ethyl alcohol (Z3 = 338to78 6), in methyl alcohol (7) = 30), 
m acetone (73 = 21), and in ethylene chlonde (73 = 10 4) The results 
have been found m all cases to be m very fair agreement with the rC’ 
quirements of the Dobye-Htickel limiting law, as may bo expected, ap- 
preciable discrepancies occur when the saturating salt is of a high valence 
type, especially In the presence of added ions of high valence 

» UMer ond Cook, J Am Chtm See . 51, 2622 (1929), UMer and Goldman, 
ibid , 51, 2622 (1929), Neuman, M , 54 2195 (1933) , 

"Baxter. J Am Cktm Soe,4S,62G (1926), Williams M 51 1112 (1929), 
Hansen and Williams thuJ, 52, 2759 (1930), Scholl, Ifutehison and Chaadke, ibtd, 
55, 3081 (1933), Seward, ibid , Sfi, 2610 (l 9 M),see, however, Anhom and Hunt, J Plitis 
Ckm, iS, 351 (1941) 
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Thermal Properties of Strong Electrolytes —According to equation 
(42) the free energj of an lome solution may be expressed m the form 

G = Gq-\- ffel 


and application of the Gibbs Helmholtz equation (cf p 194)gi\es 

+ (124) 

uhere H is the heat content of a solution of an electrolyte at an appre 
ciable concentration At mfinite dilution the quantity m the second 
brackets on the right-hand side is zero, smce the electncal contnbution 
to the free energj is then zero, the heat content of the solution under these 
conditions is consequently equal to the quantitj in the firet brackets 
It follows, therefore, that the mcrease of heat content accompanjing the 
dilution of a solution of an electrolyte from a concentration c to infinite 
dilution, 1 e , tvhich is the corresponding mtegral heat of dilution, 
IS given by 

-Afr„. = e., (i25) 

Utihzing the ^alue of Gt \ , equal to F - Fo given by equation (41), 
and remembenng that k ln^ olves it is found that 


f dD T dY\ 
AHc^a S ar'^37 df)’ 


where 7 is the ^ olume of the system, dDJdT and dVjdT refer to constant 
pressure Smce the heat of dilution is generallj recorded for a mole of 
electrolyte, it follons that A^ is equal to Nvt nhere N is the Avogadro 
number and r, is the number of ions of the tth kind produced by the ion 
ization of a molecule of electrolyte The expr^sion SiV.zf m equation 
mav therefore be replaced by N2v,zjj, and the result is 


AHc^O — 


NeK 

2D 


Xp/tf{T,D,7), 


( 127 ) 


where f{T, D, TO is the function included m the parentheses m equa- 
tion (126) 

The concentration c, of any lomc species is equal to i-iC, vhere c is 
the concentration of the electroljtc m moles per hter, hence, the lomc 
strength may be written m an alternative form, thus 

y = §2c.^ = IcSp.Zt 


It follows, therefore using equation (51) to define k, that 


AE^o = 


Di(RT)n000i 
5 91 X 10® 
Dm 


D, 7) 

(2f.zJ)* s^fiT, D, 7) cal per mole 
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For water at 25” this can be vntten as 

AHwP = 503(Sir,2()l D, 7) cal per mole (128) 

The temperature coefficient of the dielectric constant of water is not 
blown with great accuracy, but utihamg the best data to evaluate 
/(r, D, V), equation (128) becomes, approximately, 

= - 175(Xe,r?)l at, 

and for a urn univalent electrolyte at 25°, i e r+ = r_ = 1, and 

><+ = !<- = 1 , 

~ 495 Vc cal per mole 

It ig seen from these equations tliat there should be a mgatne in- 
crease of heat content when an electrolyte solution is diluted, m other 
words, the theory of intenonic attraction requires that heat should be 
mlved when a solution of an electrolyte is diluted “ Further, the in- 
tegral heat of ddution should be proportional to the square-root of the 
concentration, the slope of the plot of against Vc should be about 
-500 /or an aqueous solution of a uni univalent electrolyte at 25® It 
roust bo emphasized that the foregoing treatment presupposes a dilute 
solution, and m fact the slope mentioned should bo the limiting value 
1 1 * -r. * ji * •‘"♦n T^AOMjrements of 

! work of the 

ement with 

theoretical expectation The integral heat of dilution is actually nega- 
tive /or dilute solutions, but at appreciable concentrations it becomes 
positive, so that heat is then absorbed when the solution is diluted 

The limiting slope of the plot of against has been found to be 
approximately -SOO for a number of um-univalent electrolytes, the 
larger the effective size of the ion m solution, the closer the agreement 
between experiment and the requirements of the mtenomc attraction 
theory By making allowance for the effective ionic diameter, either 
by the Debye-Hflckel method or by utilizing the treatment of Gronn’all, 
LaMer and Sandved, fairly good agnjement is obtained at appreciable 
f oncentrations** 

According to equation (128) the bmiting slope of the plot of A//„ii 
against Vc for different electrolytes should \ ary in proportion to the 
factor (S»-,4)’; the results obtained with a number of uni bivalent and 

uBieiTum Z pht/ttk Chm JW, 145 (1926), Gatty Phil Mig » 1052(1931) 
18 46 (1954), Scatebard / Am ChenuSoc 53 2037 (1931), Falkenhageo Electro- 
lytes” (translated by Bell) 1934 ,-,1 d a so 

”For summanes witb references see lange and Robinson Cwm rteiJ v 
*f » j rhfm Nflc 29 
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bi univalent eIectro! 3 ftes are m harmony with this requirement of theory 
In spite of the general agreanent, the expenmental data for mtegral 
heats of dilution, especially m non-aqueous solutions, show some dis- 
crepancies from the behavior postulated bj the mtenonic attraction 
theoiy It should be noted, however, that heat of dilution measure- 
ments provide an exceptionally stni^nt test of the theory, and the 
influence of such factors as ionic size, incomplete dissociation and ion- 
solvent interaction will produce relatively larger effects than is the case 
with activity coefficients 

PfiOBLEMS 

1 The density of a 0 1 l solution of KI m ethjl alcohol at 17“ is 0 8014 
nhile that of the pure solvent is 0 7919 calculate the ratio of the three activity 
coefficients, fs and fm m the solution 

2 Compare the molahties and ionic strengths of um-uni, uni-bi, bi-bi and 
uni-tervalent electrolytes m sdutions of molality m 

3 Use the values of the Debye Hnckel constants A and B at 25®, given in 

• XXV, to plot - log for a uni univalent electrolyte against Vy for 
engths 0 01, 0 1, 0 5 and 1 0, assuming m turn that the mean distance 
acb of tlie ions a is either zero, or 1, 2, 4 and SA Investigate, quali- 
tatively, the effect of increasii^ the valence of the ions 

4 Evaluate the Debye Huckel constants A and B for ethyl alcohol at 
25", tabng the dielectric constant to be 24 3 

5 TJtihze the results of the precedmg problem together v th the known 
values of A and B for water, to calculate approsraate activity coefficients for 
UDi-uni, uni bi and bi bivalent electrolytes in water and in ethyl alcohol, at 
ionic strengths 0 1 and 0 01, at 25“ “Hie mean lomc diameter may be taken 
as SA in each case 

6 The following values for the mean activity coefficients of potassium 
chloride i\ere obtained by Maclnnes and Shedlovsky [J 4m Chm Soc , 59, 
603 (1937)] 


c 

/ 

c 

/ 

0005 

09274 

0 04 

08320 

001 

0 9024 

0 06 

08070 

002 

0 8702 

008 

0 7872 

003 

0 8492 

010 

07718 


Plot -N^/log/ against Vy and determine the value of a which is m satisfactor} 
agreement with these data 

7 Kolthoff and Lingane [/ Phys Chen, 42, 133 (1938)] determined the 
solubility of silver lodate in w ater and in the pnsence of various concentrations 
of potassium nitrate at 25® The sdability m pure water is 1 771 X 10 * 
mole per hter, and the following results were obtained in potassium nitrate 
solutions 


KJ.O, 

rnole/liter 
0 1301 X 10-* 
0 32o2 
06o03 


AglOj 

mc4e/llcr 

1823 X10^ 

1870 

1914 


KNO, 

mole/Iiter 

1410X10-* 

7050 

1998 


Agio, 

mole/liter 

1 m X 10-' 

2 301 
2G6o 
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Calculate the activity coefficients of the Bilver lodate in the \anous Bolutions, 
plot the values of - log / against how far the results agree with the 

Debye Huckel limiting law Determine the mean lontc diameter required to 
accou ' ' r I » 


in Pro 
the D 

tt crotonic acid 

9 Apply the method of Fuosa and Kraus, described on page 1G7, to ci alu 
ate Ao and K for hydrochloric acid in a dioxane water mixture containing 70 
per cent of the former, at 25* utihang the conductance data obtained by 
Ow'en and Waters [J Am Ckem Soc 60 2371 (1938)] 

A^XIO* 1 160 2 037 2420 2 888 3 919 

A 8914 85 20 8326 81 45 77 20 ohms'* cm > 


The dielectric constant of the solvent is 17 7 and its viscosity is 0 0192 poise 
The required values of the function F(x) will be found m the paper by Puoss, 
J Atn Chm Soc , 57 , 488 (1935) 

10 By means of the value of A obtained in the preceding problem^^B 
late the mean lomc diameter a of hydrochloric acid m the given 
For this purpose, use equation (79) and the tabulation of Q(b] given by fuoss 
and Kraus J Am Chm Soc 5S, 1019 (1933) 


trations (cnr*) s\ith the following results 

Cnh, OlOOd 02084 02947 04881 

5X10’ 5164 1U7 1 5 88 25 58 

In the presence of various concentrations (ckci) of potassium chloride, the 
solubility (5) of silver chloride in 0 75 molal ammon a was as follow's 

CKci 00102 00255 0 0511 

S 0 0439 00387 00333 

What IS the formula of the silver-ammonia ion? 
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REVERSIBLE CELLS 

Chemical Cells and Concentration Cells— A voltaic cell, or element, 
asjt IS sometimes called, consists essraitially of two electrodes combined 
in su^a maimer that when they are connected bj a conducting matenal, 
e gV a metallic wire, an electnc current inll Each electrode, m 
general, involves an eleetromc and an electroljdic conductor m contact 
(cf p 6), at the surface of separabon bet\ieen these two phases there 
ensts a pote|||al difference caffed the electrode potential If there are 
no other pot^ial differences m the cell, the e m f of the latter is taken 
as e^^|||the algelraic sum of the two electro de potentials , allowance 
for the direction of Hie potential difference when assessmg 
itsi^^^urmg the operation of a voltaic cell a chemical reaction takes 
place at each electrode, and it is the energy of these reactions which 
piovides the electncal energy of the cell In many cells there is an 
overall chemical reaction, when all the processes occurrmg within it are 
taken mto consideration, such a cell is referred to as a chemical cell^to 
distinguish it from a ^ oltaic element m which there is no resuliant chemi- 
cal change In the latter type of cell the reaction occurring at one 
electrode is exactly reiersed at the other, there may, ne\ertheless, be a 
net change of energy because of a difference m concentration of one or 
other of the reactants concerned at the two electrodes Such a source 
of E w F is called a concentration cell, and the electncal energy arises 
from the energy change accompanying the transfer of matenal from one 
concentration to another 

Ineversible and Reversible Cells —Apart from the differences men- 
tioned abo^e, ^ oltaic cells may, broadly speabrnglb e divided mto two 
ca tegones dependmg.on whether a chemical reaction takes place at either 
electrode even when there is no flow of current, or whether there is no 
reaction until the electrodes aie joined together by a conductor^ and 
current flows An ill ustration of the former type is the si m nle cell con _ 
sistmg of zinc and copp ^leetiodes immersed m d ilute sulfunc acid, inz , 

Zn I Dilute H«S04 1 Cu, 

the zinc electrode reacts with thejcid spontaneously, even if the re is n o 
pnssflfft nrmirrcnt Ccll Tof this type are alway^irrevejsihlejn the 
the nnoTvnam ic sense, thennodi^ai me re\ ersibilitv imnhcs a state o f 
CQUi^nura at e\ ery stage, and the occurrence ol a^ontane ous reaction 
at the electrodes show s that the~system is not m eqmhbnum ^ 
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In the Daniell cell, ho^e%er, which is made up of a zinc electrc 
zinc sulfate solution and a copper electrode m copper sulfate so 
tion, Viz , 

Zn I ZnSO^ soln CuSOj soln | Cu, 
the two solutions being usually separated by means of a porous partitii 
neither metal is attacked until the electrodes are connected and a cum 
13 allowed to flow The extent of the chemical reaction occurring 
such a cell is proportional to the quantity of electricity passing, m acco 
ance with the requirements of Faraday's laws Many, although i 
necessanly all, cells in this second category are, however, thcrmodyna 
ically reversible cells, a nd the test of reveisihilitv is as follo ws ■ 
cell under consideration is connected to an external source of e m f wh 
IS adjusted so as exactly to balance the e « T of the cell, i e , so that 
current flows, there should be no chemical change m tl^cell ^If 
external E m f is decreased by an infinitesimally small a*unt, curr 
will flow from the cell and a chemical change, proportional 
the quantity of electricity passing, should take 
hand^f the external e m f is increased by a small amount, 
should pass m the opposite direction and the cell reaction shouiu 
exactly reversed^* The DanicU cell, mentioned above, satisfies these 
quircments and it is consequently a reversible cell^ It should bo no 
that voltaic cells can only be expected to behave reversibly when 
currents passing are infinitesimally small and the system is alwa}a ' 
tually m equilibrium If la^e currents flow, concentration gradie 
arise on account of diffusion being relatively slow, and the cell can 
longer be regarded as being m a state of equilibrium 
Re ‘ ’ 

must 
knowi 
consis 

zinc sulfate solution In this category may be included hjdrog 
oxygen and halogen electrodes in contact with solutions of hydrog 
hydroxyl or the appropnate halide lon^, respectively, since the clcctr 
matenal in these latter cases is a non conductor, and often gaseous, fin 
divided platmum, or other unattackable metal, which comes rapidly i 
equilibnura with the hj drogeiu oxygen, etc , is employed for the purp 
of making electncal contact rEjectrode3_o fihe Jrst_k ind are reversi 
with respect to the ions of the electrode material, e g , metal, hj^g 
o^gen or halogen, the reaction occurring if the electrode matenal i 
metal M may be represented by 

the direction of the reaction depending on the direction of the flow 
current If the electrode is that of a non-metal, the correspond 
reactions are 

A + e^A" ^ 



RE\EBSIBLE ELECTRODES 


185 


With an oygen electrode, which is fheoreticalls’ reien.ible mth respect 
to nj aro\’yl ions, the reaction maj be written 

^iO. J-H.0-L2 i?±20H- 

Electrodes of the {second bud ’ miohe a metal, a spannglv soluble 
salt of this metal and a solution of a soluble salt of the same anion, 
a Tamiliar example is the sil\er-sil\er chlonde electrode consisting of 
silver, solid sili er chlonde and a solution of a soluble chlonde, such as 
h) drochlonc acid, viz , 

Ag I AgCI(s) HCI ‘!oIb 

These electrodes behave as if the) were reversible vuth respect to tie 
common anion, e g , the chlonde ion m the abm e electrode# The elec 
trode reaction mv oh es the pas'^age of the electrode metal into solution 
as ions and th%r combmation with the amons of the electroh^e to form 
the insoluble salt, or the reverse of these stages, thus, for the sih er silver 
chlonde electrode, * 

Ag{5) + 6, 

followed by 

Ag-^ + CI ?±AgCI(s), 

so that the net reaction, n ntmg it for conv enience m the reverse order, is 
AgCl(s) T Ag{s) + Cl- 3 

This IS vTTtually equivalent to the reaction at a chlonne gas electrode, 

VIZ, 

except that the silver chlonde can be regarded as the source of the 
chlonne In fact the silver silver chlonde electrode is thermodynam 
ically eqmvalent to a chlonne electrode with the chlonne at a pre'^sure 
equal to the dissociation pre‘=suie of the silver chlonde, into silver and 
chlorine, at tlie expenmental temperature Electrodes of the «econd 
kind are of great value m electrochemistrj because thej permit the read) 
establishment of an electrode reversible with lespect to anions, eg, 
sulfate, oxalate, etc , nhich could not be obtained m a direct manner 
Even where it is po'^sible, theoreticallj , to up the electrode directl}, 
as m the case of the halogens it is more convement, and advantageous 
in other wa} s, to emplo) an electee of the second kind* 

Occasionally electrodes of tbe'^wurd kind” are encountered, ^ these 
consist of a metal, one of its insoluble salts, another insoluble salt of the 
same amon, and a solution of a soluble salt having the same cation as the 
latter silt, c g , 

Pb 1 PbC^04(s} Ca&O (a) CaCl- soln 

* Cortea and Estermann Z Chem 134 228(1928), LeBlanc and Harnapp, 

ibtd 166A 321 (1933), Joseph J BvH Chem 130, 203 (1939) 
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In thia case the lead first dissolves to forrn lead ions, which comt 
with CjOf' ions to form insoluhle lead oxalate, thus 

Pb^±Pb++ + 2f 

and f -$ 

phi-+-^CtOr^nCtOiis). 

The removal of the oxalate long from the solution causes the calci 
oxalate to dissolve and ionize m order that its solubility product may 
maintained, thus ' 

' CaC,0*(s);:=Ca++ + C!On 

so that the net reaction is 

fb(j) + CaCjOiW ?±PbCA(s) + Ca++ + 2^ 

The ^stem thus behaves as an. e}ectrode reveraiblo uith Respect to c 
aum ions ^Thia result is of great interest since a reversible calcii 
electrode employing metalfic calcium is difficult to realize experimental 
Another type of reversible electrode involves an unattacksble met 
such as gold or ' ’ ’ ' ' ' ‘ 

ate oxidized an 
Sn'*'+++ and Sn 

acts as a conductor for making electnca! contact, just in the case oi 
gas electrode The reaction at an oxidatbD*reduction electrode of tl 
kind is either oxidation of the reduced state or reduction of the oxidiz 
state, e g , 

Sn++?iSn++++-h2«, 

depending on the direction of the current In order that it may hebi 
reversibly, the reaction being capable of occurring in cither direetia 
a reversible oxidation-reduction system must contain 6ot^ oxidized ac 
reduced states (It is important to point out that there is no essenh 
difference between an oxidation reduction electrode and one of the fir 
kind desenbed above, for example, in a system consisting of a metal I 
and its ions M+, the former is the reduced state and the latter the oxidize 
state Similarly the case of an anion electrode, e g , chlorine-chiond 
ions, the anion is the reduced state and the uncharged materia), e $ 
chlorine, is the oxidized state In all these instances the electrode procei 
may bo written in the general form 

^Reduced State ^ Oxidized State + nt, 

where n is the number of elections by which the oxidized and reduce 
states differ. It is a matter of convenience, however to treat separate!; 
electrodes involving oxidation-reduction systems in the specialized sm 
of the terms oxidation and reduction 

Direction of Current Flow and Sign of Reversible Cell.— The com 
bination of two reversible electrodes m a suitable manner will give { 
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^ jiiib e ceU, m this cel the leaction at one electrode is such that it 
pelds electrons nhile at the other electrode the reaction removes elec 
Irons The electrons aie earned from the former electrode to the latter 
b) the metallic conductor irhich connects them The ability to supply 
or remove electrons is possessed by^al! reversible electrodes, as is evident 
tom the discussion given above, the particular function iviiich is manliest 
at any time, i e , supplying or removing electrons, depends on the diree- 
tiOQ of the current flow, and this is determined by the nature of the two 
electrodes combined to form the cell The electrode Ag, AgCl(s) KCI 
sob , for example, acts as a remover of electrons whe n combmed with 
Zn, ZnS04 soln , but it is a s^ree oi dcctrons in the cellobtamed by 
couphng it with the Ag, AgNOj sola electrode Since it is not ahvays 
^ possible to say a pnori in which direction the current m a given cell will 
when the electrodes are connected by an external conductor, it is 
Deeessary to adopts convention for descnbiag the e m f and the reaction 
occuirmg m a leversible cell The convention most frequently employed 
- by physical chemists m Amenca is based on that proposed by Lewis and 
Randall, it may be stated as follows 


The E H F , including the sign represents the tendency for posi- 
tive ions to pass spontaneously through the cell as written from left 
to right, or of negative ions to pass from right to left 


' Since a positi^ e ’u f means the passage of positive ions through the 
cell from right, it can be readily seen that electrons must pass 
through the eternal conductor m the same direction {cf Fig 2) It 
folIoiYs, therefore, that when the bmp of the cell is positive the left- 
hand electrode acts as a source of electrons while the right-hand elec- 
trode removes them, if the e M p is negative, the reverse is true When 
expressing the complete chemical reaction occumng m a cell the con- 
vention will be adopted of supposmg that the condition is the one just 
denved for a positive e m F * 

Reactions in Reversible Cells. — It is of importance in many respects 
to know what is the reaction occurring in a reversible cell, and some 
diflerent types of cells will be considered for the puipose of illnstTatmg 
the procedure adopted m determmmg 1jie cell reaction The Darnell 
cell, for example, is 

2n [ ZnSOi aq GuSOi aq j Cu, 

and taking the left-hand electrode as the electron source, i c , the c ir f 
as stated is positive, the reaction here is 

Zn^Zn-^+Se, 


‘Many physical chemjsts m Europe and practical eicctrocheraats w use 

a cQuvetvton as to the sign of e m p and elec^c potenlml which is the opposi 
that employed here 
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while at the right hand electrode the electrons arc removed by i 
process 

Cu++ + 2f=>Cu 
The complete reaction is thus 

+ Cu++ = Zn++ i- Cu, 

and since two electrons are !n\oIved in each atomic act, the vvholc rc, 
tion as written, inth quantities in grara-atoins or gram-ions, takes ph 
for the passage of two faradays of electricity through the coll (cf p 2 
Since the cupnc ions onginate from copper sulfate and the zinc ions fo 
part of zinc eulfate, the reaction is sometimes written as 


Zn + CUSO 4 = ZnSOi + Cu 

The E M F of the cell depends on the concentratiofs of the zme a 
cupnc 10 ns, respectively, m the two solutions, and so if the cell rcacti 
is to be expressed more precisely, as is frequently necessary, the conci 
tration of ^he electrolyte should be stated, thus 

Zn + CuSOiCmi) « ZDSO((nii) + Cu, 

where mi and mj are the molalities of the copper sulfate and zme sulfa 
respectively m the Darnell cell 
In the cell 

Zn I ZnSCh aq KCl aq AgCl(^) | Ag, ^ 
the left band electrode reaction is the ^me a? abo\ c, 1 c , 

Zn = Zii++ + 2(, 


while at tlie nght-hand electrode the removal of electrons occur 
means of the process described on page 185 , 1 c , 

AgC]{j)=Ag+ + Gl- 


and 

the net reaction being 


Ag+ -t- 1 ^ 


AgCl(s) + e = Ag + Cb 

The complete cell reaction for the passage of two faradajs is thus 
Zn + 2AgCl{s) = Zn*+ + 201" 4* 2Ag, 


or 

Zn + 2AgCl(») = ZnCh + 2Ag 


A special case of this type of cell arjses when both electrodes arc 
the same metal viz , 

Ag I AgCI(«) KCl aq AgNO, qq [ Ag 
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By coii\ ention, the reaction at tie left-hand electrode is the opposite of 
that at the nght-hand electrode of the previous cell, nz , 

Ag-|-CI- = AgCl(5)-f £, 

and at the right-hand electrode the reaction is 
+ e = Ag, 

so that the net reaction in the cell is 

Ag+ + Ch = AgCI(s) 
for the passage of one faradaj 

Another tjTie of cell m -nhich the tno electrodes are constituted of 
the same matenal is one invohnng two hydrogen gas electrodes, ^ iz 

Ho|hJaOHaq HClaqIH; 

If the E M F IS positive, the hydrogen passes into solution as ions at the 
left-hand electrode, i e , 

but the hydrogen ions react immediately with the hydros}! ions m the 
alkaline solution, viz , 

R* + on- * HA 

to form water At the nght-hand electrode electrons are remo\ ed by 
the discharge of hydrogen ions, thus 

so that the net reaction for the passage of one faraday is 

H+ + OH--H2O, 

j e, the EFutraliMtjnD of hydlingen jons bj. iydrojyJ ions Smee the 
hydrogen 10 ns are denved from hydrochlonc acid and the hj drox} 1 ions 
from sodium hydroxide, the reactaon can also be written (cf p 12) as 

HCI + NaOH = NaCI + H^O 

Measurement of E M F —The pnnciple generally employed in the 
measurement of the e si p ’ s of voltaic cells is that eml)odied m the 
Poggendorfi compensation method , it has the ad\ antage of ginng the 
E M p of the cell on “open circuit ” i e , when it is produemg no current 
It has been already mentioned that a cell can be expected to beha^e 
rei ersibly only when it is produemg an mfimtesimall} small current, and 
hence the condition of open circuit is the ideal one for detenmmng the 
reversible bmp 

* The hydrogen ion in aqueems solution is probably (H 0)H'’' 1 e HaO"'' and not 
H'*" (cf p 308), this does not hosever, affect the gcaieral nature of the results recorded 
here 
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The potentiometef, as the apparatus for measuring e ii r *a is called 
IS shown schematically m Fig 60, it consists of a working cell C, gcneralh 
a storage battery, of constant eme which must be largcr'flian that' of 
the cell to be measured, connected across the ends of a uniform con. 



ductor AB of high resistance Tho cel! A', which is being studied, is 
connected to X, with the poles m the same direction as the cell C, and 
then through a galvanometer (7 to a sliding contact D which can be 
moved along AB The position of D is adjusted until no current flows 
through tho galvanometer, the /all of potential between A and D due 
to the cell C is exactly compensated by the e xi f of that is Ex Dy 
means of a suitable switch the cell X is now replaced by a standard cell 5, 
of accurately known em p equal to Es, and the slidng contact is re- 
adjusted until a point of balance is reached at D The fall of potential 
between A and is consequently equal to Es, and since tho conductor 
AB IS supposed to be uniform, it follows that 


h 

Es^ ad' 




Since Es is known, and AD and AD' can be measured tho e u r of the 
unknown cell, Ex can be evaluated 

In ite simplest form, the conductor AB may cornet of a straight, 
uniform potentiometer wire of platinum, platinum indium, or other ro- 
fiistant metal, stretched tightly along a meter scale, the position of the 
sliding contact can be read with an accuracy of about 0 6 mm , and il C 
13 2 volts and is 1 meter long, the corresponding error m the evalua- 
tion of the BMP IS I railhvoll, i e , 0 001 volt Somew hat greater pre- 
cision can bo achieved if the potentiometer wire is SQ^ oral meters m length 
Wound on a slate cylinder For more accurate w'ork the wire may be 
replaced by two calibrated resistance boxes, tho contact D is fixed where 
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the two boxes are joined, and the potential across AD is varied by 
changing the resistances m the boxes, keeping the total constant If Rx 
IS the resistance between A and D with the cell X m circuit, when no 
current flows through tiie galvanometer G, then the fall of potential which 
IS equal to Ex must be proportional to Rx, * further, if J2 is the resistance 
at the balance point when the standard cell S replaces X, it follows that 

Ex Rx 

Es Rs 

The unknown e m f can thus be calculated from the two resistances 
As a general rule the total resistance in the circuit is approximately 
11,000 ohms, and hence if the workmg cell has an e m f of 2 volts, each 
ohm resistance represents about 0 2 millivolt 

The majority of e m f measurements are made at the present time 
by means of special potentiometers, operating on the Poggendorff prin- 
ciple, which are purchased fiom scientific instrument makers They 
generally consist of a number of 
resistance coils with a movable 
contact, together with a slide wire 
for fine adjustment A standard 
cell 18 used for calibration pur- 
poses, and the e m f of the cell 
being measured can then be read 
off diiectly with an accuracy of 
0 1 millivolt, or better 

Tor approximate purposes, as 
m electroanalytical work or m 
potentiometnc titrations, a sim- 
ple procedure, known as the Fw 61 Potentiometer voltmeter 
potentiometer-voltmeter method, arrangement 

can be employed The working 

cell C (Fig 61) IS connected across two contmuously vanable resistances 
A and B, as shown, one of these resistances is for coarse and the other 
for fine adjustment The expenmental cell is placed at X in senes with a 
galvanometer ((?), and a millivoltmeter (F) a connected across the vari- 
able resistances The latter are adjusted until no current flows through 
G, the voltage then indicated on Y gives the e m p of the cell 

Current Indicators —The best form of current detector for accurate 
work IS a suitably damped miiror gdvanometer of high megohm sensi- 
tivity, for approximate purposes, however, a simple pointer galvanometer 

* Ex IS actuaJJy equal to Ur X RxfR, where is the e m F of the working cell C, 
and R is the total resistance of the two boxes m the circuit, since E, and R are mam 
tamed constant Ex is proportional to Bx 
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IS generally employed At one time the capillary electrometer was widely 
used for the purpose of indicating the attainment of balance m the 
potentiometer circuit, it has the advantage of being unaffected by elec- 
tncal and magnetic disturbances, and of not being damaged if large 
currents are mad; ertentlj passed throi^h it On the other hand, the 
cap llaiy electrometer is much Jess sensitive than most galvanometers 
and IS liable to behave erratically in damp weather, for tliese and other 
reasons this form of detector has been discarded m recent years 
An ordinary* mirror gah anometer of good quality can detect a current 
of about 10“^ amp and hence if an accuracy of 0 1 millivolt is desired, 
ns is the case in much work that is not of the highest precision, the rfr- 
sistance of the cell should not exceed 10’ ohms Special high-sepsitivity 
galvanometers are available which show an observable deflection with a 
current of 10 “ amp , and so the e u r of cells with resistances up to 
10^ ohms can be measured vnth their aid, the quadrant electrometer, 
which detects actually differences of potential rather than current, has 
also been used for the study of high resistance cells Another procedure 
which has been devised is to employ a condenser in senes with a ballistic 
galvanometer to determine the balance point of the potentiometer, the 
condenser is charged for a definite time by means of tire cell being studied 
and 13 then discharged throiigh the galvanomptrr mth the md of ssuittble 
givitch When the potentiomeltf u tolaaced the ballistic galvanometer 
will undergo no deflection when the cell is discharged through it 
Pof most measurements of emt of cells of high resistance some 
form of vacuum tube potentiometer has been used, ^ this instrument 


employs the amplifying properties of the vacuum tube, and tiie principle 
of operation may" be illustrated by 
fi fili _B_Jl means of the simple circuit shown 
JLjI— S' s i' in Fig 02 The tube is repre- 

I H vMvv) seated by T, and A, Band Cm 

—4 $R dicaie fie ^Janreot,. rmnde and 

5 f gndbattenes respectively, itiand 

< R ^'^^-jiaaaa. vanahle resistances and G 

- - s ^ galvanometer The cell X of 

-sL unknown resistance is connected 

>1 »I 1 shown, to a potentiometer P 

"■^ij from which any desired known 

„ „ V .If voltage can be taken off, by means 

"" “ S'oTh.&r""'" »' -tf ® f 

oter and cell can be included, it 


required, in the gnd circuit of the vacuum tube The switch is first con 
nected to b and the filament current w adjusted by means of i?i to provide 
the optimum sensitivity of the tube the ‘'compensating current from 
A, which passes m the opposite direction to the anode current through 
*See for example Carman and Dios, /ikJ Fnj Ohm (.tnaJ Ei], I1,393(1M9), 
for review, see Gla^tone, Ann. Rep Chm Soe , 30, 2S3 (1933) 
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the gal; auometer G, is then altered by means of the resistance Hi so ssio 
gi; e a suitable reading on G The switch S is now turned to a «o that P 
and J, as well as the battei^ C, are m the gnd circuit, lea; mg Ri and k 
unehanged, the potentiometer is adjusted until the deflection on (? is the 
same as before The potential on the gnd of the tube must, therefore, 
be the same m both cases hence the E ii f talien from the potentiometer 
P must be equal and oppcBite to that of the cell A 

This simple type of \acuum tube potentiometer is quite satisfactor) 
for cells of not too high resistance eg , 10 ohms or less, but it is un- 
reliable for still higher resistances Two so\u-ces of error then ari'se 
first, the characteristics of the \acuum tube change as a result of intro- 
ducing the high resistance, so that a giien anode current no longer 
corresponds to the "ame gnd \oltage, second, there is a fall of potential 
scixiss ths high cuA’ doe to the of currsm; m toe gnd 

circuit "With the best ordinary \acuuin tubes the gnd current ma) be 
about 10““ amp and so with a cell of resistance of 10® ohms, the error 
due to the fall of potential across the cell will be 10““ X 10®, i e , 10 ^ 
volt Se; eral methods of \ar5TDg complent} ha\ e been deinsed m order 
to overcome these sources of error, one of the simplest and most efiective, 
which IS emplo} ed in eommercia! potentiometers for the measurement of 
the E ir 7 ’s of cells ini olvmg the glass electrode (p 356), is to use a 
special type of vacuum tube, known as an ‘electrometer tube" Al- 
though its amplification factor is geaerallj smaller than that of the 
normal form of tube, the gnd-circuit current is ver) small, 10 “ amp 
or le‘5&, and the characteristics of the tube are not affected by high 
resistances 

^ The Standard Cell —An essential feature of the Poggendorff method 
of measuring e m r s and of all forms of apparatus employing the Poggen- 
dorff compensation pnnciple, is a standaiti cell of accuratel} known 
E M r The cell now invariably employed for this purpose is the Weston 
standard cell, it is highly reproducible itsEMp remams constant o\er 
long penods of time, and it has a smafl temperatiiTB coefficient One 
electrode of the cell is a 13 5 per cent cadmium amalgam in a saturated 
solution of cadmium sulfate (SCdSOi 8H»0) and the other electrode 
consists of mercury and solid mercurous sulfate in the same solution, thus 

12 5% Cd m Hg ) 3CdS04 8HiO satd soln Hg!S04(s) ] Hg 

The cell is set up m a H-shaped tube as shown m Fig 63, the left-hand 
hmb eontammg the cadmium ama^am and the nghtrhand the mercury , 
the amalgam is covered with crystals of 3CdSO, 8HaO, and the mercury 
with sobd mercurous sulfate, and the whole cell is filled with a saturated 
solution of cadmium sulfate The emp of the Weston cell, m mter 
national volts, o; er a range of temperatures is gi^ en by the expression 

Hi = 1 0IS300 - 406 X ~ 20) 

- 9 5 X 10-'(f - 20y -f i X 10-«(f - 20)h 
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Tia 63 The Weaton gtaadard cell 


so that the value is 1 01830 \olt at 20^ and decreases about 4 X 10 * 
millivolt per degree m this region * 

Although the 80 -ealled ‘saturated’ Weston cell, containing a satu 
rated solution of cadmium sul 
fate IS the ultimate standard for 
E M F measurement, a secondary 
standard for general laboratory 
use has been recommended, this 
IS the “unsaturated” Weston 
cell, which has an even smaller 
temperature coefficient than the 
saturated cell The form of un* 
saturated cell generally em 
ployed contains a solution which 
has been saturated at 4’’ c , so 
that It 19 unsaturafed at room 
temperatures, its temperature 
coefficient is so small as to he 
negligible for all ordinary purposes and its e M f may be talen as 
1 0186 volt * 

V Free Energy afld Keflt Changes in Reversible Cells —Since the quan 
^tjtative consequences of the second Jaw of thermodynamics are mamly 
applicable to reversible processes the study of reversible cells is of par 
ticular importance because it is possible to apply thermodynamic methods 
to the results If the bjiI f of a voltaic cell is E volts, and the process 
taking place in it is accompanied by the passage of n faradays, i e , niP 
coulombs, where f represents 96,500 coulombs the ^ork done by the 
system m tlie cell is nfF volt coulombs or joules (cf p 5) If the 
cell IS a rc^ ereible one this worfc represents ‘ maximum work,” and since 
electrical work does not involve mechanical work resulting from a volume 
change it may bo taken as equal to the don^e of free energy accompany 
mg the cell reaction The increase of free energy of a process is equal to 
the reversible net work, ic, excluding mechanical wort, done oti the 
system and hence it folloiis that 

AG=~nFB, 0) 

where is the increase of free energy for the process taking place in the 
cell under consideration According to the Gibbi Helmholtz equation, 
which is den\ed from tho second law of thermodynamics applied to 
reversible changes 

rf^'l (2) 




\ if 


'It IS 
Is always 
I See 
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wlicre Aff IS the increase of heat content * for the cell reaction, and 
introducing equation (1), the result is 

- %FE = &H- 

It IS seen from equation (4) that if tiie e m p of a reversible cell, i e , 
and Its temperature coefficient, dE/dTf at constant pressure are known, 
it IS possible to evaluate the heat change of the reaction occurrmg in 
the cell 

Some of the results obtained m the calculation of heat content changes 
from E M F measurements are reconfed m Table XLII,^ the values de- 

TABLB XLII HEAT CBAN0E9 FBOM BMP MEASUREMENTS 


dEldf Af/kcfll 


Cell Reaction 

E 

xio* 

BMT 

Thermal 

Zn -h 2AgCI 

— ZnClj + 2Ag 

1 015 (0^ 

-402 

-61 99 

-52 05 

Cd+ PbCl- 

= CdCl.+ Pb 

0 1880 (25*) 

-480 

-1626 

-1465 

Ag + iHg.Cl, 

» AgCl + Hg 

00455 (25*) 

+ 838 

+ 1275 

+ 190 

Pb + 2AgCl 

- PbCli + 2Ag 

0 4900 (25*) 

-186 

-25 17 

-24 17 


rived from thermochemical measurements are given in the last column, 
for purposes of companson The ^eeraent between the results for AH 
derived from e m f measurements^and from thermal data is sepn to be 
satisfactory, especially when it is reahzed that an error of 1 X 10"® m 
the temperature coefficient will mean an error of nearly 0 07 kcal m 
AH at 298® k It is probable, however, that the temperature coefficients 
are known with this degree of accuracy, and it is consequently beheved 
that for many reactions the heat changes derived from e m f data are 
more accurate than those obtained by direct thermal measurement 

Concentration Cells; Cells without Transference— In the operation 
of the^ cell ^ 

Hj(l atm ) 1 HCl aq (c) AgCKs) J Ag, 

consisting of a hydrogen and a silver-silver chloride electrode m hydro- 
chloric acid,t the hydrogen at the left-hand electrode dissolves to form 
hydrogen ions, wheieas at the nght-hand electrode silver chlonde passes 
into solution and silver is deposited, thus 

^H!(1 atm ) = H+ -I- e 

* The increase of heat content is equal to the heat absorbed in the reaction at con 
stant pressure 

^Taylor and Perrott, J Am Chm Soe, 43, 486 (1921), Gerke tbid 44, 1684 
(1922) 

t The const’ "tion of tliese electrodes is described later (pp 234 350) 


(3) 

(4) 
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and 

AgCl(?) + e-Ag + CI- 
so that the net reaction is represented by 

iHj(l atm ) + AgCl(fi) - HCI(c) + Ag, 

since the hydrogen and chloride ion*! are formed in hydrochloric acid 
solution of concentration c moles per liter If two such cells containing 
hydrochlonc acid at concentrations ci and Cj and having e m f ' s of Ei 
and Ei, respectively, are connected in opposition, the result is the cell 

H2(1 atm ) I HCl(fi) AgCIW I Ag | AgCI{s) m{c) \ W atm ), 

whose E M F 13 equal to Ej - fij The reaction m the left hand cell for 
the pas®age of one faraday as seen above, is 

iHi(l atm ) + AgCI(s) ^ HCl(ci) + Ag, 
and that in the nght--hand cell is the reverse of this, i e , 

HCiy + Ag - W atm ) + AgCl^ y 

The net result of the passage of a faraday of electricity through the 
complete cell js the transfer (i) of hydrogoi gas at t atm pressure from 
the extreme left-hand to the extreme nght*hand electrode, (ii) of solid 
Sliver chloride from left to nght, and (ui) of hydrochlonc acid from con- 
centration cj to ci Since the chemical potentials of the hydrogen gas 
and solid silver chloride reraam unchanged, the free energy change n(? 
of the cell reaction is due only to 'that accompanying the removal of 
1 mole of hydrochlonc acid, i e , 1 g loQ of hydrogen ions and 1 g ion 
of chloride ions from the solution of concentration Cj and its addition 
to Cl It folloas, therefore, that 


At? = 


where and /ici are the chemical potentials of hydrogen and chloride 
ions, the suffixes 1 and 3 refemng to the solutions of concentration Ci and 
(* 2 , respectively The quantities of solutions in the cells are assumed to 
be so large that the removal of hydrochlonc acid from one and its trans- 
fer to the other brings about no appreciable change of concentration, 
the change of free energy is thus equal to the resultant change in ths 
chemical potentials 

If the chemical potentials are expressed by means of equation (1^ 
on p 133, the result is 


AG 


(OCl )j 


= ii:riji 


(oH*h(qci_)i 
(aH+)j{aci )j 
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where Oh* and oci refer to the activities of the ions indicated by the sub- 
ficnpts The electrical energy produced m the cell for the passage of one 
faraday is EF, where E, as already seen, is equal to — Ei, it follows, 
therefore, ^from equation (6), since 

4 (? - - Br, 

that i 


P _ (fflH*)i(aci )'i 

F ’""(oHMoa)! 


( 7 )' 



ai 


( 8 ) 


where fli and as are the mean activities of the h} drochloric acid m the 
two solutions (cf p 138) The actinties may be replaced by the prod- 
ucts my or cf, so that 


or 


I Cifi 



m-yt 

n 


mm 


( 9 ) 

(10) 


A cell of the type descnbed abo^ e is called a concentraton cell with- 
out transference, for the e u f depends on the relatii e concentrations, 
or molalities, of the two solutions concerned, and the operation of the cell 
18 not accompanied by the direct transfer of clectrol} te from one solution 
to the other The transfer occurs indirectly, as shown abote, as the 
result of chemical reactions In general, a concentration cell without 
transference results whenever two simple cells i\hose electrodes are re- 
\ ersible with respect to each of the ions constituting the electrolyte are 
combmed m opposition, in the case considered above, the electrolyte is 
’liydrochionc acid, and one electrode is reversible wi'^n respect to ’nydro- 
gen ions and the other with respect to chlonde ions 

If fli is the mean lomc activity of the electrolyte m the left hand side 
of anj concentration cell without transference, and oj is the i alue on the 
nght-haod side, the e m f of the corapiete cell can be expressed by means 
of the general equation 


i7 = ± 


I 


RT, as 

Oi 


( 11 ) 


where v is the total number of ions and !»+ or v- is the number of positn e 
or negative ions produced by the ionization of one molecule of electro- 
lyte, z+ or 2- is the i alence of the ion with respect to which the extreme 
electrodes are reversible If this ion is positive, as in the cell already 
discussed, the positive signs apply throughout, but if it is negative, as 
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in the cell 

Ag i AgCl{j) HClCci) 1 lUl atm ) I HCI(c,} AgC)(s) | Ag, 
the negati\ e signs are applicable 

Amalgam Cells —If the electrolyte in the concentration cell without 
transference is a salt of an alkali metal, eg* potassium chlonde, it is 
necessary to set up some form of re\ersible all^Ii metal electrode This 
13 acliie\ed b> dissolving the metal in mercury, thus forming a dilute 
alkali metal amalgam which is attacked much less vigorously b) water 
than IS the metal m the pure state The amalgam nev ertheless reacts 
mth water to some extent, and also with traces of oxygen that ma) be 
present m the solution the exposed 
surface of the amalgam is therefore 
continuously renewed by maintain 
iBg a flow from the end of a tube. 
For the cell 

AgjAgCI(5)KCl(ci)lK% 

|KCI(c^) AgCIWIAg, 

where KHg, represents the potas* 
Slum amalgam the apparatus ts 
shown ui Fig W, the rescnoir A 
codUios the dilute amalgam which 
flows slowly through the capillary 
tubes Bi and B», while Ci and 
Ct represent the silver electrodts 
coated with silver chlonde (see p 
234) * The potassium chlonde so- 
lutions of concentrations (i and 
respectively, from which all dia 
TnJiViA vxygeii Yna ■nmRiy.vi, 
as far as possible, are introduced 
into the cells by means of the tubes 
Di and A Although reproducible 
results can be obtained with the 
exercise of due care, the measurements are not reliable for solutions 
more dilute than about 0 1 n, because of mteraction between the solution 
and the alUh metal 

Amalgam cells are utilized for the study of alkali hydroxides, c g , 
Hi(l atm ) I NaOH(ci) 1 NaHg, | NaOH((%) I H:CI atm ). 

where the hydrogen electrode is revcraible with respect to hydrox) 1 ions, 
but equation (11) for the e u r requires some modification m this case, 
because the cell reaction also involves the transfer of water. The rcac- 

* Maclmies and Parker J Am Chm Soe, 37, 1445 (1915) 
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tion m the left-hand cell for the passage of one faradaj of electricity is 
2 H "{1 atm ) -f- ^aOH{cj) = H 2 O + Na, 
and in the nght-hand cell it is 

H 2 O + Na = 1H^(1 atm ) -f- NaOH{c-}, 

and consequently the net process is ihe transfer of a mole of sodium 
h} droNide, 1 e , one g ion eacli of sodium and hjdroxj 1 10 ns, from the 
solution of concentration Ci to that of concentration cj, while at the same 
time a mole of water is transferred in the opposite direction The m- 
crease of free energy accompanying the pas«age of one faradaj is repre- 
sented bj 

A(j = [0lVa*)2 - (liNa*)l] + [(WH )■• — 0iOH-)j] + [(fiEjo)l — (fiHjO)-]? 


and hence, utihzmg the equation on page 133 to gi\ e the chemical poten- 
tial of the water m terms of its \ apor pressure, it follows that 


2RT a, RT ivn o)- / 

E 5rlii- + Trlii7 — T' -V 

F cii F ij)B 0)1 


( 12 ) 


where oi and c-’ are the mean ionic actmtics of the sodium hj dronde 
m the two solutions, and (pa 0)1 and (ph,o )2 are the respcctne aqueous 
T apor pressures * 

Detenmnatioii of Activi^ Coefficients —The e ji f of a concentra 
tion cell without transference is equal to Ei - & where Ei and Ei are 
determined by the concentrations ci and respectiielj, of ^e electro- 
Ijle, then for a cell to t\hich equation (8) is applicable, 


r Hj 


(13) 


If in one of the tuo solutions, eg, C 2 , the actmty is unity, and the 
correspona’mg E M F ofthefialf-wh'cuntainfngChadsofiTtronjij^;'’, equa- 
tion (13) reduces to the general form 

(14) 

r 


If VI IS the molabtj of the electrolyte in the solution of actmtj a which 
gl^ es an E M F equal to 5 in the half-cell, then addition of {2RTIF) In m 
to both sides of equation (14) yields 


5 + 


2ET 


Inm 


£0 = 


2127’, a 

-tK 

2RT, 

-prlnr, 


(15) 

(16) 


* It should be noted that the H.fe) ^aOH aq electrode is to be regarded ae 
reversible with respect to OH 10 ns, this accounts for the negative «ign in equation (12) 
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where 7 is the mesa actint} cocffinoit of the 61001101316 in the solution 
of molalit} m In order to con^ ert the Napenan to Bnggsian loganthms 
the corresponding terms are muUiidied bj 2 302C, and if at the same time 
the values of 1 e , 8 313 joules per degree and of Z’, 1 e , 96,500 cou 
lombs, are inserted, equation (16) can be written as 

£ +2X 10335 X 10-*Tlogm - P 

= -2X19S3i)X10-'7’log7, (17) 

and, at 2a*, this becomes 

£ + 0n83Iogw- £• = -OllSSlogr (18) 

Since E can be measured for anj molality n, it would be possible to 
evaluate the actiwtj coefficient 1 1 / were iiown * One method of 
dennng makes uSfi of Ihe fact that at mfimte dilution, 1 e , n hen m 
is rero "* "* " n « ij 

be equal 1 

of m IS 

as abscissa and the curve extrapolated to tn equal to lero (he 
limiting V alue of the ordinate is equal to £* Jo be accurate this extra- 
polation requires a precise fcnowl^ge of the e m r '5 of cells containing 
xco dilute solutions and the necessary data are not easj toobtain Two 
alternative methods of extrapolation which avoid this difficulty may be 
employed only one of these will, however be desenbed here ^ 

According to the Debje-Huckel Brposted equation (63) p 147 it is 
possible to express the venation of the activity coefficient of a um- 
umvalent electrolyte with molality by the equation 

log 7 =a - A-v'w + Cm, (19) 

where A is a known constant, equal to 0 ^9 for vater as solvent at 25® 
Combination of this with equation (18) then gives 

E-hOim log m " Q0G02 vW ^ - 0 2183 Cm, 

0 0602 = P - 0 1183 Cm 

where E' is equal to ^ + 0 1183 Jog n. According to this result the 

r. f\p{<>sf\ 1 Tl f r I 


resuItsmFig 65 for the cells 

H,(I atm)|HCl(w) AgCl(3)IAg, 

but reasonably accurate extrapolation is nevertheless possible The 

*Lewu and Randall / Am Clim Soe 43 1112 (1921), Randall and Young 
thul 50 (I92S) 

^Hitchfock J Am Chm Sx SO 2076(1928) HamedfloJ ibid, S4 I3<j0(l932), 
55 2179 (1933) 58 9S9 (1936) 
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\ alue of E’’ for this cell at 25 is -fO 2224 n olt and hence for solutions of 
h} drochlonc acid 

E + O 1183 logm - 02224 = - 0 1183 log7 

The activity coefficients can Urns be determined directl} from this equa 
tion using the measured values of the e sip of the ceU depicted abo\e 


0 223 
0 221 

“0 217 
L 

0 216 
0 212 


Fig 63 Ertrapolation of e m p to infinite dilution 



for t anous molalities of hydrochlonc acid the results obtained are gi^ en 
in Table XLIII 

TABLE NLn: MEAN ACTmrr COEmOENTS OF BTEEOCHLORIC ACID FROST 
E SI F SIEASUREMENTS AT 20® 


m 

E 

£ + 011831obw 

y 

01238 

034199 

0 23466 

0788 

OOoSffl 

038222 

Q2S218 

0827 

002563 

041824 

0 22989 

0S63 

0013407 

044974 

022820 

0893 

0009138 

0 46860 

0 22735 

0 908 

0 00o619 

0 49207 

0 22636 

0 926 

0 00321O 

0o20o3 

0 22o62 

0 939 


^ j^oncentration Cells with Transference — T\Tien tv o solutions of the 
sam~e~erectrolyte are brought into actual contact and if identical elec 
trodes resersible with respect to ^ o r other of the ions of the electro 
lyte are placed m each solution the result is a concentration cell with 
transference for example the removal of the AgCl(s) | Ag-}-AgCl(s) 
system from the cell on page 196 giv® f 

Ho(l atm ) f Ha(ci) HClfe) | H^Cl atm }, 

m which the tv o solutions of hydrochloric acid are in contact and___direct _ 
transfer from one to the other is possible The presence of a hquid 
junction, as the region where the two solutions are brought into contact 
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wth one another is called, is represented by the '\ertical dotted hue. 
^en one faradaj pas'tes through the cell, 1 g -atom of hydrogen dis^ 
solves at the left hand electrode to jield 1 g -ion of hj drogen ions, and the 
same amount of hydrogen ions will be dischai^d and 1 g -atom of 
hydrogen will be liberated at the right hand electrode While the current 
is passing, i+ g ion of hj drogen ions will migrate across the boundary 
between the ti\o solutions m the direction of the current, Le , from left 
to right, and i g -ion of chloride ions will tno\ e m the opposite direction, 
4 and L are the transference numbere of the hj drogen and chlonde 
ions, re^pectivelj (see Fig 66) Attention maj be drawn to the fact 


H: HC/(c,l • HCl[Ci) Hj 



Fio 60 Transference at liquid junction 


that the transference numbers imohed are the Hittorf values, and not 
the so-called "true transference numbers (p JH), this allows for the 
transfer of water mth the ions 

The net result of the passage of one faradaj is the transfer of 1 - 1+, 
1 e , L, g -ions of hj drogen ions and L g -ions of chlonde ions from ngbt 
to left, so that the increase of free energ} is 

aO = (.[(till )i - -b f-[(fici )i “ (/'Cl )t] (20) 

Since the transference numbers taij with concentration, it is comenient 
to consider two solutions whose concentrations differ by a small amount, 
\uz , c and c + dc, under these conditions equation (20) becomes 

AG = — L(djiH* + dpci ) 

= -LCOTrflaaH^ + iilTdlnaci) 

= ~2lJiTdka, (21) 

where a is the la ean activi ty of the hydrochloric acid at the concentration 
c and L is the transference number of the amon at this concentration. 
The B M p of the cell whose concentrations differ m amount bj dc may 
be represented by dE, and the free energy increase -FdE may be 
equated to the value given by equation (31) , hence 

dE^2l^dha ( 22 ) 

For a concentration cell with electfoly tes of concentration Ci and Cs> i e , 
mean activities of ci and cj, respectively, the e m p is then obtained by 
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integrating equation (22) between these limits, thus 

„ 2RT r 

^ { dha 

In the general case this becomes 

Tfheze^i, f'iandsihavethesamesigmficanceasbe/ore(p 197) , the trans- 
ference number refers to the ion other than that with respect to wluch 
the electrodes are rei ersible 

If the transference number is taken as constant m the range of con- 
centration. Gi to % equation. (24) takes the fern 


giay 

a 


E ~ dzi:p — 


fir, 

— ;;In — 

Zi,F ai 


(25) 


In the special case of the hydrogen hydrochloric acid cell given above, y 
IS 2, V IS 1, and z+ is 1, and the electrodes are reversible with respect to 
posit ive ions , hence 

l Dm _ I 

( 26 ) 


E 


o, 

-2L — In- 

P fll 


If the concentration cell is one of the tjTie in which water is formed or 
removed in the cell reaction, e g , 


ir.{NaOH{ci) NaOH(c.)lH!, 

m which a mole of water is transferred from c? to Ci for the passage of one 
faraday, due allowance must be made m the manner already described 
Activity Coefficients from Cells With Transference —In order to set 
up a cell Without transference it is necessary to have electrodes rev ersible 
with respect to each of the ions of the electrolyte , this is not ahv ay s pos- 
sible or conv ement, and hence the use of cells with transference, which 
require electrodes rev ersible with rtepect to one ion only , has obvious 
advantages In order that such cells may be employed for the purpose 
of determining activity coefficients, however, it is necessary to have 
accurate transference number data for the electrolyte bemg studied 
Such data hav e become available in recent years, aud m the method de- 
senbed below it will be assumed that the transference numbers are known 
over a range of concentrations * 

The E M p of a cell of the type 


M|MA(c) MA(c-l-tfc))M 

® Broun and Macinnes J Am Chem 8oc S7 l3o6 (ISSo) Shediovsky and 
Macinnes ibid 58 1970 (1936), S9 503 (1937), 61 200 (1939), Maelnnes and Broun 
Chm Revs 18 335 (1936) 



202 


HEmglBLE CELLS 


\v-ith-e M « a metal or hjdrogcn, jieldiog cations in solution, is given by 
'tjuation (22), and since tbc activity a is equal to cj, this may be written 


iE^^L(d]nc + dhf>, 


dj_ 

L ° 


2RT 

*“jr"(rfinc + dln/) 


(27) 


The activity is expressed in terms of concentrations rather than molalities 
because the transference numbers are generally Lnorni as a function of 
the former, the procedure described here thus gives the activity coefE- 
cient /, but the values can be readily converted into the corresponding 
7'8 by means of the equations on page 135 

The transference number at any concentration can be mitten as 


where U is the value at some reference concentration Co; if this expression 
for 1/L IS laserted in equation (27) and the latter multiplied out and 
rearranged, the result is 




Integrating between the limits c# and c, the corresponding values of the 
mean activity coefficient of the electrolyte being /« and /, it follows, 
after converting the loganthms, that 

‘‘’*1; “ 2 303 X aifir “ r, 2 X 2 SOSRrf, ® 


The first two terms on the nght-hand side of equation (28) may be e\ alu- 
ated directly from the experimental data, after deciding on the concen- 
tration Co which 13 to represent the reference state The third terra is 
obtained by graphical integration of J against E, the value of 5 being 
derived from the known variation of the transference number with 
concentration 

The method just described gives log ///o, and hence the activity 
coefficient / in the solution of concentration c is known in terms of an 
arbitrary reference scale, I e., fo at concentration Co) it is necessary now 
to convert the results to the usual standard state, i e , the hypothetical 
ideal solution at unit concentration (see p. 137). For this purpose, use 
is made of the Debye-Huckel expression for uni-univalent electrolytes, 


- log/ «= 


1 + 


( 20 ) 


where A is the known Debye-Huckcl constant for the solvent at the ex- 
perimental temperature, and which is written in place of aB, is a 
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constant for the electrol} te The term ///a, ] e , log/ — log /o, raa} 
be represented b} log/ -f a, ^here a is a constant, equal to — log/o, and 
hence equation (29) may be rewritten as 

log^ + 4^^=a + fi'^a- 

For solutions dilute enough for equation (29) to be applicable, the plot of 

iflfo) + i4.^^agamst [or — log (///o)]^^should be a straight line luth 
intercej^qual to a The value of a, which is required for the purpose 
of this plot, IS obtamed by a short senes of approximations Once a, 
which IS equal to - log /o, is known, it is po^ible to dem e log / for any 
solution from the values of log///o obtained previou^Ij The activitj 
coefheient of the electrolyte can Ihus be e\aluated from the emf's of 
cells with transference, provided the required transfeience number 
information is available 

Determination of Transference Numbers —Since activity coefficients 
can be demed from emf measurements if transference numbers are 
known it is apparent that the procedure could be ^e^ ersed so as to make 
it possible to calculate tiansference numbers from bmp data The 
method employed is based on measurements of cells contaimng the same 
electrolyte, with and without transference The e m p of a concentra- 
tion cell without transference (U) is gl^en by equation (11), and if the 
mtermediate electrodes are removed so as to form a concentration cell 
inth transference, the e m f , represented by Bt, is now determined bv 
equation (25), proiided the transference numbeis may be taken as 
constant within the range of concentrations in the ceils It follows, 
theiefore, on dividmg equation (25) by (11), that 



where the transference number refers to the negati\ e ion if the ex- 
treme electrodes are reversible with respect to the positive ion, and 
vice versa ^ 

For example, if the amalgam ceil without transference 

Ag 1 AgCl(s) LiCl(ci) I LiHg. | LiCICc-) AgCi(s) ] Ag 
IS undei consideration, the corresponding cell with transference is 
\g 1 AgCl(s) LiCI(cO LiCKca) AgCl(is) | Ag 

The ratio of the e m f ’s of these cells then gnes the transference number 
of the hthium ion, i e , 



® The method lor detennining transference rarabws from e u f measurements v. as 
first suggested by Helmholtz in 1878 
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since the extreme electrodes, i e , Ag I AgCl(*) LiCI aq., are rc^crsible ^\ith 
respect to the chloride ion 

The use of equation (30) gives a mean transference number of the 
electroljte mthin the range of concentrations from c, to cj, but this is 
of httle value because of the vanation of transference numbers Mith 
concentration, a modified treatment, to pve the results at a senes of 
definite concentrations, may, honever, be employed. If the concentra- 
tions of the solutions are c and c + dc, the E M f of the cell ^ith trans- 
ference is given by the general form of equation (22) as ^ 

dEi = =dln a, 


. , 1 . 


( 31 ) 


^\here o is the mean acthity of the electrolyte at the concentration c. 
The corresponding e.sif. for the cell nith transference, derived from 
equation (U), is 


±- 

>'± 




dE L BL. 
■ d In a ^ i-i z±f 


(32) 


It follows, therefore, from equations (31) and (32) that 
dE,/dIna 
dEldlna 
or 

dEildloga 

dE/iloga 


( 33 ) 


If the E u F 's of the cells, n-ith and without transference, m wliich the 
concentration of one of the solutions is 'V’aned u hilc the other is kept at a 
constant low value, eg, 0 001 molar, arc plotted against log a of the 
variable solution, the slopes of the curves are dEtfd log a and dEjd log a, 
respectnely The transference number of the nppropnate ion may 
thus be determined at any concentration by taking the ratio of the slopes 
at the value of log a corresponding to this concentration The activities 
at the different concentrations, from which the log a data are obtained, 
must be determined independently by e m p or other methods 

Since the exact measurement of the slopes of the curves is difficult, 
analytical procedures have been emplojxd In the simplest one of 
these,^® the values of Ei are expressed as a function of the logarithm of 
the activities of the electrolyte, from this dEtfd log a is readily dcri^ cd 
by differentiation. Since dEfd log a is gi\cn directly by equation (32), 
^ Maclmies and Beattie, J. Am Cbem. Soc , 42, 1117 (1920). 
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t can also be written as a functioii of log c, and hence it may be evaluated 
at any desued concentration 

A more ngid but labonons method, for deriving transference num- 
bers from n M F data, makes use of the fact that the activity coefficient 
of an electrolyte can be expressed, by means of an extended form of the 
Debye-Huckel equation, as a function of the concentration and of tvo 
empincal constants "When apphed to the same data, however, this 
procedure gives results which are someuhat different from those obtained 
by the ^thod just described &nce the values are in bettei agreement 
with iWtransferenee data derived from movmg boundary and other 
measurements, they are probably more reliable 

A number of determinations of transference numbers, m both aqueous 
and non-aqueous solutions, have been made by the e m f method, and 
the results arc in fair agreement with those obtained by other experi- 
mental procedures The results in Table XLIV, for example, are for the 

TABLE XLIV TRANSFEKENCE MDMBEfi OF MTHItM ION IN UTHIOJI CHLORIDE AT 25' 


Cone 

EUF 

Hittorf or 
Movmg Boundary 
Method 

0 005N 

03351 

0 3808 

001 

03333 

0 3289 

002 

03308 

03261 

005 

03259 

03211 

010 

03203 

031G8 

020 

0312C 

03112 

060 

03067 

0S079 

100 

02809 

02878 


transference number of the litbum ion m iithium chlondc at 25® The 
discrepancies between the two sets of values are often appreciable, how- 
ever, and smee they aie greater than the expenmental errors of the best 
Hittorf or moving boundaiy measurements, it is probable that the e m F 
results are m enor It miKt be concluded, therefore, that the e u p ’s of 
concentration cells cannot yet be obtained wntb sufficient precision for 
the transference numbers to be as accurate as the best results obtau ed 
by other methods 

” Liquid Junction Potentials' Solutions of the Same Electrolyte —The 
free energy change occurring m a concentration cell with transference may 
be divided into two parts , these are (i) the contnbutions of the reactions 
at the electrodes, and (n) that due to the transfer of ions across the 
boundary between the two solutions It is evident, therefore, that when 
two solutions of the same or of different electrolytes are brought into 
contact, a difference of potential will be set up at the junction between 
them because of ionic tiansference Potentials of this bnd are called 
liquid junction potentials or diffusion potectials^^^jT 

Jones and Dole J Am Chm Sae,5l and Bradshaw M, 

54 138 (1932), see also Earner tbtd, 57, 66 (193^, Earned and Dreby, ii«d , 61, 3113 
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Conader the etniplest case in which the junction is formed between 
0 solutions of the same uni-uiuialent electroljle at concentrations 
Cj'and Cj, e g , 

m(cJ'KCl(c,). 


AdoDtms the usual convention for a poatl^ e EJj r that jthe left-hand 

t 1 . j *t ... .. ... . 1 -.-* v 


of cations, e g , potassium ions, f rom left to nght, i e , jom s^^i^ on o 
to solution cj, anJL g j on of anions, e g , cM oride ions, in the opposite 
direciiOMct p ITthe approvunatioh 5 made ot taking the traris- 
ference numbers to be independent of concentration, the free energj’ 
change aecornpanjmg the passage of one faraday across the liquid junc- 
tion maj be expressed either as - FEit where Ei is the hquid junction 
potential, or as 


iG - flriii^ + Llirin^. 

(a+)i (oji 




, BT, ST, (a-), 


(Jl) 


Further, eince t+ + L 13 equal to unity, it foUowa that 




?'* F '“u,"^ F 


ot.BT (o.)i 


(35) 


where ui and aj are the mean actinties of the electrol^ie in the two solu- 
tions By making the further approtimation of writing (a,)t/((Di as 
equal to oj/au equation (35) reduces to 


£r = (I-2J^ln“- 
r Oi 


(36) 


Since 1 - 4 ^ f-r this result may be expressed in the alteniath*e 
form 

= (36a) 

r Ot 

which brings out clearly the dependence of the sign of the liquid junction 
potential on the relative values of the transference numbers of the anion 
and cation 

If theJiquid j unct ion poiential under^ nsideration forms part of the 
concentration^! 


AgjAgCI(s) Ka(rO-KCI(cO Aga(s)|Ag, 
the E.M F of the complete cell is given by equation (25) as 
RT, at 
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and hence, from this and equataon (36), it is seen that 

El = E, {37) 

This approximate relationship can be tested bj suitable measurements o" 
conc^tration cel ls with trank erence.- — -y _ 

AsTiiidiMted abovepfctrc^ETTF ufirceil'witlrtralisference catfoe rt 
garded as made up of the potential differences at the two electrodes an 
the hquid junction potential It will be seen shortly (p 229) that eac 
of the former may be regarded as determined by the actmty of the re 
versible ion in the solution contamed in the particular electrode I 
the cell depicted aboi e, for example, the potential difference at the lef1 
hand electrode is dependent on the actmty of the chloride ions in tb 
potassium chloride solution of concentration cj , similarly the potentn 
difference at the right-hand electrode depends on the chlonde ion actmt 
in the solution of concentration c» For sufficiently dilute solutions th 
activitj of a given ion, accordmg to the simple Debye-Huckel theory, i 
determined by the ionic strength of the solution and is independent of th 
nature of the other ions present It follows, therefore, that the eUclroo 
potentials should be the same m all cells of the type 

Ag j AgCICs) MCKc) MCI{ci) AgCI(8) | Ag 

where Ci and Ci represent dilute solutions of anj um unualent chlond 
MCI, which must be a strong electrolyte If T is the constant algebiai 
sum of these potentials, the b m r of the complete cell mth transference, 
which does vary with the nature of MCI, ivill be Z? + Cl, i e 

E, = E + Sl, 

E =Et- E l (38) 

The difference between Ei and El should thus be constant for given 
values of ci and C 2 , irrespecfave of the nature of the uni univalent chloride 
employed m the cell Inserting the value of El given by equation (37) 
into (38), the result is 



If the right hand side is constant, for cells with transference contain- 
ing different chlorides at definite concentrations, it may be concluded 
that the approximate equation (36) gives a satisfactory measure of the 
liquid junction potential between two solutions of the same electrolyte 
The results in Table XLV provide support for the reliability of this equa 
tion, within certam hmits , the tra^erence numbers employed are the 
mean values for the two solutions, the individual figures not differing 
greatly m the range of concentrations involved 

Maclimes ‘ The Pnnciples of Hectrodicirastry ’ 1939 p 226, data mainly from 
Macinnes el al J Am Cl em Soc 57, 13o6 (193o), 59 o03 (1937) 
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TABLE ILV TFST Of EQPATIOV FOB LIQnD JC^CTJON rOTEvTJAL 


Electrolyte 

t\ 

Cl 

b 

E, 

E,l2t, 

El 

NaCl 

OOOa 

001 

0302 

1341 mv 

171 mv 

” 37mT 

KCI 

0005 

001 

0^ 

1677 

171 

- 03 

IICI 

OOOj 

001 

0824 

2829 

17^ 

+ 111 

baa 

OOOo 

001 

0391 

3963mv 

507mv 

- 11 1 mv 

RCl 

0 00.1 

001 

0490 

4963 

500 

- 10 

net 

OOOj 

001 

0i26 

8416 

509 

+333 


In order to give some indication of the magnitude of the liquid junc- 
tion potential, the values of El calculated from equal on (37) are re- 
corded m the last column In general, the larger the ratio of the con 
ccntrations of the solutions and the more the transference number of 
either ion departs from 0 5, ic, the laigcr the difference bchicen the 
transference numbers of the two ions, the greater is the liquid junction 
potential The sign is determined by the relative magnitudes of the 
transference numbers of cation and amon of the electrolyte, as aecn from 
equation' (3 Go) 

V//tjeneraI Equation for liquid Junction Potential —^\Ticn the ho 
solutions forming the junction contain different cicctroljtcs, as m many 
chemical cells, the situation is more complicated , it is convenient, there- 
fore, to consider here the most general ease Suppose a cell contains & 
solution in nhich there arc several ions of concentration ci, Ct > c, 
g ions per liter, and suppose this forms a junction mth another solution 
in^vhichthecorrcspondiDgwmcconccntrationsarocj + dc,,ci + dc2, , 
Cl + dc„ , the valences of the ions arc ri zj , ? , and their 
transference numbers are h if, t„ the latter being regarded as 
constant, since the differences of the ionic concentrations in the two solu- 
tions ore small If one faraday of electricity is paisscd through the coll, 
tjzy g ion of each ionic species wll be transferred across the boundaiy 
between the two solutions, the positive ions moving m one direction 
1 e feft to ngfit according to convention, and the negative ions moving 
in the opposite direction The increase of free energy as a result of the 
transfer of an ion of the tth kmd from the solution of concentration c, to 
that of concentration c, + dc, is given by 

d(7 = ^ [(/I, + - /!,] 



where u. and ir, + dm are the chemicid potentials of the particular ions 
in the two solutions For the transfer of all the ions across tic boundary 
when one faraday is passed, 
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and utilizing the familiar definition of /i as + 72? In a„ it follows that 

ti 

= (S9) 

where o, is the activity of the »th ions at the concentration c, It should 
be remembered that in the summation the appropriate signs must be 
used when considenng positive and negative ions, smee thej move m 
opposite directions 

Provided the concentrations of any ion do not differ appreciably m 
the tvo solutions, the transfer of ions across the boundary vhen current 
passes may be regarded as reversible If dEi is the potential produced 
at the junction between the two solutions, then AG will also be equal to 
- F dEi for the passage of one faradaj , combination of this result with 
equation (39) gives 

dBL = -^Ijdlna, (40) 


for the liquid junction potential Since in actual practice the concentra- 
tions of the two solutions differ by appreciable amounts, the liquid junc- 
tion potential can be regarded as bemg made up of a series of la} ers with 
mfimlesimal concentration differences, the resultant potential El is 
obtained by integrating equation (40) between the limits Ci and Cu, 
representing the two solutions m the cell, thus 

RT i 

^L=-~Yj 2jdha, (41) 


This 13 the general foim of the equation for the liquid junction potential 
between the two solutions, ** m order that the integration may be earned 
wA, ’A. '& vyiiasear, to toaU. ch: to 

certain properties of the boundarj 

For example, if the two solutions contam the same electrolyte, con 
sisting of one cation and one amon, equation (41) becomes 


EL=--Er] -dlnc+-i--^ ~d\na^ 

■p t/f, ^ ^ vf, 2_ 

If the approximation is made of taku^ the transference numbers to be 
independent of concc nAratio n, this relatiODsbip takes the form 

„ 4 RT, (<4); , L RT (a-)! 


which is identical with equation (34) for a um-umvalentelectrolyte 

» Hamed J Phys Chan 30 433 (1926), 'Kijior, iMd , 31, 1478 (1927), see also, 
Guggeaheim Phi Mag , 22, 983 (1936) 
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Type of Boundary and Liquid Janchon Potential — When the two 
solutions forming the junction contain different electroljies, the struc- 
ture of the boundar} , and hence the concentrations of the ions at different 
points, inll depend on the method used for bringing the solutions to 
gether It is ident that the transference number of each ionic species, 
and to some extent its activity, will be greatly dependent on the nature 
of the boundarj , hence the liquid junction potential may \ ary mth the 
type of junction employ ed If the electrolyse is the same m both solu- 
tions, hoiieier, the potential should be independent of the manner in 
which the junction is formed In these circumstances the solution at 
any point in the boundary layer will consist of only one electrolyte at a 
definite concentration, hence each ionic species should ha\e a definite 
transference number and activity \\’hen carrying out the integration 
of equation (41), the result will, there 
fore, alwaj s be the same no matter 
what IS the ty^e of concentration 
gradient m the intermediate layer 
between the tuo solutions, this the- 
oretical expectation has been \ enfied 
by expenraent ** It is the fact that 
the liquid junction potential is m 
dependent of the structure of the 
boundary, when the electrolyte ls the 
same on both sides, that makes pos- 
sible accurate measurement of the 
E M P of concentration cells with hq 
uid junctions In general, cells of thi 
type are set up ViUth simple ‘ static’, 
junctions, as shown in Fig 67, the 
more dilute solution is in the rela- 
tively uaxraw tuba whmh. is. dip^ji 
into the somewhat wider i essel con- 
taining the more concentrated solution, so that the boundary is formed at 
the tip of the narrms er tube 

For solutions of different electrolytes four distinct forms of boundary 
have been described,*® but only in two cases is anything like a satis 
factory integration of equation (41) possible 

I The Contmuous Mixture Boundary —This type of boundary , which 
IS the one postulated by Henderson,'* consists of a contmuous senes of 
mixtures of the two solutions, /reefrom the ejects oj diffusion If the two 
solutions are represented by the suffixes 1 and 2, and 1 is the frac- 

o , - 





cAtm, 57, 1373 (I93S),58 99 (1930) 
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tion of the foimer solution at a given point m the boundarj’’, the fraction 
of solution 2 ^tII be x, where x vanes continuously from zero to unity, 
if c, IS the concentration of the ith kmd of ion at this point, then 

c, = (1 - a:)c,(ij + xc o, 

^heie c,(i) and c (2) are the concentrations of these ions in the bulk of the 
solutions 1 and 2 , lespectiiely Making use of this expression, and re 
placing activities m equation ( 41 ) bj the corresponding concentiations, 
as an approximation, it is possible to integrate this equation, the result, 
known as the Henderson equation for bqmd junction potentials, is 


(Ui - Vr) - - V,) U[ + 7 ; 

‘ F (c/! + 7;)-(w+f;) ps + v;’ 


( 42 ) 


where U\, 7 i, etc , are defined by 


Ui = S{c+u+)j, Vi = S(c_w_)i, 

U'l s S(c+z+t4)i and V[ = S(c_z_u_)i, 


where C4. and c- lefer to the concentrations of the cations and anions 
respcctn ely, in g -ions per hter, 14 and u_ are the corresponding lomc 
mobilities, and z+ and 2- their lalences, the sufiix 1 refers to the ions m 
solution 1, and similai expressions hold for Ui, Vi, etc in wluch the 10ns 
m solution 2 arc concerned 

The continuous mixture boundary presupposes the complete absence 
of diffusion , since diffusion of one solution into the other is inevitable, 
however, this type of boundaiv is probably unstable It is possible that 
the flomng type of junction considered beloM may approximate m be- 
havior to the continuous mixture type of boundary 

Two special cases of the Henderson equation aie of mteiest If the 
tno solutions contain the same um-univalent electrolyte at different 
concentrations, then 

= l][ = and Fi = Vi = ciu , 

Uo Ui ~ CzU+ and Y% = Y2 — CiU- 


Insertion of these values m equation ( 42 ) gives 


El = 


El 

F 


Cl 

— j Iti- 

-|- XL. C2 


( 43 ) 


Smee 14/(14 + 11-) IS equal to the tiansfeiciice number of the cation, 
1 e , to 4> tliis result is equn aJent to 


E, =(2(+-l)^la^. 


which IS the same as the approximate equation ( 36 ), except that the ratio 
of the aotu ities has been replaced by the raiao of the concentrations 
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Another interesting case is that m which two urn univalent electro 
l)tes having an ion in common, eg, sodium and potassium chlorides, 
are at the same concentration e in these circumstances, assuming the 
anion to be common ion, 

C/i 4= I7i “ cu+(B and = 7( « cu-, 

Ui~ 1/2 - Cl4+(l> ^2= y'i- CW-, 

and substitution m equation (42) gives 


„ , tf-MU +J1- 

•“t “ "17 In 

t Itut) + u_ 

ffr, A, 


( 44 ) 


where Aj and Aj are the equivalent conductances of the two solutions 
forming the junction The resultmg relationship is known as the Lewis 
and Sargent equation,” tests of which will be described shortly 

II The Constrained Diffusion Junction.— The assumption made by 
Planck ” in order to integrate the equation for the liquid junction poten- 
tial IS equivalent to what has been called a “constrained diffusion junc- 
tion”, this IS supposed to consist of two solutions of definite concentration 
separated by a layer of constant thickness in which a steady state is 
reached as a result of diffusion of the two solutions from opposite sides 
The Planck type of junction could be set up by employing a membrane 
whose two surfaces are m contact with the two electrolytes which are 
continuously renewed, m this way the concentrations at the interfaces 
and the thickness of the interm^iate layer are kept constant, and a 
steady state is maintained withm the layer The mathematical treat- 
ment of the constrained diffusion junction is complicated, for electrolytes 
consisting entirely of univalent ions, the result is the Planck equahon, 

= (45) 


where f is defined by the relationship 


IV,- V, 


Cl - (Cl 


V\, Ut, 7i and Yi having the same significance as before 

” Lewi 
Yeh,tttd, 

“ Plane 
Sot , 40 , 12 
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111 the two special cases considered abo\c^ first, two solutions of the 
same eleetrol} teat different concentiations and second ti^ o electrolytes 
with a common ion at the same concentration, the Planck equation 
leduccs to the same form as does the Henderson equation, viz , equations 
(43) and (44), i-espectn ely If appears, therefore, that in these par- 
ticular instances the value of the liquid junction potential does not 
depend on the type of boundaiy connecting the two solutions 

III Free Diffusion Junction — ^The free diffusion type of boundarj is 
the simplest of all m piaclace but it has not yet been possible to cariy 
out an exact integration of equation (41) for such a junction In 
setting up a free diffusion boundary, an mitially sharp junction is formed 
between the two solutions m a narrow tube and uneonstiamed diffusion 
IS allowed to take place The thickness of the transition layer increases 
steadily, but it appears that Ibe hqmd junction potential should be 
independent of time, uithin limits, provided that the cjlmdncal symme- 
try at the junction is maintamed The so called "static'^ junction, 
formed at the tip of a relatn cly narrou tube immersed in a wider vessel 
(cf p 212), forms a free diffusion tjpe of boundary, but it cannot retain 
its cylindrical sjunmetry for any appreciable time Unless the t^o 
solutions contain the same electrolyte, therefore the static type of junc- 
tion gives a vanable potential If the free diffusion junction is formed 
carefully withm a tube, houever, it can be made to gi\e reproducible 
results 

IV The Flowing Junction— In order to obtam reproducible hqmd 
junctions in connection uith the measurement of the e m f ’ s of cells 
mvolvmg boundanes between tno different electrolj tes, Lamb and 
Larson devised the "flowing 
junction ” In the earlier 
forms of this type of junction 
(Fig 68) an upward current 
of the more dense solution was 
allowed to meet a downward 
flow of the less dense solution 
at a point where a horizontal 
tube, leading to an oierflow, 
joined the mam tube The 
lei els of the hquids were so ar- 
ranged that thej flow ed at the 
same slow late, and a sharp boundary was mamtamed withm the hori- 
zontal portion of the overflow tube Experiments with mdicators have 

“Taylor J Phys Chm 31 1478 (1927) 

Ga^enlieim J Atn Chm Soe 52 1315 (1930) 

"iLamb and Laison / Am Chm Soc 42 229 (1920), Macinnes and Ich ikd 
43 2dG3 (1921),Seatclard ^bid 47 696 (192o), Scatchard and Buehrer ibtd S3 o74 
(1931) see also Roberts and Fenwick ibid 49 2787 (1927) Lakliam J Chan Soc , 
179 (1932) Ghosh J Indian Chm Soc 12 15 (1^5) 
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ill 

ehown that the boundary between the two solutions in a good flowing 
junction IS extremely thm With such a junction the potentials between 
two electrolytes having an ion in common can be reproduced to i 0 02 
millivolt Simplified forms of flowing junction have been established 
by allowing the solutions to flow down opposite faces of a thin mica 
plate having a small hole m which the junction is formed {Fig 69) The 



ca plate may e\ en be eliminated and fine jets of the two liquids caused 
to impinge d rectly on one another 

The problem of the flowing junction is too difficult to be treated 
theoretically since the time of contact between the two solutions is so 
small, the extent of diffusion will probably be negligible, and hence it 
has been generally assumed that the flowing junction resembles a con 
tmuous mixture (Henderson) type of boundary On the other hand, ifc 
has been suggested that since the transition layer between the solutions 
IS extremely thm, diffusion is of importance, the flowing junction would 
thus resemble the constrained diffusion (Planck) type of boundary The 
onl) reasonably satisfactory expenmentd determinations of the potential 
of a flowing junction have been made with solutions of the same concen 
tration and having an ion m common, iw already seen, under these con- 
ditions the Henderson and Planck lunctions lead to the same potentials 
Measurement of Liquid Junction Potentials with Different Electro- 
lytes —If the same assumption is made as on page 209, that the potential 
of an electrode reversible with respect to a given ion depends only on the 
concentration of that ion, then m cells of the type 

Ag I AgCl(s) MCl{c) irCI(c) AgCl(5) | Ag, 

where MCI and M'CI, the chlondes of two different univalent cations, 
are present at the same concentration, the total b m f is equal merely 
to the liquid junction potential A number of measurements of cells of 
this form using 0 I n and 0 01 N solutions of various chlondes have been 
made with a flowing junction of the type depicted m Fig 68, the results 
are m fair agreement with those derived from the Lewis and Sargent 
equation (44), as shown by the data m Table XLVI The discrep- 
** Macinnes and Yeh J Am Chm Soc , 43 2563 (IS21) 
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TABLE "avi CALCULATED AND OBSERVED FLOWING JtrscnON POTENTULS AT 2 o® 


Electrobaes 

Concentration 

Liquid Junction Potential 




Observed 

Calculated 

HCl 

KCl 

OiN 

26 78 m\ 

2 So 2 m\ 

HQ 

^aCI 


3309 

33 38 

KCl 

KaCl 


642 

486 

KCl 

LiQ 


876 

762 

^aCl 

KH,C1 


-4.21 

-481 

HCl 

1CH,C1 

OOlK 

2702mv 

27 50 mv 

HCl 

LiCl 


33 7o 

34 56 

HQ 

NH 4 CI 


131 

002 

NaCI 

UCl 


263 

2o3 

LiCl 

CsCl 


-780 

-7 67 


ancies are partlj' due to the assumption that the potentials of the ti^o 
electrodes m the cell are the same, as well as to the neglect of actmtj 
coefficients m the derivation of equation (44) It is possible that the 
method of produemg the flowing junction also has some mfluence on the 
observed results, for example, with 0 1 n solutions of bydrochlonc acid 
and potassium chlonde, a i aluc of 28 00 rav was obtained vith the tjTie 
of junction shown m Fig 69, and 28 27 mv when jets of the hquids were 
allowed to impinge on one another dircctl 3 

Ehmmation of Liquid Junction Potentials —Electromotive force 
measurements are frequently used to determine tbennodj namic quanti- 
ties of vanous kinds m this connection the tendency m recent yeai-s has 
been to employ, as far as possible, cells without transference, so as to 
avoid liquid junctions, or, m certain cases, cells m which a junction is 
formed between two solutions of the same electrolyte As explamed 
above, the potential of the latter type of junction is, within reasonable 
limits, independent of the method of forming the boundary 

In many instances, howei er, it has not yet been found possible to 
avoid a iwNolviag diSeront eleetcolytes If it is required to 

know the e m f of the cell exclusive of the hquid junction potential, two 
alternatives are available either the junction ma} be set up m a repro- 
ducible manner and its potential calculated, approximately, by one of the 
methods already desenbed, or an attempt maj be made to eliminate 
entirely, or at least to mimmize, the hquid junction potential In older 
to achieve the latter objective, it is the general practice to place a salt 
bndge, consisting usually of a saturated solution of potassium chlonde, 
between the two solutions that would normally constitute the junction 
(Fig 70) An mdication of the efficacy of potassium chlonde m re- 
ducing the magnitude of the liquid junction potential is provided b} tlif 
data m Table XLVII, the vdues recorded are the e m f ’s of the cell 
with “free diffusion” junctions, 

Eg I Hg.Cl2(s) 0 1 N HCl xnKQ 0 1 l KCl Hg«a(5) | Hg, 

"3 Guggenheim J Am Chm Soe 52 1315 (1930) see also Fales and Vosburgb 
ibid 40,1291 (1918), rergusonelal.itid, 54 12Sa(I932) 
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TABLE ILvn EFITCT OF SATTIRATED POTASSIOM CHLORIDE 8 OLDT 1 OV OV 
LIQUID JUNCnO'I POTE'JTIALS 


z 

EUP 

X 

EMP 

02 

19 95 mv 

175 

5 15 rav 

05 

12 55 

25 

34 

10 

84 

35 

11 


where x is ^ aned from 0 2 to 3 5 When x is 0 1 the E M f of the cell is 
27 0 mv , and most of this represents the liquid junction potential be- 
tween 01 N h}drochlonc acd and OIn potassium chlonde As the 
concentration of the brid^ solution is increased the E M r falls to a 
small value, which cannot be very different from that of the cell free from 
liquid junction potential 



When it IS not possible to employ pota^um chlonde solution, e g , if 
one of the junction solutions conUios a soluble silver, mercurous or 
thallous salt, satisfactory results can be obtained with a salt bridge con 
taming a saturated solution of ammomura nitrate, the use of solutions of 
sodium mtrate and of lithium acetate has also been suggested For 
non-aqueous solutions sodium iodide in meth}l alcohol and potassium 
'm ViVfh Wm vtu^iuydi 

The theoretical basis of {he use of a bndge containing a concentrated 
salt solution to eliminate liquid junction potentials is that the iocs of thw 
salt are present in large excess at the junction, and they consequently 
carry almost the whole of the current across the boundary The condi 
tions mil be somewhat similar to those existing when the electrolyte 
the same on both sides of the junction When the two was have ap 
proximately equal conductances, i e , when their transference numbers are 
both about 0 5 in the given solution, the liquid junction potential wih 
then be small [cf equation (36o)] The equivalent conductances at 
mfimte dilution of the potassium and chlonde ions are 73 5 and 76 3 
ohms'* cm ® at 25®, and those of the ammonium and nitrate ions are 
73 4 and 71 4 ohms“^ cm * respectively, the approximate equality of the 
values for the cation and anion m ea^ case accounts for the efScacy of 
potassium chlonde and of ammonium nitrate in reducing liquid junction 
potentials 
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A proceduie for tiie elimmataon of hqmd junction potentials, sug- 
gested by Nerast (1897), is the addifaon (rf an indifferent electrolyse at 
the same concentration to both sides of the cell If the concentration of 
this added substance is greater than that of any other electroly te, the 
former will carry almost the whole of the current across the junction 
between the two solutions Since its concentration is the same on both 
sides of the boundary, the hqmd junction potential will be i ery small 
This method of ehimnatang the potentiftl between two solutions fell into 
disrepute when it nas re^ed that the cxce^ of the indifferent electro- 
lyte has a marl ed effect on the activities of the substances im oh ed m the 
cell reaction It has been remved, however, m recent v ears in a modified 
form a senes of cells are set np, each containing the indifferent electro 
lyte at a different eoncentrabon, and the resultmg e m f ' s are citrapo 
lated to zero concentrabon of the added substance 

Concentration CeUs with a Single Kectrolyte* Amalgam Concentra- 
tion Cells — In the concenbabon cells already described the b m p is a 
result of the difference of acbnty oi chemical potential, i e , partial 
molal free energy, of the electrolyte in the two solutions, it is possible, 
however, to obtain concentration cells mtfa only one solution, but the 
activities of the element with respect to which the ions in the solution 
aie reversible are different m the two electrodes A simple method of 
realizing such a cell is to employ two amalgams of a base metal at differ 
ent concentrations as electrodes and a solution of a salt of the metal as 
electrolyte, thus 

Zn amalgam (a:j) | Z 11 SO 4 soln | Zn amalgam (a^), 

the mole fiactioos of ztne in the amalgams being ii and xj, as indicated 
The passage of two faradays through this cell is accompanied by the 
reaction 

at the left-hand electrode, and 

Zn++ -\-2( = Zn(i^) 

at the right-hand electrode Since the concentrabon of zinc ions in the 
solution remains constant, the net change is the transfer of 1 g -atom of 
zinc from the amalgam of concentrabon ti to that of concentration Xs, 
the mcrease of free energy is thus 

d(? = pznp) “ 
at 

where ai and 02 arc the acbvihes of the zme m the two amalgams It 
sliould be noted that in this derivation it has been assumed that the 
molecule and atom of zme are idmibcal 
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The free energy change is also giicn by — 2FE, ^\hG^e ^ is the e u r 
of the cell, so that 


E 


RT, a, 

wK 


(4C) 


In the general case of an amalgam concentration cell in ahich the taicnee 
of the metal is s and there are to atoms m the molecule, the equation for 
the EM F becomes 


E 


SL] £i 


(47) 


This result is of particular interest because it can be used to determine 
the activities of metals in amalgams or other alloys bj e m r measure- 
monta such determinations have been earned out in a number of cases 


If the amalgams are sufBciently dilute, the ratio of the activ ities may 
be taken as equal to that of their mole fractions, i e Ji/it, or even to 
that of their concentrations cifct, m the latter case equation (47) takes 
the approximate form 




RT. f. 
mF 


(48) 


Expenments with amalgams of a number of metals, eg , zinc, lead, tm, 
copper and cadmium have given results in general agreement with equa« 
tion (48), the discrepancies observed arc due to the approximation of 
taking the ratio of the concentrations to be equal to that of the activ ities 
Gas Concentration Cells —Another form of concentration cell w ith 
electrodes of the same material at different activities, employing a single 
electrolyte, is obtained by using a gas, e g , hjdrogen, for the electrodes 
at two different pressures thus 

Hj(pi) I Solution of hydrv^cn ions | IIi(p?)» 

where pi and pj are the partial pressures of hjdrogen m the two elcc* 
trode'i The passage of two faradajs through this cell is accompanied, 
as may be readily shown, by the transfer of 1 mole of hjdrogen gas from 
pressure pi to pressure p3, if the corresponding activities arc Oi and a , 
it 13 found, by using the same treatment as for amalgam concentration 
cells, that the e M f is given by 


E 


R1 . Qi 


(49) 


If the gas behav es ideally within the range of pressures employed, the 
ratio of activities may be replaced bj the ratio of the pressures, hcnco 




« Richards and DanicLi J Am Chm Soc 41 1732 (1919) 


( 50 ) 



GAS CO^CE^TRATIO^ CELLS 


221 


If one of the pressures, e g , pz, is kept constant while the other is \ aned, 
equation (50) takes the general form 

C = ^ In p + constant, (51) 

where p is the pressure that is varied 

According to equation (51) the plot of the e m F of the cell, in which 
one hydrogen electrode is kept at constant pressure while the other 
IS changed, against the log p of the ^a^able electrode should gl^e a 
straight line It is not com enient to test this equation by actual meas 
urement of cells with two hjdrogen electrodes, but an equi%alent lesult 
should be obtained if the electrode of constant gis pressure is replaced 
by another not containing a gas, whose potential does not var} appre- 
ciably with pressure Observations have thus been made on ceUs of 
the type 

H-(p)[Ha(0lM) Hgza(s)[Hg, 

and the results for hydrogen pressures \arying from a partial pressure 
of 0 00517 atm , obtained by admixture with nitrogen, up to 1000 atm 
are depicted m 71, m w'hich the b m p 's of the cells are plotted against 



the loganthm of the h) drogen pressure It is seen that the expected 
linear relationship holds up to pressures of about 100 atm The devia- 
tions from linearity up to 600 atm can be accounted for almost exactly 

^Haiimorth RoTle 5 and Maclnne! / Am Chem Soc 4C, 1437 (1924) Romann 
and Chang BuU Soc chm 51 932 a932) 
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by making allowance for departure of the hydrogen gas from ideal be- 
havior The discrepancies at stiU higher pressure must be attributed to 
the neglect of the influence of pressure on the mercury mercurous chlonde 
electrode 

Since the passage of one mole of ‘ ' 

faradays, as is the case for a mole of 
sisting of two chlonne electrodes at c 
any of the equations denved above 
E M F 's of cells of the type 

Clj(p)lHClE0ln Eg*Cl:(s)IHg 

should be represented by equation (51) with the sign preceding the 
pressure term reversed, because the dilonne yields negative ions, the re 
suiting equation may be put m the alternative form 

E -h ~ lap ‘= constant (52J 

The data m Table \LVIII were obtained vith a cell containing 0 1 n 


TABL£ XLVIII ELEaROUOtlVS FOKCSS OF CHLORlva OAS CEUA AT 2a* 


p 

S 

ht, 


00493 atm 

-10j09 

-00337 

-10596 

00247 

-IW21 

- 00475 

-1(696 

00124 

>■10330 

-00564 

-10S94 

0 0631 

- 10243 

-00650 

- 1 0893 

000293 

-lOlSO 

-00749 

-10S99 


hydrochlono acid, the pressure of the chlorine gas being reduced by ad- 
mixture mth nitrogen, the constancy of the values in the last column 
confirm the accuracy of equation (52) ** 

In the case of aa Qxy^jj cdL the electrode iieactions may be rep- 
resented by 

0* + 2H:0 + 4€^40H' 

so that the transfer of one mole of oiO'gcJi from one electrode to the other 
requires the passage of four faradays The e m r of the cell with tno 
oxygen electrodes at diflferent pressures is then 


(M) 

AF Pi 

if the gas behaves ideally The sign of the e m f is opposite to that of 

“Lewis find Rupert, J Am Chem S«e,33,2S!) (l911),Kameyama eld.J Soe. 
Ckem Ind (Japan), 29, 679 (1926) 
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the corresponding hydrogen cell [equations (49) and (50)] because of the 
opposite charges of the ions Since the oxygen ga= electrode does not 
normally function m a reiersible manner (see p 353), these equations 
cannot be tested by direct experiment 

PBOBLEMS 

1 Determine the reactions tatmg place at the separate electrodes and in 
the complete cell in the following referable cells 

(i) H,(ff)|HCl|a(ff), 

\(ii) HgiHgO(s)2?aOH!H.(ff), 

(ui) Ag(Aga(s)KCIHg-a(s)}Hg, 

and 

(iv) Pb I PbCI«(s)ECI K:SO<PbSOi(s)}Pby{' 

2 De-vise reversible cells m rrhich the over-all reactions are 

(i) Hg + PhO(s) - Ph + HgOCs) 

(u) Zn -j- Eg 804 ( 5 ) - ZnSOi -f 2Hg, 

(lu) Pb -h 2Ha = Pba(s) -h H-(?) , 
and 

(iv) H,(g)-HO.((/)=H.O(0 

3 The follomng values for the b m f of the cell 

Ag j AgBr(8) KBr aq Hg*Br.(s) | Eg 

were obtained by Larson [J Am Chem Soc , 62, 764 (1940)] at various tem- 
peratures 

20* 25* 30" 

>0 06630 006839 0 07048 volt 

State the reaction occumng m the cell /or the passage of one faradaj, and 
evaluate the heat content, free epeip' and entropy changes at 25" 

4 Earned and Donelson [J "Km Chem Soc , 59, 1280 (1937)] report that 
the vanation of the e m f of the cell 

H''(l atra ) 1 HBr(a = 1) AgEr(s) | Ag 
with temperature is repre'^nted by the equation 

E = 0 07131 - 4 98 X 10 - 25) - 3 45 X 10-'(t - 25)" 

Calculate the change in heat contmit m calones, accompanying the reaction 
HjCI atm ) + 2AgBr(s) = 2Ag -f- 2HBrCa = 1) 

at 25° 

5 The reversible cell 

Zn I ZnCb(ci) Eg a(s) ] Hg | Eg a-(s) ZnCh(c^) ] Zn 

was found to bai e an e vi f of 0 09^ v olt at 25° Determine the ratio of 
the mean ion activities of the zinc chlonde m the two solutions 
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C The E.U.F. of the cell 

Hifl atm ) I HBr(m) AgBr(«) | Ag 

with hydrobromic acid at various small molalities (m) was measured at 25* 
by Keston [/. Am Ckm. Soc., 57, 1671 (1935)] who obtained the results 
gnen below; 


m E tn E 

1263X10-’ 053300 lOOMxlO-’ 0 422SO 

1775 0S1616 18 50 0 39667 

4 172 0 47211 37.19 0 36173 

Use these data to evaluate E* for the cell 

7 The following results were derived from the measurements of Earned, 
Keston and Donelson [/. Afft. CAew 5cc, 58, 989 (1936)] for the cell given 
in the preceding problem with more concentrated solutions of the acid. 


m 

B 

m 

E 

0 001 

042770 

005 

023396 

005 

034693 

010 

020013 

001 

031362 

020 

016625 

002 

027855 

050 

0118SO 


Using the ^alue of £* obtained above, deterimne the activity coefBcicnts of 
hj drobronuc acid at the various molalities 

8 The following entropy values at SS” were obtained from thermal meas- 
urements sj\er, 103 cal./deg. per g.'Stom; silver chloride, 23 4 per mole; 
liquid merctify, 178 per g-atom; and mercurous chloride, HgjClj, 46.4 per 
mole The increase in heat content of the reaction 

Ag(i} ri* SHg,a(a) - AgCl(*) + Hg(0 
IS 1,900 cal. Calculate the E.M.r. of the cell 

Ag|Aga(it)KCIaii HgiChWlEg 

and its teraperature coefficient at 25". 

9. Abegg and Gumming [Z. EUktrochem , 13, 18 (1910)] found the e.u f. 
of the cell with transference 

Ag I 0.1 K AgNOj * 0.01 s AgNO* | Ag 

to be - 0 0590 volt at 25". Compare the result with the calculated value 
using the foUowing data: 

01 NAgXO, /± = 0733 4« 0468 

0 01 " 0 892 0 465. 

10 The E.ii F.'s of the cell with transference 

Ag I AgCl(>) O.I h HCI HCl[c) AgCl(s) j Ag 

at 25®, and the transference numbers of the hydrogen ion in the hydrochlonc 
acid of concentration c, are from the work of Shcdlovsky and Maeinnes [«f. Am 
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cXlO* 

S 


34468 

0136264 

> 08234 

5 259 

0118815 

4 08239 

10 017 

0092529 

J 08251 

19 914 

0064730 

08266 

40 492 

0036214 

0 8286 

59828 

omm 

08297 

78 076 

0009948 

0 8306 

100 000 

— 

08314 


Utilize these data to calculate the activity coefficients of hydrochloric acid at 
the several concentiations 

11 If the D M F of the cell 

Hg I Hg,Ch(s) 0 01 N KCl 0 01 N KOH 0 01 w NaOH HgO(s) 1 Hg 

IS Zf, calculate the value of the e m P at 25® free from liquid junction poten 
tials, using the Lewis and Sargent formula 

12 The E sr F ’s of the cells 

Zn in Rg(ci) J ZdSO< aq ) Zn in Hg(c 2 ) 

were measured by Meyer [Z physd Chem , 7, 447 (1891)] who obtained the 
ensuing results 

Temp Cl Cl T 

116* 1130X10' 3366 X 10 * 00419 volt 

600® 60SX10‘ 2280X 10 * 00520 

Assuming tlie amalgams are dilute enough to behave ideally, estimate the 
molecular Height of zinc m the amalgams 

13 The E M F of the cell 

Cl3(l atm ) 1 HCI aq AgCl(fi) | Ag 

IS - 1 1364 volt at 25® The Ag, AgCI(a) electrode may be regarded as a 
chlonne electrode with the gas at a pressure equal to the dissociation pressure 
of silver chloride, calculate the value of this pressure at 25® 
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Standard Potentials — ^Tien all the substances taking part m a reac- 
ton in a rerer^ibJe cell are m their standard states, i e , at umt act nty, 
the E ir F IS the standard value E* for the gl^ ea cell If the reaction 
under consideration occurs for the passage of a farada^*s then the stand 
ard free energy change Aff® is equal to — nPE®, hence b) equation (23), 
page 137, Tnth all the aetinties equal to unity, 

— At? = nFE^ = RT In K, (1) 

where K is the equihbnum constant of the cell reaction If the reactants 
and resultants are at anj arbitral} concentrations, or activities the 
E ii F IS E and the corresponding free eneigj change for the reaction A(? 
IS equal to - nFE it follows, therefore, from equation (22), page 136 
that for the reaction 


aA + 6B+ :=fL + mM + 


occumng in the cell for the passage of n faradaj-s, 


-lG^RT\aK--RTh 




nr 


( 2 ) 


This IS the general equation for the £ u f of any re' ersible chemical cell 
in which the reactants and resultants are at any arbitrary actnities 
Oi, Ob, and ol, ow, , respectii el} 

Since is related to the equihbnum constant of the reaction, it can 
clearly be regarded as equal to the difference between two constants 
EJ and ES characteristic of the ‘separate electrode reactions which to- 
gether make up the process occurring in the cell as a whole Further, 
the actmt} fraction may also be separated into two corresponding parts, 
so that equation (2) can be written as 


where oi and oj are the actmty terms apphcable to the two electrodes 
and Pi and pi are the numbers of molecules or ions of the corresponding 
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species involved m the cell reactioii The actual e m r of the cell can 
similarly be separated into tiie separate potentials of the electrodes, if 
these are represented by Ei and Ei, it is evident that they may be identi- 
fied, respectively, with the quantities m the two sets of parentheses m 
equation (3) In general, therefore, it is po^ible to wntc 

(4) 

for the potential of an electrode m terms of its standard potential (E?) 
and the activities of the species involved m the electrode process It is 
evident from equation (4) that the standard potential is the potential of 
the electrode when all of these substances are at unit activity, i e , in 
their standard states 

The application of the procedure outlmed above may be illustrated 
with reference to the reversible cell 

Ml atra)|HCl(c) AgCl(«}|Ag, 
in which the reaction is 


^Hj(l atm ) -I- AgCKfi) = H+ + Cl" + Ag(s) 

for the passage of one faraday The appropriate form of equation (2) 
m this case is 


r olOAtCl 

The individual electrode reactions (cf p 195) are 

(1) JHiCl ata ) - + <, 

(2) AgCl(s) + e = Ag(s) + CI-. 
so that equation (5) may be split up as follows 

\ ^ ^ \ ^ OAsttci / 


( 5 ) 


and 


and 


P 4, 

/ OarOci 


(6o) 

( 65 ) 


The standard state of hydrogen is the ideal gas at 1 atm pressure, and 
the standard states of silver and silver chlonde are the sohds, it follows, 
therefore, that m this particular case ohjj «Agci and cab are umty, so that 

n* = H* ■" ^ Oh* C^®) 
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and 


RT 

^AfrAiaa * £AfcAfaa' + “^lncia , 


at) 


where the terms are the staadard potentials of the H,(l atm), lig- 
and Ag(i), AgCl(?), Cl electrodes It is seen, therefore, that in the tell 
under consideration the potential of each electrode depends onlj on the 
actmt) of one ionic species, apart from the standard potcntii of the 
system 

^ ' and (76) maj be erpressed in a 

all tj-pM? u^ng the terms ‘W 
■ ost general sense (cf p ISC), the 

potential of the electrode at which the reaction is 

Reduced State5=i Ondired Stale + n Electrons, 


isgucn by 

^ ^ RT , (Oxidized Stale) 

„/-*'>(jjeduccd State) 

In the electrodes already considered the hydrogen ions and the sihcr 
chlondc represent the re^pocti'O oxidized states, whereas hydrogen gas, 
in the fir^t case, and siher and chlonde Ions, in the second case, are the 
corresponding reduced states For any electrode, therefore, at which 
tbs reaction occurring is 

oA + 6B + s= i\ •}- yl + • i-nt, 

the general expression for the electrode potential is 


If the electrode is one constsUng of a metal M of \ alence r+, rci cr?iblc 
with respect to JI'» ions, so that the electrode reaction is 




the equation for the potential takes the form 


E, 


= £*- 


RT. Oil* 
~-=ln ' — > 
f+T Cm 


{8a) 


where Oii IS the actnit> of the solid metal and Cm* is that of the cations 
in the solution w ith which the metal is m equilibrium By com cntion, the 
solid state of the metal is taken as the standard state of unit actnit), 
for an electrode consisting of the pure metal, therefore, om maj be re- 
placed by unit) so that equation (8a) becomes 


RT 
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For an electrode mvohmg a substance A wbcb is reversible with 
respect to the anions , the electrode reaction is 


A r— A -f- 


the electrode material now bemg the oxidized state whereas the anions 
represent the reduced state, the equation for the electrode potential is 
then 


Z F dK 


As before, the activity ca of the substance A m the pure state, or if A is 
a gas then the actn ity at 1 atm pressure, is taken as unity so that 
equation (9a) can be written as 


Ca 


• ^ In Qa 


{%) 


The general form of equations (9fl) and (9b) for any electrode revers- 
ible with respect to a single ion of \ alence z± ^ readily seen to be 




zj' 


In a,, 


( 10 ) 


where a is the activity of the particular ionic species, m this equation 
the upper signs apply throughout for a positive ion, while the lower signs 
are used for a negati\ e ion 

For practical purposes the value of i e , 8 313 joules, and F, i e , 
96,500 coulombs, may be inserted m equation (20) and the factor 2 3026 
mtroduced to convert Napenan to Brggsian logarithms, the result is 

T 

= 19835 X 10 ^ — logo, (10a)* 


At 25° c , 1 e , 298 16° k , \ihich is the temperature most frequently 
employed for accurate electrocheimcal measurements, this equation 
becomes 


E± = l?^ 


005915 


logo, 


Individual Ion Activibes —The methods described in Chap V for the 
determination of the activities or activity coefficients of electrolytes, as 
well as those dependmg on vapor pressure, freezing-pomt or other osmotic 
measurements, give the mean values for both ions into which the solute 

* A convenient form of this equation for approximate purposes is 
T 

jE± -£• T 0 0002 — log 
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dissocntc'! The question therefore, anses as to Mhethor it is possible 
to determine indtvidud ion activitie*! cxpcnmenially An examination 
of the general equation (41), p 211, or anj of the other exact equations, 
for the liquid junction potential, that this potential is apparentlj 
determined by the actmUes of the individual ionic species, hence, if 
liquid junction potentials could be measured a possible method would 
be axailable for the evaluation of angle ion activities It should be 
emphas zed that the so-called experimental liquid junction potentials 
recorded in Chap VI were based on an assumption concerning individual 
ion actuities, e g , that the activity of the chloride ion is the game in all 
solutions of uniialent chlondes at the same concentration, they cannot, 
therefore, be used for the present purpose 

The same point can be brought out m another manner The e u f 
of the cell with transference 


Ag I AgCI(s) Ka(ci) KClfc) AgClfs) i Ag 


13, according to equation (25), page 203, 




whereas the liquid junction potential, as given by equation (35), page 
208, is 


» - 24 “S' m ■“ •f' “S' in ' / "f I 
^ * F ai F (cci )i 


(II) 


If the ratio of the activities of the chloride 10 ns were known, the value 
of the liquid junction potential could be denved prcci^clj from equation 
(11), provided the ewf of the complete cril, le , were measured 
Although it IS true, therefore, that the individual ion activities miglit bo 
evaluated from a knowledge of the liquid junction potential, the latter 
can bo obtained onlj if the single lon activities are known 

A further possibility is that by a suitable device the liquid junction 
potential might bo eliminated completely, le, E^ might be made equal 
to zero, under these conditions, therefore, equation (II) would give 


F (oci')i 


( 12 ) 


and so the individual activities of the chloride ion at different concen- 
trations might bo obtained by using an extrapolation procedure similar 
to that employed m Chap VI to determine mean activities It is doubt- 
ful, howe\er, whether the results would have any real thermodinanuc 
significance, the apparent individud ion activities obtamed in this manner 
are actually complicated functions of the transference numbers and 
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activities of all the ions present, including those contained m the salt 
bndge emploj ed to eliminate the liquid junction potential It is possible 
that as a result of a cancellation of vanous factors, these activities are 
virtuallj equal numerically to the individual activities of the ions, but 
thermodjTianncally they cannot be the same quantities ^ 

Arbitrary Potential Zero The Hydrogen Scale — Smce the smgle 
electrode potential [cf equation (10)] involves the activity of an mdi- 
vidual lomc species, it has no strict thermodynamic significance, the use 
of such potentials is often convement, however, and so the difficulty is 
overcome by defimng an arbitrary zero of potential The defimtion 
widely adopted, following on the ongmal proposal by Nemst, is as 
follows 

Th e potential of a reie r-^ibl e hidrogen elec trode with gas at one 
afmb^here pressure m equilibrium with a solution ot hydrogeuTofe at 
umFactiMty SalFbe t^en as zerci at all temperatures 
— \ccordmg to“tEs defimtion the standard potential of the hydrogen 
electrode is the arbitrary zero of potential [cf equation (7c)] electrode 
potentials based on this zero are thus said to refer to the hydrogen scale 
Such a potential is actuallj the e si f of a cell obtained by combmmg 
the given electrode with a standard hj drogen electrode, it has, conse 
quently, a definite thermodynamic value For example, the potential 
(^ on the hj drogen scale of the electrode M, M'*(a\i+), which is revers- 
ible with respect to the 2-1 alent cations M“, m a solution of activity cm*, 
IS the E M p of the cell 

U i hP*(aM*) H+(an* = 1) | H^d atm ) 

free from liquid junction, or from which the liquid junction potential 
has been supposed to be completely eliminated 

The reaction takmg place m the cell is 

M + 2H+(aE* = i) = jM”(ay ) + 2 -zH:(l atm ), (13) 

and the change of free energy is equal to — zFB 1 olt-coulombs If c\i 
IS equal to unity , the potential of the electrode is and the free energy 
of the reaction is - zFE°, this quantity is called the standard free energy 
of formation of the M** lor^, although it is really the mcrease of the free 
energy of the foregoing reaction with ail substances m their standard 
states 

If the electrode is reversible with respect to an amon, e g , X* , as m 
the cell 

X j X* (ax ) H+(aii+ = 1) 1 H 2 (l atm ), 

the reaction is 

X' {a\ ) + 2 H+(ch* = 1) X + atm ), (14) 

iTajIor J Phy$ Chem 31 1478 (1927), Gnggenheim 33 842 1540 17o8 
( 1929 ), see also Phil Mag 22,983(1936) 
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and the standard free energy increase is - sFE° This is the standard 
free energy of discharge of the X* ions, and hence the standard free 
energy of formation of an anion is +zFE^, where £" is its standard 
potential 

Sign of the Electrode PotentiaI,=*pie convention concerning the sign 
of thu E w 11 ' uf u (p 1^, m conjunction with the inter- 

pretation of single electrode potentials just given, fixes the convention 
as to the sign of electrode potentials The b m f of the cell 

M I M+M H+K* « 1) 1 H*(l atm ) 
will clearly be equal and opposite to that of the cell 

Hi(l atra)tH^(afl» = l) M+(aM^) | M, 

so that the sign of the potential of the electrode when wntten Af, Af+ 
must be equal and opposite to that wntten M"*", M In accordance with 
the convention for s u F % the positive sign as applied to an electrode 
potential represents the tendency for positive ions to pass spontaneously 
from left to ngbt, or of negative ions from right to left, through a cell in 
which the electrode is combined with a hydrogen electrode The poten- 
tial of the electrode M, M* represents the tendency for the metal to 
pass into solution as ions, i e , for the metal atoms to be oxidized, whereas 
that of the electrode M*, M is a measure of the tendency of the sons to 
be discharged, i e , for the ions to be reduced A 

Subsidiary Reference Electrodes: The Calomel Electrode —The de- 
terramation of electrode potentials involves, in pnncip|e the combination 
of the given electrode with a standard hydrogen electrode and the meas- 
urement of the E M F of the resultmg cell For various reasons, such 
as the difficulty m setting up a hydri^en gas electrode Vnd the desire to 
avoid liquid junctions, several subsidiary reference electrodes, whoso 
potenfiais are known on the hydrogen scale, have been devised The 
most common of these is the calomel electrode, it consists of mercury m 
contact with a solution of potassium chlonde saturated with mercurous 
chloride Three different concentrations of potassium chlonde have 
been employed, viz , 0 1 n, J 0 n and a saturated solution By making 
use of the standard potential of the Ag, AgCl(s), Ch electrode described 
below, the following results have been obtained for the potentials on the 
hydrogen scale of the three calomel electrodes at temperatures in the 
\ucimty of 25“ * 

Hg, HgtChW 0 1 N KCl - 0 3338 + 0 00007 (( - 25) ^ 

Hg HgjCls(«) J 0 N KCl - 0 2800 + 0 00021 {t - 25) ^ 

Hg, HgjChCs) Saturated KCl — 0 2415 + 0 00076 (t 25) 

These values cannot be regarded as exact, since m their derivation it has 

been necessary to make allowance for liquid junction potentials or for 
’Hamer, Tram Ekclrockem iSoe,n, 45(1937} 
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Single ion actiinlies, the calomel elcebvdes are, however, useful m con- 
nection with vanoug aspects of electrochemical work, as will appear in 
this and later chapters (see p 349) The electrode with 0 1 n potassium 
chloride is preferred for the more precise measurements because of its 
low temperature coefficient, but the calomel electrode with saturated 
potassium chloride is often employed because it is easily set up, and when 
used m conjunction with a saturated potassium chlonde salt bndge one 
liquid junction, at least, is aioided 

Various types of vessels have been d^enbed for the purpose of setting 
up calomel electrodes, the object of the special designs is generally to 
prevent diftusion of extraneous electiolytes into the potassium chloride 
solution In order to obtain reproducible results the mercury and mer- 
curous chlonde should be pure, the latter must be free from mercuric 
compounds and from bromide, and must not be too finely divided 
A small quantity of mercury is placed at the bottom of the lessel, it is 
then covered with a paste of pure mercurous chlonde, mercury and 
potassium chlonde solution The vessel is then completely filled with 
the appropnate solution of potassium chlonde which has been saturated 



Fig 72 Forms of calomel elcctfode 



with calomel Illectncal coimeetion la made by means of platinum wire 
sealed mto a glass tube, or through the of the vessel The method 
employed for connecting the c^omel electrode to another electrode so as 
to make a cell whose b m f can be measured depends ou the type of 
electrode vessel In the special form used by some workers, Vig 72, 1, 
this purpose is served by a side tube, sealed mto the mam vessel, while 
in the simple appaiatus, consisting of a 2 or 4 oz bottle, often employed 
foi laborator}^ work (Pig 72, II), a siphon tube provides the means of 
connection The compact calomel electrode of the type used with many 
commercial potentiometers is dipped directly into the solution of the 
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other electrode sj’stem electncal connection between the two 'jolutioos 
occurs at the relati^ ely loose ground joint (Rg 72, III) 

The Sflver-Sflver Chlonde Becbode— In recent jears the silver 
siher chloride electrode has been frequentl> emplo}ed as a reference 


of the Ag AgCl(s) Cl electrode is obtained as follows the EiiF of 
the cell 

H,fl atm ) I H+CI AgCI(«)|Ag 

where the actint es of the hj drogen and chloride ions in the solution of 
hydroctlonc acid bare arb trar 3 values sgivenhj equation (5), as 

RT 

E ^ E^-y-\haR*aci (15) 

s nee the hj drogen silver and sill er chlonde are re their standard states 
Eeplacing the product ou ac\ b) where a is the mean actintj of the 
hj drochlonc acid equation (J5)bcwmef 

£ = £*-— In 0 (16) 

This equation is «een to be identical with equation (14) of Chap IT 
and m fact the denied on page 201 bj 'uitable ettrapolation of the 
EJiF data of cells of the tj-pe shown aboie, containing h)dfochlonc 
acid at different conceatrat ons, is identical with the £“ of equations (15) 
and (16) It follows therefore, that thestandard E ai F of the cell under 
consideration is + 0 2224 roll at 25* and hence the standard E U r ol 
the corresponding cell with the electrodes reversed, i e 

Ag)AgCl(3) HK:1-1H,(1 atm) 

is - 0 2224 lolt * B} the conveation adopted here, this represeata the 
standard potential of the siher-silver chlonde electrode hence 

Ag I AgCl(3), CI“(oa =1) = ~ 0 2334 1*011 at 25* 

If the potential of this electrode is required in an} arbitrary chlonde 
solution, an estimate must be made of the chlonde ion aetintj of the 
latter the potent a! can then be calculated by means of equation (75) 
Several methods have been described for the preparation of silver 
silver chlonde electrodes a smaQ sheet or short coil of platinum is first 
coated with sih er h} electrolysis of an argentocyanide •solution and tbs 
is parti} coQv erted into silv er chlonde bv using it as an anode re a chlonde 
solution Alternatively a spiral of platinum wire may be covered with 
a paste of «iilv er otide iv Inch is reduc^ to finely dinded silv er by heating 
‘HwnedandEIilers J Am ChenuSoe « ISoO (1952), SS 2179 {1933) 
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to about 400°, the silver is then coated with silver chloride by electrolysis 
in a chloride solution as in the previous ease A third method is to 
decompose by heat a paste of silver chlorate, silver oxide and water 
supported on a small spiial of platinum wire, in this way an intimate 
mixture of silver and silver chloride is obtained It appears that if 
sufficient time is permitted for idle electrodes to ‘ age,” the three methods 
of preparation give potentials which agree within 0 02 millivolt ^ 
Electrodes similar to that just descnbed, but mvolving bromide or 
iodide instead of chlonde, have been employed as subsidiary reference 
electrodes for measuiements m bromide and iodide solutions, respec- 
tively They are prepared and then standard potentials (see Table 
XLIX) are determined by melbods precisely analogous to those em- 
ployed for the silver silver chlonde electrode ^ 

Sulfate Reference Electrodes — For measurements m sulfate solu- 
tions, the electrodes 

Pb(Hg)|PbSO,(a),SOr 

and 

Hg[Hg,S04(fi),S0r- 

have been found useful, their standard potentials may be determined 
by suitable extrapolation, as in the case of the silver-silver chlonde elec- 
trode, or by moasunng one electrode against the other ® The best 
values are 

Pb(Hg) I mOM, BOx-{aso, =1) £“ *= + 0 3505 at 25“ 
and 

Hg I HgiSO^Cs), SOi-(aso, =1) - - 0 6141 at 25“ 

If the electrodes are required for use as reference electrodes of known 
potential m sulfate solutions of arbitrary activity, an estimate of this 
activity must be made 

Detenmnatiou of Standard Potentials Zme —The procedure adopted 
for determimng the standard electrode potential of a given metal or 
non metal depends on the nature of the substance concerned, a number 
of examples of different types will be described in order to indicate the 
different methods that have been employed 

When a metal forms a soluble, highly dissociated chlonde, e g , zinc, 
the standard potential is best obtamed from measurements on cells with- 
out liquid junction, viz , 

Zn 1 ZnChCm) AgGl(s) | Ag 

‘ Smith and Taylor J Res Nat Bur Stiatdards 20 837 (1938), 22, 307 (1939) 

^ Keston, J Am Chem Soc , 57 1671 (1935) Earned Keston and Donelson iM 
58 989 (1936), Owen ibid 57 1526 (1936), Cann and Taylor, ibid 59, 1841 (1937), 
Gould and Vosburgh ibid 62 2280 a«0) 

* Shrewder and Cowperthwaite Am Ckem Soc, 56 2340 (1934), Earned and 
Hamer iM 57, 33 (1935) 
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The cell reaction for the paSiageof tno faraJa\3 la 

Zn(A) + 2\gCm « Ag(A) + Zn++ + 2C1-, 
and the E y P according to equation (2), is 




KT OiiQza**ac i‘ 


(IT) 

Since the ime, siher chlondeand ah or are present as ‘^olids, and hence 
are m their standard states, their activities arc unitj , hence, equation 
(17) becomes 

f: = £*-^lnoz.*a5,- (18) 


Tic fitandard E u r of the cell, i c , £*, is equal to the djffcrcnrc hciirfca 
the standard potentials of the Zn, Zn++ and Ag, AgCK®), Cl’ clectrodos, 
the \aluo of the latter is knoira - 0 2224 \olt at 25”, and hence if C* 
of equation (18) were obtained the standard potential £?*.*,♦• would 
be anihble The e\ aluation of £’® is earned out b} one of the methods 
dc«cnbcd in Chap M in connection with determination of octmtics and 
actuitj coefficients, the problem m the latter ease is to c\flluflte h* for 
a particular cell, and this is obxiousi) identical with that involved in tlia 
estimation of standard potentials ® 

Other Bivalent Metals ~Thc standard potentials of a number of 
bn alcnt metals forming hight> dissociated soluble sulfates, c g , cadmium, 
copper, nickel and cobalt, as well as zinc, lia;c been obtained from cells 
of the tj^ic 

M I Ai>+sor(«) Pbso,(s) I rb(irg) 

and 

M|M++SOr(in) ngm(«)|iig 

The extrapolation procedure is in principle identical with that noted 
abosc, and since tie standard potentials of the electrodes Pb(ng), 
PbSOi(«), SOT" and Ifg, HgtSOd*), SOi’ are known, the standard 
potential of the metal M can be evaluated In several eases the ehp 
data for dil itc solutions are not easil) obtainable and conscqucnfl) the 
extrapolation is not reliable It is apparent, how e\ cr, from measurements 
in moderate!} concentrated solutions that the sulfates of copper, nickel, 
cobalt and zinc behave in an c\actl} parallel manner, and hence (he 
mean actn it} coefficients are probabl} the same in each case The 
values for zinc sulfate are known, since e u p measurements have been 
made at lufficicntl} low concentrations for accurate extrapolation and 
the evaluation of E® to be pof«ibIc %e assumption is then made that 
the mean activit} coefficients arc equal m the four sulfate Rolutions at 
equal ionic strengtlis It is thus possible to derive the appropriate values 

*Sat<;[iardw<lTefft J inChm Soc.Sl 2272 (1030), Getraw J Wyi Chm^ 
35 2749 (1931) 
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of S**, for the cells mvoKniig copper, nickel or cobalt sulfate, directly 
fiom the E M F measurements by means of the equations 

E = S'" — “ In (4i+*aso^ 

RT RT 

= S“-~lnm±-'^ln7i, (19) 

■n hich are applicable to the sulfate cells, m this instance wi± is equal to 
the molality m of tlie sulfate solution 

The Alkali Metals — The alkali metals present a special cas® m the 
detenmnation of standard potentials '?mce these substances attack water, 
the difficulty has been overcome by making measurements m aqueous 
solution wth a dilute amalgam nhicfi reacts sIowIyiMth water (cf p 198), 
and then companng the potential of the amalgam wnth that of the pure 
metal m a nou-aqueous medium with which it does not leact ® 

The B w F of the stable and reproducible cell 

Na (metal) | Nal in ethylammc 1 0 206% Na(Hg) 

IS + 0 8449 volt at 25®, independent of the concentration of the sodium 
iodide solution, since tlie process occurnng in the cell is merely the 
tiansfer of sodium fiora the pure metal to the dilute amalgam, the poten- 
tial must also be independent of the nature of the solvent or solute The 
L M r of the cell 


0 206% Na(Hg) 1 NaCl aq 1 022 ai Hg 2 Ch(s) 1 Hg 
IS + 2 1582 volts at 25°, and hence that of the combination 
Na I' NaCl aq 1 022 m irg-Cfi(s) f Hg 
IS + 3 0031 volts The reaction occuiimg m this cell is 
Na{s) + JHg,Cl 2 (s) = Hg{0 + Na+ + Cl", 
for the passage of one faraday, and so the b m f is represented by 


RT, 

E = E° - -pin flKa^aci 

2Rr, 2f£T, 

= Eo --jrJa T±» 


(20) 


« Lewis and Kraus J Am Ckm Soc, 32 1459(1910), Armbruster and Crenshaw 
iJwf 5<5 2525 (1934), Beat and Swift, 58, 2216 (I9S6), Bent, Forbes and Forsiatj, 
tW,61,709 (1939) 



where the mean Eolahtr mj, is equal to the molahty m of the axEaa 
chloride eolution. The rnola* ‘ ^ * ; ■ 

centratioa the mean activity ■ ‘i . ' . 

other measurements (Chap M’’ - <■ i ■ ■ ■ ■ , ■ . : 

equation (20) that jp’ is -h - »-o iwi ai Ij . lue ‘-landard poteotiil 
of the electrode Hg, HgsCT'(«), C!~ is — 0 2CS0 volt,* and so the stand* 
ard potential of the sodium electrode is gii ec by 

Na I NVfo'r.* = 1). P = + 2 7146 \oIh, at 25’ 

Cells with liquid Jnnctioii.^In the cases described aboi e it has breu 
posable to utflire cells without liquid junctions, but tins is not alwan 
feasible the suitable salts may be spannglv soluble, the^ maj hvdmlyre 
in solution, their dissociabon maj be uncertain, or there may be o^er 
reasons which male it impossible, at least for the present, to avoid the 
Uoe of cells with liquid junctions In such amim^ances it is desiray* 
to cboo«e, as far 35 possible, relativelj simple junctions, e g , behitea 
two electrolytes at the same concentration containing a common ion or 
between two solutions of the same electrohle at (Afferent concentrations, 
so that their potentials can be calculated with fair accuraev, as shown in 
Chap 

The procedure mav be lUirtrated with reference to the dcternnnatioa 
of the standard potential of diver, of which the onlr convenient alt for 
eipenmenta! purposes is the nitrate. Smee the mo*t reliable referena 
electrodes contam solutions of halides, it is necessniy to interpose a bndae 
solation between them, the result is 

Ag I ^VO,(0 1 \) KSOtiO I n) * KCI[0 1 ^) HgiCI.[«) I He, 

in which the liquid junction, indicated bv (he dotted lines, we both of 
the type to which the lewis and Stigcnt equation is applicable The 
ELU F of the complete cell is — 03992 volt and the sum of tie Lqiad 
junction potentials is calculated to be r 0 0007 volt, "O that tie ejt r 
of the cell 

Ag I AgXOi(0 1 N) II Ka(0 1 ^) n5..Cl:[*) I Hg, 

where the double vertical line between the two solutions i* used to imply 
the complete elimination of the liquid junction jxitcntjal, is ’ 0^992 
-f 0 0007, Le., ^ 0^9S5 volt at 25* Tlie potential of the Hg, 

KC](0 1 \) electrode is known to be - 0^338 volt (p .232) and so that 
of the -Ag, AgNOj(0 1 \) electrode is *- 0 7323 volt. The potential of 
the er electrode may be represwted by means of equation (9) as 

D’p 

£ = £S.i.--7rln(iv. (-‘I 

•Ihs rahic is obtaioed br utilizing the observatioa thst the jnteatal* of th* 

Hg HgXns{j)aBdig,AgCl(dekctro<ie5iatfae8ajaechbndeajIiil»ai5cfhyOJMj6 

volt tt 25*. 
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and although E is known, the activity of the silver ions m 0 1 n silver 
nitrate is, of course, not available It is accessary, therefore, to make 
an assumption, and the one commonly employed is to take the activity 
of the silver ions m the alvo* mtrate solution as equal to the mean 
activity of the ions in that solution The mean actmtj coefficient of 
0 1 N silver nitrate is 0 733, and so the mean activity wkch is used for 
(Ia,e+ xn equation (21) is 0 0733 Smee Eis - 0 7823 volt, it is readily 
found that ar’ is - 0 7994 \olt at 25^ 

Halogen Electrodes —The determination of the standard potentials 
of the halogens is simple in principle, it involves measurement of the 
potential of a platinum electrode, coated with a thin layer of platinum 
or indium black, dipping in a solution of the halogen acid or a haiide, 
and surrounded by the free halogen The uncertainty due to liquid 
junction can be avoided bv employing the appropriate silver-silver halide 
or mercury-mercurous halide electrode as reference electrode In prac- 
tice, however, difficulties anse because of the possibility of the reactions 


and 


Xj-hHjO- HXO + H+ + X- 


where X 2 is the halogen molecule, the former reaction occurs to an 
appreciable extent with chlonne and bromine and the latter vith bro 
nupp and lodme The first of these disturbmg effects is largely elimi- 
nated by using acid solutions as electrolytes but due allowance for the 
removal of halide ions in the form of perhahde must be made from the 
knoivn equilibiium constants 

The electrode reaction for the system Xi, X“ is 


X- = JX, + e, 

0 that by the arguments on page 228 the electrode potential is given by 


the equation 




( 22 ) 


For chlonne and bromine the standard states may be chosen as the gas 
at i atm pressure, and if the gases are assumed to behave ideally, as will 
be approximately true at low pressures, equation (22) can be wntten m 
the form 

nm pm 

E = Ex,z — + 'jrlDOx-, (23) 


where px, is the pressure of the gas Jn atmospheres 
In the cell 

Ch(p) I HCl soln E^]2(5)}Hg 
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the reaction for the passage of one fanwiay is 

|Hg,CI,(i) = Hg + ’C],{p) 

80 that the E K p , which w independent of the nature of the elcctrdytc, 
provided it is a chlonde solution is given by 


R7 

E^E‘--^lnpa„ 

(a) 

RT 

£"»£ + '^kpa, 

(25) 


The standard e u r of this cell as given by equation (25), with the 
pressure m atmospheres, is the difference between the standard potentials 
of the Cli(I atm ), Cl" and the Hg, HgtCIi(«) Cl- electrodes, since the 
latter is known to be - 0 2680 aolt at 25“, the \aliie of the former could 
be obtained provided E° of the cell under consideration were available 
This cell IS, in fact, identical with the one for which measurements are 
given on page 222, and the results m the last column of Table XLYIII 
are actually the \ alues of P required by equation (25) above It follows, 
therefore, taking a mean result of - 1 090 volts at 25® for (hat the 
standard potential of the chlorine electrode is - 1 090 - 0 2680 i e , 
- 1 35S volts at 25“ 

The standard potentials of bromine and iodine have been determined 
by somewhat similar methods, with bromine the results ere expressed 
m terms of two alternative standard states viz the gas at 1 atm pressure 
or the pure liquid The standard state adopted for iodine is the eolid 
state, so that the solution is saturated with respect to the solid phase ' 
The standard potential of fluonne has not been determined by direct 
expenraent but its value has been calculated from free energies denved 
from thermal and entropy data ** 

The Oxygen Electrode —The standard potential of the oxygen elec 
trode cannot be determined directly from e ir r measurements on account 
of the irreversible behavior of this electrode (cf p 3o3), it is possible, 
however, to derive the value m an indirect manner The problem is to 
determine the e m p of the cell 

H)(l atm ] 1 H+(aH- = 1) [[ OH-(flor = 1) 1 Ojfl atm ), 
m which the reaction for the passage of two faradajs la essentially 
Hi(l atm ) + jOifl atm ) HiO(/) 

The object of the calculations is to evaluate the standard free energy 

’ Lewis and Storch / Am Ckm Soe 39 2544 (1917) Jones and Baeckstrflni, 
iW.Se 1524 (1934), Jones and Kaptui iW SO 2066(1928) 

” Latimer J Am Chm Soc 48 2868 (1926), see also (jiaeatone Text-Book of 
Physical Chenustiy 1916 p 993 
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(AG^) of this process, for this is equal to - 2FE°, where is the standard 
E M F of the cell 

According to equation (1), 

A9‘=~RThiK, 

where K for the given reaction is defined by 


K 



(26) 


The activity of liquid water is tahen as unity, since this is the usual 
standard state, and the actnibes of the h)drogen and oxygen are repre- 
sented by their respectue pressures since the gases do not depart appre- 
ciably from ideal behavior at low pressure, hence, equation (26) may be 
wntten as 



(27) 


From a study of the dissociation of water vapor mto hydrogen and 
oxj gen at high temperatures, it has been found that the variation with 
temperature of the cqmhbnum constant Kp, defined by 


can be represented, m terms of the free eneigy change, by 

AG° - ~ 57,410 + 0 94rin r -I- 1 65 X - 3 7 X 10 3 923’ 

If the relationsbp may be assumed to hold down to ordinary tempera- 
tures then at 25®, 

- RT\n Kp ^AG^'= - 54,600 cal , 

and this is the free energy mcrease accompanying the conversion of one 
mole of h) drogen gas and one-half mole of oxygen to one mole of water 
vapor, ail at atmospheric pressure For the present purpose, however, 
the free energy required is that of the conversion of hydrogen and oxygen 
at atmospheric pressure to liquid water, i e , to water vapor at 23 7 mm 
pressure at 25® The difference between these free energy quantities is 


23 7 

RT In -rTT = — 2,050 cal at 25®, 
760 


and hence the AG** required is — 54,600 — 2,050, i e , — 56,650 cal 
An entirely different method of arriving at this standard free energy 
change is bas^ partly on e m f measurements, and partly on equilibrium 
data From the dissociation pressure of mercunc oxide at various tem- 
peratures it IS possible to obtain the standard free energy of the reaction 

Hg(f) + 'A(s} = HgO(s), 



^2 


ELECTRODE POTENTIALS 


and when corrected to 25® the result is found to be - J3,940 cal The 
EMF of the reversible cell 

Hs(Iatra)|KOHa(i HgO(s)|Hg 
IS 4- 0 92G4 volt at 25®, and so the free energy of the reaction 
m atm ) + HgO(*) = HiO(0 + Hg{0, 

which occurs m the cell for the passage of two faradays, is 2 X 96,500 
X 0 9264 volt-coulombs, i e , — 42,760 cal Since all the reactants and 
resultants in this reaction are in their standard states, this is also the 
value of the standard free enei®' change * Addition of the two results 
gives the standard free energy of the reaction 

+ 50*(y) = HiO(0 


as — 56,700 cal at 25" 

As a consequence of several different lines of approach, all of which 
give results in close figreement, it may concluded that the standard 
free energj of this reaction is - 56 700 eal at 25®, and since as seen 
above, this is equal to - 2FE‘', it follows that the standard E.ii p of the 
oxygen hydrogen cell is 


56 700 X 4 185 
2 X 96,500 


= 1 229 volts 


at 25® It would appear, at first sight, that this is also the standard 
potential of the oxygen electrode, but such is not the case The E u f 
calculated is the standard value for the cell 


Hj(I atm ) { Water 1 0^(1 atm ) 

m which both oxygen and hydrogen electrodes are in contact with the 
same soluim, the latter having the activity of pure w ater If the h) dro- 
gen ion activity in this solution is unity, the hydrogen electrode potential 
IS zero, by ccmention, and hence 1 329 volts is the potential of the elec- 
trode 

HjO(0. =* 1) I Os(l atm ) 

The standard potential of oxygen, as usually defined refers to the elec- 
trode 

Oi(l atm ) 1 OH-(floir ^ 1), HjOfO, 
that IS m which the Iiydroxyl ions are at umt activity It is known 
from the ionic product of water (see Chap I^) that ic pure water at 25®, 

aH*flor = 1 008 X 10 ", 

and so - 1 229 volts ig the potential <rf the oxygen electrode, at I atm 
* A small correction nay be ncc^sary because the activity of the water id the 
KOH solution will be somewhat less than tmjty 
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pressure, when the actnnty of the hydroNj^ ions is 1 008 X 10““. The 
standard potential for unit acti\ity of the hydroxyl ions is then denved 
from equation (91?) m the form 

RT 

E = Eq. OH" + ~y in floH'j 

which, for a temperature of 25®, becomes m this case 

- 1 229 = + 005915 log (i 008 X 10"“), 

-■ oir = — 0 401 volt 

Standard Electrode Potentials. — the use of methods, such as those 
described above, invohdng eithei e u f measurements or free energy and 
related calculations, the standard potentials of a number of electrodes 
have been determmed; some of the results for a temperature of 25° are 
recorded in Table XLIX. It should be noted that the signs of the 


TABLE NLD: STANDABB POTENTIALS AT 25® 



Rcootiot] 

Pofen- 

iul 

Electrode 

Reaction 

Foten* 

tial 

Li, Li’ 

Li-Li*+« 

J-BOPl 

H. OH- 

JD.+OH -fH-O+j 

; t0428 

K h.* 

k:-<e*t« 

t2024 

OfcOH* 

20H--}0j+Hi0+2« 

-0401 

Nil 

Na-*NV-«-« 

+ 2 714 




Zn Zn** 

Zn-*Zn*+T2« 

+07(11 

chw.a- 

Cl--^}Cl'+« 

-1358 

Te Fe++ 

Fe-.Fe**+2s 

+0441 

BnCO.Bt- 

Br" ~ }Br: +« 

-1065 

Cd Cd^"^ 

Cd Cd** + it 

+ 0402 



-0 636 

Co Co** 

Co - Co** + it 

+ 0283 




Ni Ni** 

Ni-Ni**-2< 

+ 023$ 

AftAgOW Cl- 

Ag+Cl -.AEa+. 

-02224 

Sn Sn** 

Sn-*Sn**+2«. 

+ 0140 

^e AgDr{i), Bf- 

\s+Br--.AgBr + « 

-00711 

Pb Pb** 

Pb-.Pb**+2« 

+ 0126 

AglW.I 

Ae+I- -Agl+t 

i +01522 

H* H* 


+0000 

SgHgCW.a 

Bg + Cl- -ing.ci,+. 

-0 2C80 

Cu Cu*+ 

Cu -n Cu** + it 

-0340 

Hg ngtSO.(.).so,- 

2Hg-i-sor-*n:E»so.+2. 

-0 6141 

Ag Ag* 

Ag-'AE*+« : 

-0790 




Hg ng"+ 

Hg-.iHg,** + . 

-07!» 





potentials correspond to the tendency for positive electricity to pass from 
left to right, or negatn^e electncity from right to left, in each case; m 
general, therefore, the, potenfaak m Table XUX when multiplied by 
— nF give the standard free eneigy increase for the reaction 

Reduced State -» Oxidized State + n«, 

the corresponding value for hydrogen being taken arbitrarily as zero. 
For the reverse process, the signs of the potentials would be reversed. 

Since the potentials in Table XUX give the free energies of the oxi- 
dation reactions, using the term omdarion in its most general sense, they 
may be called oxidation potentials; the potentials for the reverse proc- 
esses, i.c , with the signs reveised, are then reduction potentials (cf. 
p 435). 
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Potentials in Non*Aqueous Solutions —Many measurements of vary 
ing accuracy have been made of voltaic cells containing solutions m non 
aqueous media in the earlier viork efforts were made to correlate the 
results with the potentials of similar electrodes containing aqueous 
solutions Any attempt to combine two electrodes each of which con 
tains a different solvent is doomed to failure because of the large and 

1 i 4l- l- J L 1 il. j 

quids 
hod of 
mde- 

* those 

obtained in aqueous solutions Since the various equations derived in 
this and the previous chapter are independent of the nature of the 
solvent they may be applied to voltac cells containing solutions m 
substances other than water 

By adopting the convention that the potential of the standard hy 
drogen electrode, i e , with ideal gas at I atm pressure m a solution of 
unit activity of hydrogen ions shall be rero in each solv ent and using 
methods essentially similar to those described above the standard poten 
tials of a number of electrodes have been evaluated in methyl alcohol 
ethyl alcohol and liquid ammonia These values represent therefore in 
each case, the e « f of the cell 

M f ^ I) f| fr+(oH* = 1) 1 fri(I atm }, 
where M is a metal, or of 

A|A (flA -I)||H+(ofl*^l)|H*aotm) 

if A is a system yielding anions It would appear at first sight that since 
the cell reaction, as for example m the former case, 

M(5) + H+(aH^ = 1) = M+(av^ - ]) + »tm ) 
is the same m all solvents, the e u r should be independent of the nature 
of the solvent It must be remembered however that both M'*’ ions 
and hydrogen ions are solvated in solution, and since the ions which 
actually exist in the respective wheats are quite different m each case, 
the free energy of the reaction will depend on the nature of the solvent 
This subject will be considered shortly m further detail 

A number of standard potentials reported for three non aqueous 
solvents are compared m Table L with the corresponding valued for water 
as solvent, it should be emphasized that although the standard poten- 
tial of hydrogen is set arbitranly at zero for each solvent, the actual 
potentials of these electrodes may be quite different m the \ anous media 
The results in each solvent are, however, comparable with one another 
and It will be observ ed that there is a distmct parallelism between the 

*• r » J TT -it 


N 


1 

8 
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TABLE L BTANDAED ELECTRODE POTENTIALS IV DIFFEREM SOLVENTS 


Electrode 

HO 

CHjOH 

C-HbOH 

m, 


(2o®) 

(25®) 

(25®) 

(-50') 

IjLi+ 

+ 3 024 

+3 095 

+ 3 042 

__ 

KL.+ 

+ 2 924 

— 

— 

+ 19S 

Nabia+ 

+ 2 714 

+2728 

+ 26o7 

+ 184 

Zn Zn++ 

+ 0 761 

_ 

_ 

+ 0 52 

Cd Cd++ 

+ 0 402 

_ 


+ 018 

T1T1+ 

+ 0 33S 

+ 0 379 

+ 0 343 


Pb Pb++ 

+ 0126 

— 

— 

-0 33 

H H+ 

±0000 

±0000 

±0000 

±0 000 

Cu 

-0 340 

_ 

— 

-043 

AgAg+ 

- 0 799 

-0764 

-0 740 

-083 

Cl Cl 

-l3oS 

1116 

-1048 

-128‘ 

Br Br- 

- 1066 

-0S37 

- 0 777 

-108* 

1. 1- 

-0536 

-0357 

- 0305 

- 070* 


Calculated from free energj data at about 0® c 


standard potentials of the \anou5 electiodes in the four solvente The 
tendency foi the reaction M M+ + < to occur, as indicated by a high 
positne lalue of the potential, is ahajs greatest tilth the alkali metals 
and least mth the more noble metals, e g , copper and sll^ er The Older 
of the halogens is also the same in each case 

Factors ASectmg Electrode Potentials— If E® is the standard poten- 
tial of a metal m a given solvent, then it is evident fiom the arguments 
gii en aboi e that - zFE° is equal to the standard free energy of the 
reaction 

M + 2H+ = M® + 

This reaction, which is the displacement of hydiogen ions from the solu- 
tion and their hberation as hjdrogen gas, is virtually that occurrmg 
when, a mntd diasnlvea m. a dilute acid solution., provided there are no 
accompan) mg complications, e g , formation of complex ions It follows, 
therefore, that - zFE’^ may be regarded as the standard free energy of 
solution of the metal 

Accordmg to thermodynamics 

AG“ = Aff" - TAjS®, 


and experiments have shown that iJie standard entropy change AS® re- 
sultmg fiom the solution of a meta! m dilute acid is relatively small 
compared with the heat change Aff®, it is possible, therefore, to wnte as 
a v eiy approximate relationship 

- zFE '> « Aff, 

wheie AH is heat of solution of the metal In general, therefore, a 
parallelism is to be expected between the latter quantity and the stand- 
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ard potential of the metal; hence^ the factors determiiung the heat of 
solution may be regarded as tho'« influencing the standard potential**' 
In order to obtain some infoimatioa concerning these factors tiie 
reaction in\o!\ed in the solution of the metal may be imagined to tale 
place in a senes of stages, as shoim m Fig. 73; the reactants, -mj 

H — 1 — ► JI CTilor)r^""^^ at^fwpor) - - ? 


^ — ► rH(ffM) — S— (ns) 

Fio 73 Theoretical rtsges in pohjtion of 4 metal m add 

soixated hydrogen ions, arc shown at the left, and the products, li)dn^en 
gas and solvated ions, at the right. The stages are as follows; 

I An atom of the metal is vaporized; the heat supplied is equal to the 
heat of sublimation, 5, hence, 

Affi = +5. 

II The atom of vapor is ionized to form metal ions M''*’ and : elec* 
trons; the cnerg)* which must be supplied is determmed by the ioniatioa 
potential of the metal, the various stages of iomration being taken into 
consideration if the ion has more than one chaise. If /it is the sum of the 
ionization potentials, the enerp’ of ionization is ht, and if it is supposed 
that this IS com erted into the standard units of energj’ used throughout 
these calculations, then 

AlTu « + /ye 

in The gaseous metal ion b dissolved in the solvent, when energy 
equal to the heat of solvation TFm' is e\o!\cd; hence, 

Affm - " U’m*. 

IV. An equivalent quantity of solxated hy'drogen ions (j ions) are 
removed from the solvent; the energy’ of solxation TTn* per ion is ab- 
sorbed, so that 

Affiv “ +^irii+. 

V. The unsoh'ated (gaseous) hjdro^n ions are combined with the 
electrons remoxed from the metal to lonn atomic hydrogen; if In ^ the 
ionization potential of the by drogen atom, then 

A//v w — 

since z electrons arc added 

“Butler, “Heclrocapillarity," IWO, Chap III. 
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VI The hydrogen atoms are combined m pairs to form hydrogen 
molecules, if Du, is the heat of dissociation of a hydrogen molecule into 
atoms, then 

Affvi = — \zDsj 

The net result of these six stag^ is the same as the solution of a 
metal in a dilute acid, hence Afl for this process is given by the sum of 
the SIX heat changes recorded for the separate stages, thus, assuming 
constant pressure, 

AH R! (S + /mc — + Ih*' - TVh^) ( 28 ) 

The quantity m parentheses is characteiistic of the hydrogen electrode 
m the given solvent, and so the factors which detei-rame the heat of 
solution of a particular metal, and consequently (approximately) its 
standard potential, may be represented by the expression 

The standard potential of a metal in a given solvent thus apparently 
depends on the sublimation energy of ■ttic raetel, its lomzation potentid 
and the energy of solvation of the ions Calculations have shown that 
of these factors the heat of sublimation is much the smallest, but since 
the other two quantities generally do not differ very greatly, all three 
factors must play an importMt part m determining the actual electrode 
potential 

When comparing the heat changes accompanying the solution of a 
given metal in different media, it is seen that the factors S, hi, Dr, and 
in are mdependent of the nature of the solvent The standard potential 
of the metal m different solvents is thus determmed by the quantity 
Fs’ - Fm*, where Fh* and Fm* are the energies, strictly the free 
energies, of solvation of the hydrogen and ions, respectively, this 
result IS in agreement witii the general conclusion reached previously 
(p 244) Tor a senes of similar solvents, such as water and alcohols, 
the values of Fh+ — Fji* for a number of metals will follow much the 
same order m each solvent, m that case the standard potentials will show 
the type of parallehsm observed in Table L On the other hand it v\ ould 
not be surpnsing if for dissimilar solvents, e g , water and acetomtnle, 
the order follov ed by the potentials of a number of electrodes was quite 
different in the two solvents 

Absolute Single Electrode Potentials —The electrode potentials dis- 
cussed hitherto are actually the b m f ’ s of cells resulting from the com- 
hmation of the electrode mth a standard hydrogen electrode A single 
electrode potential, as already seen, mvolves mdividual ion activities and 
hence has no thermodynamic sigmficanee, “ the chsolwte potential differ- 
ence at an electrode is nevertheless a quantity of theoretical mterest 
Many attempts have been made to set up so-called “null electrodes" 

•’See for example Guggenheim,/ Phy$ Cftcm, 33, 842 (1929) 
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m which there is actually no difference of potential between the metal 
and the solution if such an electrode were available it would be poss ble 
by combining it with another electrode to derive the absolute potential 
of the latter It appears doubtful however, whether the “null elec 
trodes" so far prepared actually have the sigmficance attributed to them 
since they generally involve relative movement of the metal and the 
solution (cf Chap XVI) A possible approach to the problem la based 
on a treatment similar to that used in the previous section 

The absolute single potential of a metal is a measure of the standard 
free energy of the reaction 

M + solvent = M (solvated) + 2 <, 

and this process may be imagined to occur by the senes of stages de- 
picted in Fig 74 These, with the accompanying free energy changes 
are vaporization of the metal (+ -S) ionization of the atom m the vapor 

}£—* — ^ ■— » ll(Ttpot) M+fsalTEted) 



Fio 74 Theoretical stages in fonnatiozi of ions in solution 

state (liit), solvation of the gaseous ion (- 1F’m)> and finally return 
of the electrons produced m the ionization stage to the metal (- z^«) 
where ^ is the electronic work function of the metal * It follows, there- 
fore, that 

AG = 5 -f- hit ~ IVw* *“ (29) 

Since 5^ Ijs and as well as z and e raav be regarded as being know n 
for a given metal, it should be feasible to evaluate AG for the ionization 
process provided the free energy of solvation of the M+ ions i e , ITm 
were known 

The sum of the energies of solvation of the ions of a salt can be csti 
mated, at least approximatdy, from the heat of solution of the salt and 
its lattice energy m the crystalline form There is, unfortunately no 
direct method of dividing this sum into the contnbutions for the separate 
ions, it IS of mterest, however, to consider the theoretical approach to 
this problem as outlined in the following section. 

Free Energy of Solvation of Ions —If the solvent medium is con 
sidered as a continuous dieleclnc the free energy of solvation maj be 

* The electronic work function or fliermionic work function generally etpressed 
m volts 1? ft measure of the amount of energy required to remove an electron from the 
metal, -r*e fa therefore the free energy change in electron volts aceo^lpanJ^ng the 
return of the 2 electrons to the metal 
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regarded as equivalent to tie difference m the electrostatic energy of a 
gaseous ion and that of an ion m tie medium of dielectric constant D 
In order to e\ aluate this quantity, use is made of the method proposed 
by Bom “ the free energj increase accompanying the charging of a 
single gaseous ion, i e , in a medium of dielectnc constant unity, is z't I2r, 
uhere Zi is the chaige earned bj the ion and r is its effective radius, the 
ion being tieated as a conductang sphere If the same ion is charged m 
a medium of dielectric constant D the fiee energy change is z’^JlDr, 
and so the increase of free eneigy accompanying the transfer of the 
gaseous ion to the particulai medium, which may be equated to the free 
energy of solvaton, is given by the Bom equation as 

where N, the Avogadro number, is introduced to give the free energy 
change per mole 

One of the difficulties m applying the Born equation is that the 
effective radius of the ion is not known, further, the calculations assume 
the dielectric constant of the solvent to be constant m the neighborhood 
of the ion The treatment has been modified by Webb who allowed 
foi the vanation of dielectric constant and also for the Mork required to 
compress the solvent in the vicimty of the ion further, by expressing the 
effective lomc radius as a function of the partial molal volume of the 
ion, it was possible to derive values of the free energy of sol\ ation without 
making any other assumptions concerning the effective ionic radius 
Another approach to the problem of ionic solvation has been made by 
Latimer and his collaborators, by taking the effective radii of negatn c 
halogen ions as 0 lA greatei than the corresponding crjstal radu and 
those of positive alkali metal ions as 0 85A greater than the crystal radii, 
Ilf /ow.wf fo* vp Abo Aro? owjgiwo oif 

hydration of alkah halides into the separate values for the indmdual 
ions The results so obtained are in agreement vnth the requirements 
of the original form of the Born equation with the dielectric constant 
equal to the normal value for water 

The free energies of hydration of single ions denved by the different 
methods of computation show general agreement Tor iim\ alent ions 
the 1 alues are approximately 70 to 100 kcal per g -ion the hydrogen ion 
is exceptional m this respect, its free energy of hydration being about 
250 kcal In any senes of ions, e g , alkali metal ions or halide ions, the 
hydration free energy usually decreases uith increasing mass of the ion 
In spite of the fact that the different treatments yield similar values, 
it must be emphasized that tiere is considerable doubt if the results are 

» Bom Z Pkystk 1 45 (1920) 

»Webb,y Avi Clem 5oc, 48 2o89(1926) 

I' Latimer Pitzer and Slansky / Chm Pkys 7 108 (1989) 
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of sufficient significance to permit of their use m the detemunalioa of 
absolute potentials The problem of single potentials must, therefore, 
still be regarded as incompletely solved 

Rates of Electrode Processes— ^Vhen a metal M is inserted in a 
solution of its ions the solvent being assumed for simplicity to 

be water there will be a tendency for the metal to pass mto solution as 
ions and also for the ions from the solution to discharge on to the metal, 
in other words the two processes represented by the reversible reaction 

Tvill occur Simultaneously, the ions being m solution and the 

electrons e on the metal When equilibrium is attained, and the revers- 
ible potential of the electrode is established, the two reactions take place 
at equal rates 

According to modem views,** the rate of a process is equal to the 
specific rate, defined in terms of the accepted standard states, multiplied 
by the activities of the reacting species,* if Ki and kt are the specific rates 
of the direct and reverse processes represented aboie, m the absence cf 
any potential di^erence, then, since a+ w the activity of the solvated ions 
m solution and the activity of the solid metal is umty, by convention, 
the rates of the reactions are kta+ and ki, respectively If kt is greater 


than they can return As a result, therefore, free electrons will be left 
on the metal and positive ions will accumulate on the solution e de of the 
electrode thus building up what is known as an electrical double layer 

15 double layer with its 
ifficult for ions to leave 

the negatively charged metal and enter the solution, while the transfer 
of ions to the metal i e , the direct reaction, is facihtated 'When equi 
libnum IS estabhshed the two processes are occumng at the same rate 
and the electrode exhibits its reversible potential 

If B 13 the actual potential difference across the double layer, formed 
by the electrons on the metal and the ions m solution it may be supposed 
that a fraction a of this potential facilitates the discharge of ions, while 
the remainder, 1 — a, hinders the revere process i e , the passage of ions 


ij 1?- v-i ^ r 
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from the metal mto the solution The actual value of a, which hes be- 
tween zero and unity, is imraatenal for present purposes, smce it cancels 
out at a later stage In its transfer across the double la)er, therefore, 
the free energy of the discharging ion is increased by azFE, where 2 is 
the ^ alence of the ion, while tiie free energy of the atom vhich passes 
mto solution is dmumshed bj an amount (1 - a)zrE The result of 
these free energy changes is that, m the presence of the double lajer 
potential E, the rates of the forward and reierse reactions under con- 
sideration are 

Rate of dischai^e of 10 ns from solution = / 

Rate of passage of 10 ns mto solution = 

where, as already seen, the corresponding rates in the absence of the 
potential are and L 2 , respectii elj At the equihbnum (reversible) 
potential the rates of the two processes must be equal, hence 

e ‘rmr = a 

k 

JiT k RT . 

E = -^hj;-^lno+. (30) 

Since kik is a constant at defimte temperature, this equation is obvi 
ously of the same form as the electrode potential equations derived by 
thermodynamic methods, e g , equation (86) for an electrode reversible 
w ith respect to positn e ions The first term on the nght-hand side of 
equation (30) is clearly the absolute single standard potential of the 
electrode, it is equal to the standard free energy of the conversion of solid 
metal to solvated 10 ns m solution divided byzE, and its ph}sical signifi- 
cance has been already discussed 

Electrode Potentials and Equilibrium Constants —According to equa 
tion (1) the standard e 11 f , 1 e , E®, of any rev ersible cell can be related 
to the equihbnum constant of the reaction occurnng m the cell by the 
expression 

HT 

B" = -5'lnK, ^ (31) 

2r 

and hence a know ledge of the standard l M f permits the equihbnum 
constant to be calculated, or vice ver&i 
The reaction occurnng m the cell 

Zn I ZnSOj aq || Ci^O^ aq | Zn, 
for example, for the passage of two faradaj’s k 

Zn + Cu'^+aq = Zn'^aq + Cu, 
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and if E’> is the standard e m p , it follows from equation (31) that 



the suffix e indicating that the activities involved are the eqmlihmm 
values Since the solid zinc and copper constituting the electrodes are 
m their standard states, their respective activities are unity, hence, 



If Bzji Zn** and Ec<i cu** represent the standard electrode potentials on the 
hydrogen scale of the zinc and copper electrodes, as recorded in TaUe 
XLIX, then Elt is actually the e u p of the cell 

Zn I ^ 1) || * 1) ] Hi(l atm ), 

n hile £'ca c<i** is the e M f of the cell 

Cu I Cu^+(ac»** = I) II H+(ar == 1) | atm ) 

Hence the e u f of the cell 

Zn I Zn^'^(fl 2 n** * 1) II Cu++(oc«"* « 1) | Cu, 

a hlch has been defined above as £zi,c«, is also equal to Eta, m** - Ecu cu** 
It follows, therefore, from equation (32) that 



and inserting the standard potentials from Table XLIX, the result is, 
at 25®, 

+ 0 761 - 0 340) = Job , 

* * » \<lCn*7» 

The ratio of the activities of the zinc and copper ions at equilibrium will 
be approximately equal to the ratio of the concentrations under the same 
conditions; it follows, therWore, tliat when the sj'Btem consisting of zinc, 
copper and their bivalent ions attains equilibrium the ratio of the zme 
ion to the copper ion concentration is extremely large If zinc is placed 
in contact with a solution of cupnc ions, e g , copper sulfate, the zinc wH 
displace the cupnc ions from solution until the czn**/ccu** who is about 
10”; m other words the zinc will replace the copper in solution until the 
quantity of cupric ions remaining is too small to be detected 

It is thus possible from a knowledge of the standard electrode poten 
tials of two metals to determine the extent to winch one metal will re- 
place another, or hydrogen, from a solution of its ions In the general 
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case of fwo metals Mi and M", of valence Zi and z , respectn el) , the 
reaction vrhich occurs for the pa^^age of farada}^ is 

&Mi + -h ZiM", 

and the corre'ponding general form of equation (33) is 

po ^ ro 1 

= (34) 

It can be seen from this equation that the greater the difierence between 
the standard potentials of the two metals ili and M-. the larger ■rtII be 
the equihbnum ratio of activities (or concentrations) of the re^pectiie 
ions The greater the difference betii een the standard potentials, there- 
fore, the more completely will one metal displace another from a solution 
of its ions The metal with the more positi\e (oxidation) potential, as 
recorded m Table XLIX, will, m general, pass mto solution and displace 
the metal with the less positn e potential The senes of standard poten 
tials, or electromotive senes, a« it is sometimes called, thus gi^ es the 
order m which metals are able to displace each other from solution, the 
further apart the metals are in the senes the more completely will the 
higher one displace the lower one It l^ not true, howe\ er, to say that 
a metal lower m the ‘senes wiD not displace one higher m the «eneo, some 
displacement mu«t alwajs occur until the requued eqmhbnum is estab- 
lished, and the equiiibnum amounts of both ions are present m the 
solution 

By re-arrangmg equation (34) the result is 

prp prp 

Cm, ~ ^ ~ ^ 

The left-hand side of this equation clcarlv reprcwents the rei ersible poten- 
tial of the metal ili m the equihbnum solution and the nght-hand side 
IS that of the metal il- It must be concluded, therefore, that w hen the 
meta! AIi is placed in contact with a solution of ions or "M- is placed 
in a solution of "Nlf ions, oi m general wheaei er the conditions are such 
that the equihbnum 

IS established, the rei ersible potential of the 'Jjstem j\Ij, is equal to 
that of i\I", Mt It IS clear from equation (35) that the more po itn e 
the standard potential of a gii en metal, the greater the actnitj of the 
correspondmg ions which must be present at eqmhbnum, and hence the 
more completely will it digjlace the other metal 

Although equations (34) and (35) are exact, the quahtative conclu- 
sions drawn from them are not always stnctlj correct for example, «ince 
copper has a standard potential of — 0 340 on the h} drogen scale, it 
would be expected, as is true m the majonty of cases, that copper should 
be unable to displace hj drogen from solution It must be recorded, 
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however, that copper ’ ’ 

Slum cyanide solution, 

this surprising behs\ k 

complex ions ar ' ’ * ' " 

solution It IS 

(or activity) of 


be inserted m equation (34) or (35) 

It is of interest to note that if the equilibrium constant of the s}'stem 
consisting of two metals and their simple ions could be determined etpen- 
mentally and the standard potential of one of them were known, the 
standard potential of the other metal could be evaluated by means of 
equation (34). This method was actually used to obtain the standard 
potential of tin recorded m Table XLIX Finely divided tm and lead 
were shaken with a solution containing lead and tin perchlorates until 
equilibnum was attained, the ratio of tbe concentrations of lead and 
stannous ions in the solution was then determined by analysis The 
standard potential of lead being known, that of tin could be calculated 
Electrode Potentials and Solubility Product '-The solubility product 
is an equilibrium constant, namely for the equilibrium between the solid 
salt on the one hand and the ions m solution on the other hand, and 
methods are available for the evaluation of this property from tar 
measurements 

The reaction taking place in the cell 

Cb(l atm.) lira AgCI(s)lAg 
for the passage of one faraday is readily seen to be 
AgCi(s) = Ag + ^CIi(I atm ), 

but since the solid siher chlonde is in equilibnum with silver and chloride 
JOBS in the solution, the reaction can be considered to bo 

AgCl(s) ^ Ag+ + a- = Ag + iChd atm ) 

The E M F of the cell is then written as 




E‘-fln 


OAt*^r 


(3(3) 


where and ocr refer to tbe activities in the saturated solution The 
value of E” in this equation is the e ju p. of tho cell in which the activity 
of the chlorine gas and of chloride ions on tho one hand, and of solid 
silv er and silver ions on the other hand, are unity; these conditions arise 
for the standard Cli, Cl" and Ag, Ag+ electrodes, respectively, so that E* 
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m equation (36) is defined by 

Since solid silver and chlonne gas at atmosphenc pressure are the re> 
spectn e standard states, i e , the activity is unity, equation (36) can be 
UTitten as 

RT 

B ~ Rc. a -Eac A g* + -p- In aAf*ac (37) 

The product CAe^oci m the saturated solution may be replaced by the 
solubility product of silver chloride, le, ir,(Asci), and so equation (37) 
becomes 

KT 

B = £'cij Cl " -^Ag Ag+ + - jT In 5r,(Asoi) 

It IS seen from Table XLEX that ZJci ci and rie,Ag*- are respectnely 
- 1 358 and - 0 799 volt at 25®, hence, 

S = - 1 358 + 0 799 + 0 05915 log iCgiAgci) 

From measurements on the cell depicted at the head of this section, it is 
found that E is - 1 136 volt at 25®, and consequently it follows that 

X,,Agci) = 178X10 

The value derived from the solubility of silver chloride obtained by the 
conductance method is 1 71 X 10*’® 

In general, the aboie procedure can be apphed to any sparingly 
soluble salt, provided an electrode can be obtainable which is reversible 
with respect to each ion, viz , 

k \ Soluble suit of At iocs \ M, 

although for a hydroxide, the oxygen electrode may be replaced by a 
hydrogen electrode 

A less accurate method for the determination of solubihty products, 
but which is of wider applicability, is the following If MA is the 
sparingly soluble salt and NaA is a soluble salt of the same anion, then 
the potential of the electrode M, MA(s), NaA aq may be obtained by 
combining it ivith a reference electrode e g , a calomel electrode, thus 

M ! MA(s) NaA aq !) KCl aq Hg 2 Cl 2 (s) | Hg, 

with a suitable salt bridge to iPinimiae the liquid junction potential, and 
measurmg the e m f of the resultmg cell Since the potential of the 
calomel electrode is known, that of the other electrode may be evaluated, 
on the hydrogen scale The potential of the M | MA(s) NaA electrode 
which can be treated as reversible with respect te ions as well as to 
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A“ ions, may be •nritten as 

and if Eli m* is known, the activity of the 11+ ions in the sofution satu- 
rated with MA can be calculated The activitj of the A~ ions may be 
taken as approximately equal to the mean act!\uty of the salt MA whose 
concentration is kiioi\n the product of om* and oa- m the solution then 
gives the solubilitj product of MA 

^ Electrometnc Titration : Precipitation Reactions.~One of the most 
important practical applications of electrode potentials is to the deter 
mination of tlio end-points of vanous tj^pes of titration, “ the subject 
mil be treated here from the standpoint of precipitation reactions, while 
neutralization and oxidation reduction processes are described more con- 
^ eniently m later chapters 


cipitated Let c moles per liter be the initial concentration of the salt 
MX, and suppose that at any instant dunng the titration x moles of BA 
ha>e been added per liter, further, let y moles per liter be the solubibty 
of the sponngl} soluble salt MA at that instant The >alue of y will 
vary throughout the course of the titration since the concentration of M 
ions 18 being continuous!} altered If the salts are aasumed to be com- 
pletely dissociated, the concentration of M+ at any instant is given by 

CM* = c-r4*y,* 

V. here c - t is due to unchanged MX and y to the amount of the spanngly 
soluble JIA remaining m solution The simultaneous concentration of 
A~ ions is then 


Ca =jf, 

because the A“ ions in solution arise solely from the solubility of MA, 
the remainder having been removed m the precipitate Since the solu- 
tion IS saturated with JIA, it follows from the approximate solubility 
product principle, assuming activity coefficients to be unity, that 

I, = CM* X ca* =» (c - X + y)y, (38) 

where I, is the concentration solubility product 

“For reviews, see Kolthoff and Furmaa, * Potentiometnc 'ntntions" 1931, 
Furman Ind Eng Ckm (Annf Ed), 2 213 (t9M) ITrani EUctndim Soc,, 76 45 
(1939), Gladstone, Ann Rep Chem Soc 30, 2S3 (1933), Glasstone, "Sutton's Vo!u- 
metne Analj-sis " 1935, Part V 

• The change of volume dunng titiation « neglected since its effect is relatively 
small 
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If an electrode of the metal U, re\cisible ^nth respect to ions, 
were placed m the solution of ilX dunng the titration, its potential 
ould be given by 

i7 = — — In 

«^M’-^ln{c-3;-{-j/), (39) 

where the activity of M+ ions, i e , has been replaced bj the concen- 
tration as denied aboie If the sohibihtj product L, is arailable, then 
smce c and x are known for anj point m the titration, it is po'^sible to 
calculate y bj means of equation (38), the i alues of c - a: + y can now 
be inserted in equation (39) and the variation of electrode potential 
dunng the couise of titration can be determined At the equii alence- 
pomt, 1 e , the ideal end point of the titration, when the amount of BA 
added is equivalent to that of JitX mitiallj present, c and x are equal, 
equation (39) then reduces to 

»ESTv-^bC (40) 

Should the titration be earned bejond the end-pomt, the value of 
sow becomes x - c-i-p, i^hde that of cm* is p, since the solution now 
contains excess of A~ ions, x - c arises from the excess of BA over 
and p from the solubilit) of the spanngl} soluble MA The solubility 
product is given by 

A., = y(a: - c -f y), 

and equation (39) becomes 

(41) 

The value of p can be calculated as before, if the solubilit} product is 
knovm, and hence the electrode potential of can be determmed 
Bj means of equations (38), (39) and (41) it is thus po«sible to calcu- 
late the potential of an electrode of the metal M during the course of the 
whole precipitation titration, from the begmmng to bej ond the eqm\ a- 
lence-pomt, provided the solubihtj product of the precipitated ^alt is 
known The calculations show that there is at first a gradual change of 
potential, but a ver} rapid increase occuis as the eqm\ alence-pomt is 
approached, the change of potential for a gii en increa'^e m the amount 
of the titrant added, i e , dBldx, is found to be a maximum at the theo- 
retical equn alence-pomt This result immediately suggests a method 
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for determining expe * ” ’ * ‘ ^ 

bj E M F measureme ' 

during the course of 

idded (x) , the point at iv hich the potential nses most sharplj , , tluj 

poult of inflection ubere dEldx is a maximum, is the required end po nt 
This procedure constitutes the fundamental basis of potentionietnc 
btration 

The same general conclusion ma> be reached ^nthout going througli 
thedetailed Calculations just desenb^ If equation (39) is differentiated 
twice II ith respect to x and the resulting expression for equated 
to zero the condition for dEfdx to be a maxiraum can be obtained This 
:s found to be that x should be equal to e, which i?, of course, the con* 
dition for the equn alence point, m agreement with the conclusion already 
■cached 

By differentiating equation (39) with respect to x it is seen that at 
:he equn alence point the \ alue of dEldx is inversely proportional to 
The potential jump ob-sen ed at the end point is thus greater the smaOcr 
;he solubility product / , of the precipitate The sharpness of a particular 
-itration can thus often bo improved by the addition of alcohol to the 
iolution being titrated m order to reduce the solubility of the precipe 
:ated salt 

In the treatment given here it has been assumed that the precipitate 
MA IS a salt of symmetneal valence tyj», if it is an unsy mmetncal salt, 

: g , ^I]A or iMA], the potentiaMitration curve, i e , the plot of the 
mtcntial (£) against the amount (x) of titraiit added, is not symametnea! 
md the maximum value of dE/dx docs not occur exactly at the cquna 
enco-pomt The deviations are, however, relatively small if the eolu 
iility product of the precipitate is small and the titrated solutions arc 
lot too dilute 

ilectrode generally behaves m a satisfactory manner, the potcntioraetnc 
nethod of titration can be apphed particularly to the estimation of 
inions w hich yield insoluble silver sails, e g , halides, cyanides, thio- 
syanates, phosphates, etc In its simplest form, tlie cxpenmental pro- 
ledure is to take a known volume of the solution containing the anion 
0 be titrated and to insert a dean silver sheet or wire, preferably coated 
nth silver by the electrolysis of an argentocyamdc solution, this con- 
ititutes the “indicator’ electrode, and its potential is meaiwired by 
lonnectmg it, through a salt bndg^ with a reference electrode eg, a 
alomcl electrode Since the actual electrode potential is not required, 
)ut merely the point at which it undergoes a rapid change, the euf 
if the resulting cell is recorded after the addition of known amounts of 
he silver nitrate solution The values obtained in the course of the 
Itration of 10 cc of approximately 0 1 n sodium clilonde with 0 1 v 
liver nitrate, using a silv qr indicator electrode and a calomel reference 
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electrode, are recorded in Table LI and plotted in Fig 75, tbc first 
column of the table gives the i olume v of ^andard silver mtrate added, 



Fiq 75 Poteatiometnc titration iiQ 76 Determmation 

of end point m potentio- 
metric titration. 

't\luch IS equualeiit to x m the treabnenfcgiNen abo\B, and hence AEjAv, 
m the last column is an approximation to dEjdx It is clear from the 
data that AS/Av is a maximum 'Rhen t» is about 11 35 cc , and this must 
represent the end-pomt of the titration 
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It IS not al^ aj s possible to estimate the end point directlj by mspec 
tion of the data and the following method, which is always to be preferred 
should be used The \ aluea of Ail/Ai; in the vicinity of the end point 
are plotted against v + aAfi i e , the volume of titrant corresponding to 
the middle of each titration interval, as m Fig 70, the volume of titrant 
corresponding to the maximum value of can now be determined 
very prcciselj Th s graphical method is particularly useful when the 
inflection in the potcntial-titration curve at the end point is relatively 
small 

Diffcrefltial Titration —The object of potcntiometnc titration is to 
determine the point at which Aff/Av is a maximujn, and this can be 
achie; ed directly, without the use of graphical methods by utiliang the 
principle of differential titration If to two identical solutions, eg, of 
sodium ebJonde are added v and w 0 1 cc respectively of titrant, eg 
sih er nitrate, the difference of potential between similar electrodes placed 


will thus be a maximum at the end*pomt 

In the earliest applications of the method of differential titration the 
solution to be titrated was divided into two equal parts similar cIms 
trodes were placed m each and clectncal connection between the two 
solutions was made with wet filter-paper The electrodes were con 
nected tnrough a suitable hgh resistance to a galvanometer Titrant 
was then added to the two solutions from two separate burettes, one 
being always kept a small amount e g , 0 1 cc , in advance of the other 
The point of maximum potential difference and hence that at which 
AF/Av was a maximum, was indicated by the largest deflection of the 
galvanometer the total titrant added at this pomt was then equivalent 
to the total solution titrated By this lUKins the end point of the titra 
tion was obtained without the use of a reference electrode or a poten 
tiometcr, and the necess ty for graphical estimation of the titration 
corresponding to the maximum A^/Av wax avoided 

The method of differential titration has been modified so that the 
proce‘!S can be earned out m one icssel with one burette, by means of 
special devices, a small quantity of the titrated solution surrounding one 
of the two identical electrodes is kept temporarily from mixing with the 
bulk of the solution before each addition of titrant The difference of 
potential between the two electrodes after the addition of an amount Ar 
of titrant giv es a measure of A^/Ap The form of apparatus devised by 
Maclnnes and Dole,” which 13 capable of giv mg results of great accuracy, 
13 depicted in Fig 77 One of the two identical indicator electrodes, 

”CoJ J An Chm Soc , 47 2138 (192j) 

"Maclnnes el al J Am Chm Soc 48 2831 (1926], SI, 1119 (1929) 53 63j 
(1931), Z phystk Chtm 130 2l7 (19*7) 
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VIZ , Ey, IS placed directly m the titration \essel, and the other, is 
inserted m the tube A, xshich should be as small as conienicnt, at the 
bottom of this tube there is a small hole B, and a "gas-lift" C is sealed 
into its side The hole D in the tube A permits the o\ erflow of liquid 
when the gas lift is m operation In order to carry out a titration, a 
known volume of solution is placed in a beakei 
and the two electrodes are inserted, the hqiud is 
allowed to enter A, but the gas stream is turned 
off Titrant is added from the burette, with con- 
stant stimng, until there is a large mcrease m the 
E M F of the cell formed by tlie two electrodes, this 
may be indicated by a potentiometer, forprecision 

V ork, or by means of a ga^^ anometer w lUi a resist- 
ance m senes The solution m the beaker is actu 
ally somewhat over titrated, but when the gas- 
stream is started the reservesolution m the tube A, 

V hicli normally mixes only slowly with the bulk of 
the liquid, because of the smallness of the hole B, 

IS forced out, in this i\ay the titration is brought 
back, although the end-pomt is near The differ- 
ence of potential betiieen the two electrodes is 
now zero, since the same solution surrounds both of them The gas- 
stream IS stopped, and a drop (Av) of titrant is added to the bulk of the 
solution in the beaker, the galvanometer dedection, or potential differ- 
ence, IS then a measure of smee one electrode, A, is immersed m 
a solution to which v cc of titrant have been added, while the other, Ci, 
IS surrounded by one to which vi-Avee have been added The gas- 
stream IS started once more so as to obtain complete mixing of the 
solutions, it IS then stopped, another drop of titrant added, and the 
potential reading again noted This procedure is continued until the 
end-point is passed, the end-pomt iteelf bemg charactenzed by the maxi- 
mum potential difference between the two electrodes 

Many simplified potentiometnc titration methods have been de- 
senbed from time to time, and vanous foims of apparatus have been 
devised to facihtate the performance of these titrations, for reference to 
these matters the more specialized literature should be consulted 

Complex Ions —The formula of a relatively stable complex ion can 
be determmed by means of emp measurements, in the general case 
already considered on page 173, viz , 

3 M+ + rk-, 

« See the books and review artides to which reference is made on page 256, the 
subject of potentiometnc titrations, among others, is also treated m Kollhoff and 
Laitmen "pH and Electro-Titrations,” 1941 
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it was seen that the instability constant A. can be represented by 


oi* = A", 


,f CMfAr 


If an electrode of the metal M w inserted m the solution of the complex 
wn, the reversible potential should be given by 


RT 

3 = In 

= «!>«'- pi 


qzF or 


( 42 ) 


For two solutions containing different total amounts of the corapIcT ion, 
but the same relatively la^ excess of the amon A"", it follows from 
equation (42) that 


p r 


where the suffixes 1 and 2 refer to the two solutions the ^alue of Oi is 
assumed to be the same for the two cases If the complex ion M,A,* 
is relatively stable, then in the presence of excess of A" ions, virtually 
the whole of the M present in solution w ill be id the form of complex ions 
As an approximation, therefore, the ratio of the actnities of the 
ions m the tflo solutions in equation (43) may be replaced by the ratio 
of the total concentrations of M, hence 


Ai-A, 


ill 

(cm)i 


(44) 


If (cm) I and the total concentrations of the species M in the respec 
tive solutions, are known, and the potentials Ei and J?i are measured, 
it 13 possible to evaluate g bj means of equation (44) 

If the solutions are made up with same concentration of M, i e » 
approximately the same concentration, or activity, of the complex ions 
M,A*, but with different amounts of the anion A”, it follows from equa- 
tion (42) that m this case 


Ei- Ei => 


ill hM 

qzF^iax); 


( 45 ) 


The ratio of the activities of the A ions may be replaced, as an appron 
mation, by the ratio of the concentrations, hence, from equation (45), 


El 


-J?,= 


rRT . (ca-)i 
(ca-)* 


(46) 
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Since q has been already determined, the ^alue of r can be derned from 
equation (46) so that the formula of the compIe\ ion has been found 

Another method for dermng the ratio r(q m\ oh es the same prmciple 
as IS used m potentiometnc titration, for sunphcity of explanation a 
defimte case, namel} the formation of the ai^entoc} anide ion, Ag(CN)", 
vnll be considered If a solution of pota'^um cyanide is titrated mth 
Silver nitrate, the potential of a silver electrode m the titrated solution 
•mil be found to undergo a sudden change of potential \\hen the whole 
of the cjamde has been converted mto argentocyamde ions From the 
relative amounts of silver and c> anide ions at the pomt where dEfdx is 
a maximum the formula of the complex ion can be calculated An 
analogous titration method can be need to determine the formula of any 
stable complex ion, the procedure actually gi\es the ratio of to A“ 
in the complex ion MjAf , but if this ratio is known there is generally no 
difficulty, from valence and other chemical considerations, m deriving the 
molecular foimula 

By expressing the concentration, or activity, of the ions in the 
titrated solution, and hence the potential of an M electrode, m terms of c, 
the imtial concentration of the solution, x, the amount of titrant added, 
and the instabihty constant of the complex ion, it is possible, utihzing 
the method of differentiation described m connection with precipitation 
titrations (page 258), to show that dEfdx is a maximum at the pomt 
corresponding to complete formation 
of the complex ion Further, tho 
value of dJjjdx at this pomt, and 
hence the sharpness of the mBection 
m the titration curve, can be shown 
to be greater the smaller the msta -±oo 
bility constant | 

The potential of a Sliver electrode o.az 
during the course of the titration » 
of silver mtrate with potassium cj an- 5 ^ 

ide IS shown in Fig 78, Ihe first g 
marked change of potential occurs 
when one equivalent of cyanide has 
been added to one of silver, so iiat 
the whole of the sih er cyamde is pre- 
cipitated, and the second, when two 
equivalents of cyanide have been 5 ^q 78 Formula of complex 
added, corresponds to the complete argeatocyamde loa 

formation of the Ag(CN)J ion It 

will be seen that the changes of potential occur v ery sharply m each case, 
this means that the silver cyamde is very slight!, soluble and that the 
complex ion is very stable 

Electrode Potential and Valence— The equation (Si) for the poten- 
tial of an electrode reversible with respect to positir e ions may be -written 
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in the approximate form 

£*-0 0002 j log n, 


where the activit} of the ionic species is replaced by the concentration. 
At ordmarj laboratory temperatures, about 20®c , i e , T is 293’ k , thu 
equation becomes 




£ 0 - 


0058 , 

“logc. 


( 47 ) 


It follows, therefore, that a ten fold change of concentration of the ions 
mil produce a change of 0 058/z, volt m the electrode potential, where 
e, IS the valence of theionswithrespect to which the electrode is re; ers- 
jble It 13 possible, therefore, to utilize equation (47) to determine the 
valence of an ion ” For example, the result of a ten-fold change in the 
concentration of a mercurous nitrate solution was found to cause a change 
of 0 029 volt in the potential of a mercury electrode at 17“, it is evident, 
therefore, that s must be 2, so that the mercurous ions are hnalcnl 
These ions are therefore wntten as and mercurous chloride and 
nitrate are represented by HgiClt and Hgj(NOj)j 


raooiEMS 

1 Work out the expressions for the e u f '$ and sicgle potentials of the 
cells and electrodes g ven m Problem I of Chap VI in terms of the variable 
activities 

2 From the standard potential data m Table XLIX determine (i) the 
standard free energies at 25’ of the reactions 

Ag+aq + Cl'aq = AgClfs) 
and 

Ag + iCli(I atm ) ^ AgClfs), 
and (ii) the solubility product o! silver chloride 

3 1’ < .1 ^ f . . . 

at 25’ 1 ' 

13 312] 

MI for the reaction 

Al+SH^-aq Al+’+aq +|Hz(latm) 

13 - 127,009 cal From measurements on the entropy of solid cesium alum 
snd Its solubility, etc , Latimer and h» coUaborators [J. Am Chem See , 60, 
1829 (1938)] have estimated the entropy of the AI'*”^‘'’aq ion to be - 76 
cal /deg per g ion Calculate the standard potential of aluminum on the 
usual hydrogen scale 

"Ogg Z phyt\k 27, 285 (1898), eeeolso,R€ichinstein,iW,?7, 257 (1921), 

Kssamoffsky, Z amg Chm , J28, 117 (1923) 



PfiOBLEHS 


2C5 


4 Jones and Baeckstrom [/ Im Chem Soe, 56, lo24 (1934)1 found the 
E M F of the cell 

Ft ( Br-CO KBr aq iEBr(s) j Ag 

W be - 0 9940 \ olt at 25“ The \apor pre<=sure of the saturated solution of 
bromine in the potassium bromide solution IS lo9 45 mm of mercury calculate 
the standard potential of the 1 ato ) Br electrode 

5 The standard free energy of the process 

4H!(1 atm ) 4- iCl<l atm ) = ]aCl(i atm.), 

IS given in International Critical Tables, TO 231, b^ the expre^ion 

AG® = - 21,870 + 045T In 0 25 X lO-^r -5 3ir 

The partial pressure of hydrogen chlonde o\er 1 U \ hjdrochlonc acid solu 
tion IS 4 03 X 30 ‘ mm at 25° Calculate the b u p of the cell 

H<latiii)|lllNHCUq [CKlatm) 

at this temperature lise the rc ult to determine the standard potential of 
the chlonne electrode the mean nctnitj coefficient of the hjdrochlonc acid 
being estimated from the data m Table XXXH'’ 

6 Calculate from the standard potentials of cadmium and thallium the 
ratio of the activities of Cd'^’’ and T1 ions when metallic cadmium is shaken 
with thallota perchlorate solution until equilibrium is attained 

7 Znuppfer [Z physik Chem , 26, 255 (1S98)] Immd the e m f of the cell 

TI (Hg) 1 TlClCs) KCl(ci) KCXS(c-) TlC^S(a} j Ti (Hg) 

to be “ 0 0176 volt at 0 8* and - 0 0105 volt at 20* inth ci/c* equal to 0 84 
Assuming the solutions to beliave ideally, calculate the equihbnum ratios of 
Ct/cj at the tn o temperatures and estimate the temperature at which the arbi* 
trary ratio, i e , 0 84 will become the equilibrium value 

8 The E M F of the cell 

Pb 1 Fb(OHKs) N XaOH HgO(s) i Hg 

IS 0 554 volt at 20®, the potential of the Hg,HgO(s) n HaOH electrode is 
*- 0 114 volt Calcidate the approximate solubibty product of lead hj droxide 

9 In the potentiometnc titration of 25 cc of a potassium cyanide solution 
vnth 0 1 % silver mtrate, usmg a silver indicator electrode and a calomel refer- 
ence electrode, the following results were obtained 


cc Ag^Os (r) 
EJai (E) 

2 20 
OoaO 

1170 

0481 

loSO 

04^ 

1800 

0 422 

19 60 

0 392 

2090 

0363 

cc AgbOj (o) 
EUr (E) 

21 50 

0 343 

21 7o 
0309 

2195 

02o9 

2215 

0187 

22 80 
-0 2o5 

22 55 
-0319 


Plot E against v and AF against Ap in the vicinity of the end-pomt, from the 
results determine the concentration of the pota'^sium cyanide solution 

10 When studying the behaviot of a tm anode in potassium oxalate 
solution, Jeffer} [Trans Faraday Soc, 20, 390 (1924)] noted that a complex 
anion, having the general formula Sdj(C« 04 )j' , was formed In order to deter 



266 


ELECTBODB POTENTIALS 


mine its constitution, measurements of the cell 

Sn [ So/CaO*), EiCjOj aq KCl (gatd ) HgjCljfs) [ Hg 

were made ifl cue senes of expenments (A) the concentration of potassium 
ovalate was large and approvimately constant while the total amount of tin 
m fiolutma (csb) was varied, )a tie second series (S), csa was kept constant 
at 0 01 g atom per liter, while the concentration of potassium oxalate fc« ) 
was varied The results were as follows 


A B 


rsi 

E 

Cgi 

E 

1 00 X 10-* 

07798 

20 

07866 

0 833 

0 7833 

35 

0 7937 

0714 

07842 

30 

0 7990 

0626 

078S9 

35 

08003 

0 536 

0 7877 

40 

0 6052 


Devise a graphical method, based on equations (44) and (46) to evaluate 5 
and T, activity corrections may be neglected and the whole of the tin present 
m solution rnay be assumed to be in the fOTm of the complex anion 



CHAPTER VIII 

OXIDATION-REDUCTION SYSTEMS 


{_Oxida tioii-R.eductioii Potentials — It was seen on page 186 that a 
reversible electrode can be obtau^ by inserting an inert electrode in a 
solution containing the oxidized and reduced forms of a given system, 
such electrodes are called ondation-reduction electrodes It has been 
pointed out, and it should be emphasized strongly, that there is no 
^sential dif erence between electrodes of this tj pe and those already 
considered involving a metal and its cations or a non-metal and ite 
corresponding amons This lack of distmction is brought out by the 
fact that the iodine iodide ion system is frequently considered from the 
oxidation-reduction standpoint Neverthele*®, certam oxidation-reduc- 
tion systems, using the expression m its specialized meaning, have inter- 
estmg features and they possess properties m common which make it 
desirable to consider them separately 

According to the general arguments at the beginning of Chap VI, 
which are applicable to reactions of all types, includmg those involving 
oxidation and reduction, the potential of an electrode containmg the 
system 

Reduced Stated Oxidized State 4- n Electrons 


IS given by the general equation 


fir (Oxidized State) 
nr (Reduced State) ’ 


a) 


where n.is the number of electrons difference between the two states, and 
the parentheses represent activities 

Oxidation-reduction potentials, hke the other types discu':sed m the 
preceding chapter, are generally caressed on the hydrogen scale, so that 
for the system 

Fe++-" -j- €, 


for example, the electrode potential as usually recorded is really the 
E M F of the cell 

Pt I Fe+", Fe+++ 11 H+(ar = 1) I Hi(l atm ) 

Using the familiar convention that a positive e 'm f represents the tend- 
ency of positive current to Sow from left to nght through the cell, the 
reaction at the left-hand electrode may evidently be iintten as 


Fe++ = Fe+++ -f 
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for the pa.?saRe of one faraday TIiw result may be obtained dii«tlv 
b} analog) \\ith the process occurnng at the electrode M, M+ namely 
M + « At the nght-hand electrode, the reaction 13 

so that the net cell reaction, for one faradaj of electncity, is 
Fc++ + H+ = Fe+++ + ill* 


The BMP of the complete cell is then given in the usual manner h) 




f" flr«*'an* 


and since, by convention, the activities of the hydrogen gas and the 
h3drogcn ions are taken as umty, it follows that 


E = £p«*» 


F Op,**’ 


( 2 ) 


The oxidat on-rcduction potential is thus seen to be determined bj the 
ratio of the activities of the oxidized and reduced states, m agreement 
^ith the general equation (I) The standard potential is evidently 
that for a system m which both states are at unit activity 

In the most general case of an oxjdatjon»reduction sjstem repre* 
sented b) 

oA 4" JB + ^ xX 4* yY + 4" n<, 

for which there is a difference of n electrons between the reduced state, 
involving A, B, etc , and the oxidized stale, involving X, Y, etc, the 
potential is given by (cf page 228) 




BT, c'o* 

nr “aja' 


(3) 


U hen all the species concerned, v iz , A B, , X, Y, etc , are in their 
standard states, 1 e , at unit activity, the potential w equal to E\ the 
standard oxidation-reduction potential of the system It is important 
to remember that in order that a stable reversible potential may be 
obtained, all the substances involved m the sj’stem must be present, 
the actual potential ,wil), according to equation (3), depend on tbcir 
respective activities \ 

Types of Reversible Oxidation-Reduction Systems —Vanous l^iics 
of rev emible oxidation reduction sjstcma have been studied the simplest 
consist of 10ns of the same metal in two stages of valence, e g , ferrous 
and feme ions If M***" and arc two cations of the metal M, carrj- 
ing charges Zi and zj, respectively, trfiere zt is greater than Zi, the elec- 
trode reaction is 

hfi+z^ M*»*’ 4- (h - iih 
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and the potential is given by 


E = n>- 


HT 


In^, 

Qi 


Tshere ih and Oi are the activitits of the oxidized and reduced forms, 
respectn ely 

Another tj'pe of system eon«asts of two anions canning different 
charges, e g , ferro- and fem-cj aiude, i e , 

Fe{CK)6 1— TefCNje -f £> 
and the electrode potential for tins sjstem is 


^ Ofcicn)* 

In certam cases both amoas and cations of the same metal are con- 
cerned, for such systems the equibbna, and hence the equations for the 
electrode potential, im olve hydrogen Jon*? An instance of this kind is 
the permanganate-manganous ion sjstem, viz , 

Mn++ -f- 4H2O ^ MaO, + SH+ + 5e, 


for which the electrode potential is 


E-P-fln 


aMoOjflB* 
— ' } 
flMn** 


the activity of the vatci being unity provided the solutions are rela 
tively dilute 

In some important oxidation-reduction systems one or more sohds 
are concerned, for example, m the case of the equilibnum 


the potential is 


Md++ -h 2H.0 ^MnO.(s) + 4H+ + 26, 


smee the actn ity of the solid manganese dioxide is taken as unit} , m 
accordance with the usual convention as to standard states 
In the equilibnum 

PbSOi(s) + 2H.0 PbO<(«) + 4H+ + BOr" + 2*, 

which IS of importance in connection with the lead storage battery , two 
solids are mvoh ed, namely lead sulfate and lead dioxide, and hence 

RT, 4 

27 = ^®-^InaH*03or 
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The potential thus depends on the fourth power of the activity of the 
hydrogen ions and also on that of the sulfate ions in the solution, 

A large number of reversible oxidation-reduction systems imolnnj 
organic compounds are known, most of these, although not al], are of 
the qumone-hydfoquinone type The simplest example is 


OH 0 



and such systems may be represented by the general equation 
H.Q;=Q-(-2H+-f 2e, 


where HiQ is the reduced, i e , hydroqumone, form and Q is the ondiied 
1 e , quinone, form The potential of such a system is given by 


£r=£*-flu 


aojl* 

QRjQ 


(i) 


For many purposes it is convement to maintam the hydrogen ion actii itj 
constant and to include the corresponding term m the standard polcBtiil, 
equation (4) then becomes 


where E'^' is o subsidiary standard potential applicable to the system at 
the specified hydrogen ion activity 

Determinatioa of Standard Ondation-Reduction Potentials —In prm- 
ciplc, the determination of the standard potential of an oxidation rcduc 
tion system invohes setting up electrodes containing the oxidized and 
reduced states at known activities and measunng the potential E by 
combination with a suitable reference electrode, insertion of the 
of E in the appropriate form of equation (3) then permits E^ to be calcu- 
lated llie inert metal employed m the oxidation-reductiwi electrode 
is frequently of smooth platinum, although platinized platinum mercury 
and particularly gold are often u^ed 

In the actual evaluation of the standard potential from the expen 
mental data a number of difficulties arise, and, as a r^ult of the failure 
to otercome or to make adequate allowance for them, most of the rows- 
ureraents of oxidation reduction potentials earned out pnor to about 
1925 must be regarded as lacking m accuracy In the first case, it 
rarely possible to avoid a liquid junction potential in setting up the re!l 
for measunng the oxidation-reduction potential, secondly there is often 
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uncertainty concerning the actual concentrations of the vanous species, 
because of complex ion formation and because of incomplete dissociation 
and hydrolysis of the salts present finally, actmty coefficients, -which 
were neglected in the earlier -work, have an important influence, as will 
he apparent from the folloiving consideratioiis 

In the simple case of a system consisting of two ions carrying different 
charges, e g , re++, Fe+++ or re(CN) 5 — , Fe(CN)r- designated by 
the suffixes 1 and 2, respectively, the equation for the potential is 


nT fli 

_ fir, fo KT, 
vF Cl n-P 




where the activity has been replaced by the product of the concentration 
and the activity coefficient Utihzmg the Debye-Huckel hmitmg equa- 
tion (p 144), VIZ , 

log/= - AgjVp 

it follows that 

log| = A(z\ - 2?)-'/^, 


and insertion m equation (6) gives 




If water is the solvent, then at 25® the constant i is 0 509, hence, this 
equation becomes 


„ 005915, Ci 0 0301 ,, 

Iog-£ (2| _ Vy 

n ^ Cl n ^ 


( 7 ) 


For most oxidation-reduction systems zj — ^ is relatively high, e g , 7 for 
the re(CN)o — , Fe(CN)6 — system, and so the last term in equation 
(7), which represents the actnity coefficient factor, may be quite con- 
siderable, further, the terms in the lomc strength involve the square of 
the 1 alence and hence p will be large even for relatively dilute solutions ‘ 
In any case, the presence of neutral salts, which were frequently added 
to the solution m the earher studies of oxidation-reduction potentials, 
incieases the lomc strength, they -will consequently have an appreciable 
mfluence on the potential, although the ratio of the amounts of oxidized 
to reduced forms remams constant 

A sinking illustration of iiie effect of neglecting the activity coeffi- 
cient is provided by the results obtamed by Peters (1898) m one of the 

^ Kolthoff and Tomsicek J Phys Ckm 39 945 (1935), Glasstone, “The Electro 
chemistry of Solutions,” 1937, p 346 
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earliest quantitative studies of reversible oi^idation-reduction electrodes 
From measurements made m solutions contammg various proportions 
of ferrous and feme chloride chloride in 0 1 n hydrochlonc acid an 
approximately constant value of — 0 713 volt at 17® was calculated for 
the standard potential of the feme-ferrous sjstem, using the ratio of 
concentrations instead of activities This result was accepted as correct 
for some years, but it differs from the most recent values by about 0 07 
volt, the discrepancy is close to that estimated from equation (5) on the 
basis of an ionic strength of 0 25, which is approximately that easting 
in the expenmental solutions Actually, of course, the Debye Huckel 
limiting equation would not hold with any degree of exactness at such a 
high lomc strength, but it is of interest to observe that it gives an activity 
correction of the nght order 

In recent years care has been taken to ehmioate, or reduce, as far a? 
possible the sources of error m the evaluation of standard oxidation 
reduction potentials, highly dissociated salts such as perchlorates, are 
employed wherev er possible, and corrections are applied for hydrolysis 
if it occurs The cells are made up so as to have liquid junction poten 
tials whose values are small and which can be determined if necessary, 
and the results are extrapolated to infinite dilution to avoid activity 
corrections One type of procedure adopted is illustrated by the case 
described below * 

In order to determine the oxidation-reduction potential of the aystem 
involving penta- (VO^) and tetra valent (VO^) vanadium, viz , 

VO-^+ + HiO = VOj- + 2a+ + (, 

measurements were made with cells of the form 


Pt I VO, Cl, VOa, Ha HCl HgiC],(8) I Hg 

containing the three constituents, VChCl, VOCh and hydrochlonc acid 
at vanous concentrations ’ Bv employing acid of the same concentra- 
tion in both parts of the cell, the hquid junction potential was reduced 
to a neghgibie amount The reaction taking place m the cell for the 
passage of one faraday is 

VO++ -f H,0 + JHg,a(8) = VOt + 2H+ + Cl- + Hg(0, 

GO that the E u F is given by 


F ayo** 


( 8 ) 


where the standard potential for tiie cel! (£®) is equal to the difference 
between the standard potentials of the V®, V< system and that of the 

'See also Problem 4 page 304 

* Carpenter J Atn Chtpi So< 56, 1847 (1934), Hart and Partington J Chem- 
Sk 1532 (1940) 
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Hg, Hg.CIi(s), Cl' electrode Uie latter being - 0 2680 volt at 25° lie 
placing the actmte of the VO-“ and VOS’ ions bj the products of their 
lespective eoncentratmns and aetailj coefficients, tepresented by j, and 
/i, respectively, equation (8) becomes, after rearrangement. 


j, , ffl’i , , ST, cio* 

nl + lu anvoci +“trln = 

r t cvo* 


fir, u 
'T^J. 


( 8 ) 


Since the hydrochloric acid may be regarded as being completelj ionized, 
cr+ and cci may each, be taken as equal to chci, the concentration of tins 
acid m the cell, further, the product of /r and/ci is equal to /hci, where 
/nci IS the mean activitj coefficient of the h} drochlonc acid It follows, 
therefore, that the quantity oh^Oci » which is equal to {c\*cc\ )fk */ci, 
may be replaced by cecJbciSe*, upon msertmg this result m equation (9) 
and rearranging, it is found that 


j- , SRr. RT. c^o- 
E + — r- In Chci + “tt In — — 
1 t Cvo 




( 10 ) 


The activity coefficient term m this equation becomes zero at infinite 
dilution, it folloiis, therefoie, that extrapolation of the left-hand side 
to zero concentration, using the results obtained mth cells contaimng 
vanous concentrations of the three constituents, should give for the 
cell The value obtained m this manner, by plotting the left-hand side 
of equation (10) against a suitable function of the ionic strength, vas 
- 0 7303 1 olt, it follows, therefore, that the standard potential of the 
V0++ VOt -1- 2H+ system is - 0 730 + (- 0 268), i e , - 0 998 volt 
An altematu e extrapolation procedure is ba^^ed on the approximation 
of takmg /a* to be equal to /bo, equation (9) can then be written as 


SET, nil 

j? + -^lncHci + -^ln/Hci - i' - p ”1) 


The values of the activit) coefficients of bj drochlonc acid at the ionic 
strengths existing m the cel! are obtained from tabulated data, and hence 
the left-hand side of this equation, for vanous concentrations, may be 
extrapolated to zero lomc strength thus giving A further possi- 
bility IS to replace log /hci bv the Debye HucLel expression - A^^, and 
to extrapolate, as before, bv plotting against a suitable function of the 
lomc strength As a general rule, several methods of extrapolation are 
possible, the procedure preferred is the one giving an approximate straight 
line plot, for this Mill probably give the most reliable result when ex- 
trapolating to infinite dilution 

Another method of evalu&tuss standard oxidation-reduction potentials 
is to make use of chemical detemunatioiis of equilibnum constants ® 

* Schumb and Svreet'er, J Am Clem Soc 57,871 (1935) 
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The chemical reaction occurnng in the h} pothetica! cell, free from liquid 
junction, 

Ag i Ag+ II Fc++, [ Ft, 

for the passage of one faraday is 

Ag + Fe^+''‘ - Ag;+ + re++ 

The standard e m p of this cell (F*) with all reactants at unit a-’tivity 
IS given by (cf p 251} 



where the activities are those at cquihbnum, indicated by the suffix e, 
the activity of the sohd silver is equal to unity, and so is omitted from 
the cquihbnum constant The standard e m p ls also equal to the differ- 
cnco of the standard potentials of the ah cr and ferrous feme electrodes, 
thus 

= (13) 

and hence if the equilibrium constant of the cell reaction could bo deter 
mined by chemical analysis, the value of p,"** could bo calculated, 
since the standard potential of silver is known {Table XLIX) 

A solution of feme perchlorate, containing free perchloric acid m 
order to repress hydrolysis, was shaken with finely divided alver until 
equilibrium of the system 

Ag 4- rc(C 10 ,),i?iAgCi 04 + Fe(CIOi)* 

was atta ned Since perchlorates arc very strong electrolytes, they are 
generally regarded as being completely d^sociatcd at not too high con 
centrations, this reaction is, therefore equivalent to that of the hypo- 
thetical cell considered above By analyzing the solution at equilibrium, 
a concentration cquihbnum “constant” (i), for vanoua total ionic 
strengths, was calculated, this function i is related to the true cquilib 
rmra constant m the following manner 

_ °*«*°^»** ^ * 

Ope ** Cpe*** /ft*** 

and jf the activity coefficients are expressed in terms of the ionic strength 
by means of the extended form of the Dcbye-Htickel equation (p 147), 
it 13 found that 

log K = log A -I- log/A,* + log/r.’* -- log/r.**’ 

= log - {d,* + d*** - 4 (?Vp 

- log t -f 4AV5 4* Cy 
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The value of A is known to be 0 509 for water at 25°, and that of C is 
found empincaUy, another term, -nith an empirical value of D, may 
be added if necessaiy, and the true dissociation coostant K can then be 
calculated from the expenmental data In this manner, it vas found 
that KisO 531 at 25°, and hence fiom equations (12) and (13), mabng 
use of the fact that the standard potential of silver is - 0 799, it foUovs 
that at 25° 

— 0 799 — Sfc** IV*** = 0 05915 log 0 531 
= -0016, 

^»**re***- -07S3io]t 

Direct measurements of the potential of the fernc-ferrous system have 
also been made, after allowing for hydrolyss and activit} effects, the 
standard potential at 25° was found to be - 0 772 \oit, but so many 
corrections were involved m arnving at this result that the value based 
on equilibrium mmmiamts is probably more accurate '* 

Approximate Determination of Standard Potentials.— hisny studies 
have been made of oxidation reduction s)^tems with which, for one 
reason or another, it is not possible to obtain accurate results this may 
be due to the di fficulty ^f yiplying activity corrections, uncertamtyjis 
to the exa ct concentrations of the substances involved, or to the slowness 
o f the est ablishment of equihbnum with the inert metal of the electrode 
It IB probable that whenever the difference m the numbiy: of electrons 
befciveen the oxidized and reduced s^i^, 'f e , tHTTalue ofTToTTHe 
oxidation-reduction system, is relatively large the processes of oxidation 
an’OeducfionToccur in'’ifages, one_or ^ re of whic h may.be sjow In 
that cv^t equilibrium between the system in the solution and the elec- 
trode will be established slowly, and the measured potcBtial may be in 
error To expedite the attainment of the equilibrium a potential medi- 
sfyr /imy be ewpiVyijcf, this le & sahstssoe th&t 
oxidation-reduction and rapdJy reaches equihbnum with the electrode 

Consider, for example, a system of two ions M"*" and which is 
slow m the attainment of equilibrium with the electrode, and suppose a 
very small amount of a ccnc salt is added to act as potential 

mediator, the reaction 

^ Ce++++ ^ M++ + C8+++ 

takes place until equihbnum is attained At this point the potential of 
the system must be identical with that of the 

system (of p 284) The ccnc-cerous system comes to equihbnum rap- 
idly with the inert metal, e g , platmum, electrode and the potential 
registered is consequently both that of the Ce'*"*"*', Ce++'^'*' and 

'PopoffandlCunz J Am Ckm Soc, 51,382 (1929), Bray and Hershey,;M SS, 
1889 (1934) 

‘ Loimaranta, Z EleUrockm , 13, 33 (1907), PofiRter and Presspneh, ibid , 33, 1/6 
(1927), Goardand Rideal. Trens Faraday Soc, 19,7^ (1924) 
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above; 
be rcga 
salts, K- 


mediator and of the electrode material, provided the latter is not attacked 
m any way 

Standard Potentials from Titration Curves.— -A method of studying 
oxidation-reduction sj stems mvolvmg the determination of potentials 
during the course of titration with a suitable substance, which frequently 
acts as a potential mediator, has been employed to a considerable extent 
m work on systems containing organic compounds The pure oxidized 
form of the system, e g , a qtiinone or related substance, is dissolved m a 
solution of definite h)drogcn jon concentration, viz, a buffer solution 
(see Chap XI), known amounts of a reducing solution, eg, titanous 
chloride or sodium hydrosulfitc, arc added, in the absence of air, and the 
solution 13 kept agitated by means of a current of nitrogen The poten- 
tial of an inert electrode^ eg, 
^ platinum, gold or mercury, m- 
' I ■ — I ■ ? mersed in the reacting solution is 

measured after each addition of 
j the titrant, by combination iiith 
a reference electrode such as a 
form of calomel electrode. The 
results obtained are of the type 
shoivn in Pig 79, m which the 
electrode potentials observed 
during the course of the addi- 
tion of vanoua amounts of 
titanous chloride to a buffered 
(pH 6 98) solution of 1-naph- 
cc. Redncm« Agrot thol-2-sulfonate indophenol at 

Fig 79 B^ducticn of 1 mphthol 2- ^0“ are plotted as ordinatEa 

sulfowte mdophenol (ClwW against the volumes of aadea 

reagent as abscissap.* The point 
at which the potential undergoes a rapid change is that corresponding to 
complete reduction (cf p 286), and the quantity of reducing solution 
then added is equivalent to the whole of the oxidized organic compound 
ongmally present From the amounts of reducing agent added at various 

•Clink et cl, “Studies on Ojodatioii-RedQction,’' Hygienic laboratory Bulletin, 
No I51. 1928; see also, Conant efal,J An Ckem Soc , 44, 1^2, 2480 (1922); LaWer 
and Bftker, ibjd, 44, 10^ (1922). 
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iges the corresponding ratios of the concentrations of the oxidized form 
I to the reduced form (r) may be calculated without nns knowledge of 
s initial amount of the former or of the concentration of the titrating 
ent If ic IS the volume of ktrant added when the sudden change of 
tential occurs, i e , when the reduction is complete, and t is the amount 
titrant added at any point in the ktraiion, then at this point o ss 
luvalent to tc ~ t and r is equivalent to t, piovided the titrant em- 
)yed IS a powerful reducing agent * According to equation (1), re- 
icmg the ratio of the activities by the ratio of concentrations, it follows 
it 




ic-i 
t ’ 


(14) 


ere the standard potential of the system for the hydrogen ion 
icentration employed in the experiment Values of can thus be 
tamed for a senes of points on the titration curve if the system is 
laving m a satisfactory manner these values should be approximately 
istant The lesults obtained by applying equation (14) to the data 
Fig 79 are recorded m Table LII 


TABLE LII EVAIUATIOV OF APPROSHIATB STANDARD POTENTIAL AT 30® OP 
1 \APHTnOL-2-SULPONATB lADOPHENOL AT pH 6 98 


i 

Per cent 
Reduction 

£ 

R7, t - t 

£0 

40 

122 

-01470 

-0 0258 

- 0 I 22 I 

80 

244 

-01368 

-00148 

- 0 1220 

12 0 

366 

-01292 

-0 0072 

- 0 1220 

ICO 

488 

-01224 

-0 0006 

- 0 1218 

200 

610 

-01169 

+ 00058 

-01217 

240 

73 2 

-OIO 80 

+ 00131 

- 0 1216 

280 

85 4 

-0 0985 

+ 00230 

-01215 

32 8 {/c) 

100 0 

-0 036 

— 

— 


The expeiiment desenbed above can also be earned out by starting 
h the reduced form of the system and titrating it with an ondizmg 
int, e g , potassium dichromate The standard potentials obtained m 
5 manner agree with tho*^ denved from the titration of the oxidized 
m with a 1 educing agent, and also witli the potentials measured m 
s.tures made up from known amounts of oxidized and reduced forms 
e presence of the inorganic oxidi 2 ang or reducing 53 stem, which often 
; the advantage of serving as a potential mediator, does not affect the 
alts to any appreciable extent 

It will be seen shortly that the -value of n, the number of electrons 
ohed m the oxidation reduction ^tem, is of some interest, if this is 

* The precise conditions for efficient reduction are discussed on page 286 
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not UoTO, it can be evaluated from the slope of the flat portion of tin 
titration curve such as that in Pig 79 This slope is determined by tht 
value of It only, and is independent of the chemical nature of the system 
the larger is n the flatter is the curve An exact estimate of h may be 
made by plotting the measured potential E against log o/r, or its equiva 
lent log (fc - t)lt, the plot, accotdmg to equation (14)j should be a 
straight line of slope - 2 SOSRT/itP, i e , - 0 OSD/n at 25* or - 0 060/« 
at 30° The results derived from Fig 79 are plotted in this manner in 
Fig 80, the points are seen to fall approximately on a straight line, u 



Fta 80 DetemuoatioD of n and 


agreement with expectation, and the slopo is — 0 03 at 30®, 60 that ft is 
equal to 2 The standard potential of the sj stem at the given hydrogen 
lOn concentration, i e , is given by the point at which the ratio o/r is 
unity, 1 e , log o/r is zero, this is seen to be - 0 122 volt in agreement 
with tfie vafues m Table LIT 

Standard Oxidation-Reduction Potentials— Some ^alues of standard 
oxidatioU’reduction potentials at 25® aie given m Table LIII ^ The sign 
of the potential is based on the usual convention (p 187), and the assump- 
tion that an inert material precedes the system mentioned in each case, 
for example, for Pt | Pe++'*' the standard potential is - 0 783 volt 

A positive sign would indicate the tendency for negative electricity, e g , 
electrons, to pass from solution to the metal, i e , 

Fe++C-f'Pt) = Fe+++ + e(Pt), 

so that m this particular case the standard free energy change of the 
process 

Fe++ = Fb+++ + f 

^For further data, see International Oiticat Tables, Fo! VI and latiraer ‘ Tie 
Oxidation States of the Elements and their Potentials in Aqueous Solutions/ I93S 
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]s given by 

AG" = - nFD* = + 0 7S3r 

If the electrode had been represented by re++ Fe'*"’‘+ 1 Pt; i e , with the 
inert metaJ succeeding the system, the sign of the potential \soiild be 
reversed, i e , + 0 783 i olt A positive potential m this case means a 
tendency for the process 

Fe+++ + e(Pt) = rc++ -b (Ft) 

to occur, which is the reverse of that just given The order of writing 
the components present in the solution, \ iz , Fe++, Fe-'-’-+ or Fe-^-^"'', re++ 
IS immatenal, although the usual convention is to employ the former 
method of representation 


TABLE Lilt STAXDARD OXTOATION REDCCX10\ POTENTIALS AT 2o® 


Blectiode 

Rooeton 

Potential 

Co ♦ Co** 

Co+*~.Co ♦»+. 

-1S2 

Pli** Pi. 

Pb 

-I7o 

rbso^w Pbo,iJj so, 

Pl>SO«+2aO-PhO/ + W*+SO, f2# 

-IMo 

Ce +* Co**** 

Cc***-Ce****+« 

-101 

Mn** MaO, H* 

Mn** + 4HjO-MnO, +SH* + 5« 

-1j2 

T1 Tl*** 

•n*-Ti** +2< 

-122 

Her* IlK** 

HK,**-2Hg* +2« 

-0906 

re+-f i'e*++ 

rc**'«Fe*** + « 

-0 7S8 

MnO, MnO, 

MdO, -*MnO, +« 

-OM 

Fo(CN), FeCCN), 

Fe(CN), -F«(CN)« +« 

- 0 350 

Cu+ Cu** 

C *-*Cu* +« 

-016 

&** &***♦ 

So** -*Sn *♦♦ +2« 

-015 

T,-. > T**** 

Ti ♦♦-Tl **♦+« 

-006 

Cr ♦ Cr*** 

Cr -Cr***+e 

+ 0 41 


The potentials recoided m Table LIII lua} be called "oxidation 
potentials” (cf p 243) since they give a measure of the free energies of 
the oxidation processes, for the reverse reactions, tiie potentials, nith the 
signs reversed, are the correspond!!^ "reduction potentials ” 

Vanation of Oadafion-Reducfaon Potential —From a knowledge of 
the standard oxidation reduction potential of a gii en system it is possible 
to calculate, with the aid of the appropnate form of equation (3), the 
potential of any mixture of oxidized and reduced forms For approxi- 
mate purposes it is sufficient to substitute concentrations for activities, 
the results are then more stnctly applicable to dilute solutions, but they 
serve to illustrate certain general points A number of cur\ es, obtained 
m this manner, for the dependence of the oxidation-reduction poten- 
tial on the proportion of the system present in the oxidized form, are 
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not known it can be evaluated from the slope of the flat portion of the 
titration curve such as that in Fig 79 This slope is determined by the 
value of n only, and is independent of the chemical nature of the system 
the larger is n the flatter is the curve An exact estimate of n may be 
made by plotting 
lent log (/ - /)A 

straight line of slo ,, 

at 30® The results denved from Fig 79 are plotted m this manner in 
F g 80, the points are seen to approximately on a straight line m 



agreement with expectation and the slope is - 0 03 at 30" so that n is 
equal to 2 The standard potential of the system at the given hydrogen 
ion concentration i e , is given by the point at which the ratio o/r is 
unity 1 e , log ojr is zero, thi3 is seen to bo -• 0 122 volt in agreement 
with the values m Table LII 

Standard Oxidation-Reduction Potentials'— Some values of standard 
oxidation reduct on potentials at 25® are pven in Table LIII ^ The sign 
of the potential is baaed on the usual convention (p 187), and the ass imp 
tion that an inert material precedes the system mentioned m each case, 
for example, for Pt | Fe++, the standard potential is -- 0 783 volt 
A pos tive sign would indicate the tendency for negative electncity, e g 
electrons, to pass from solution to the metal i e 

Fe++{-h Pt) - Fe+++ + e(Ft) 

so that in this particular caw the standard free energy change of the 
process 

Fe++ = re+++-l-* 

^ For further data we International Cnt cal Tables Vol VI and Latimer The 
Osdat on States of the Elements and thar Eotentials in Aqueous Solutions 193S 
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of oxidized and reduced states become of the same order, the potential 
changes only slowly, since an increase or decrease in cither brings about 
little change m the ratio which detcrmmes the oxidation reduction poten 
tial Thus a change of 1 per cent m the anmunt of the oxidized form 
from 40 to 50 per cent, for example, alters the ratio of oxidized to reduced 
foims fi om 49/51 to 50/50, this will correspond to a change of 0 0052/n i olt 
m potential Solutions in this latter condition are said to be ‘‘poised” * 
the addition of appieciablc amounts of an oxidizmg or leducing agent to 
such a solution produces relatii ely httle change m the oxidation-reduction 
potential Fmally, when the system consists almost evclusn ely of the 
oxidized form, i e at the nght-hand side of Tig 81 the potential again 
changes rapidly, the amount of reduced form is now veiy small, and con 
sequently a small actual change means a large change m the ratio of 
oxidized to reduced forms m the solution 

Ionization in Stages —When a metal yields two positive ions, 
and there are three standard potentials of the system, these are 
the potentials of the electrodes M, M*i+ and M, M' + in addition to the 
oxidation reduction potential M*i+, If the values of these standard 
potentials are E], Ej and •>, respectively, then the free energy changes 
for the following process are as micated below 

M = + 2i£, AG? = - ZiFEl, 

M = 4" AGS = — ztFEzi 

and 

« M* + + (22 - zi)(, AG? 2 = - (22 - 2i)rE? ^ 

It follows from these three equations that 

22E?-2iE?-(22“2i)E?o, 

so that the three potentials are not independent If any two of the tnree 
potentials are know n, the third can be evaluated direct!} For example, 
the standard potentials for Cu, Cu++ and Cu+, Cu++, which are equiva- 
lent to El and E? 2 , respectively, are — 0 340 and - 0 160 volt at 25° 
It follows, therefore, since zi is equal to 1 and zs to 2, that 

-2 X 0 340 -E?='0 160, 

E?= ~-0 520^olt 

When a metal M is placed m contact with a solution containing either 
or 10 ns, or both, reaction will occur until the equilibrium 

IS estabhshed, in this condition, it foUows from the law of mass action 

'This is the equivalent of the term buffered as applied to hydrogen ion poten 

tiab (cf p 410) 
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depicted in Fig 81, these cun cs are obviously of the same form av the 
cYpernnental cun e m Tie 79 The position of the cun e on the ovuU- 
tion-rcduction scale depends on the standard potential of the sjsitm, 
n hicli corresponds approximately to 50 per cent oxidation, while lU slope 
IS determined by the number of electrons by which the oxidized and 
reduced states differ The in- 
" “ 1 llucnco of hydrogen ion eon- 

ccntration in the case of the 
. L, , permanganate-manganous ion 

^ system is shown by the ennej 

X M.++ uior-nn t.-iiy j ^ 

- L4 Mn+t ItnOr + 8n fa-0H> gpcctu cly 

^ «.v n / T. It IS seen from the cun cs w 

_ ^ ^ Fjg 81 that the potential rbo 

~/^ rapidly at first fts the amount 

of ovidized form is merexsed 
l-LO - this 13 due to the fact that when 

1 J the proportion of the latter is 

2 ^ cly small cdual 

I'*’"® " uicrcasc m its amount brings 

I about a large relalu change 

^ For example, if the solution 

I y contained 0 1 per cent of oxi* 

4 - 

" !■, of reduced form, the potential 

^ould be 

^ ^ nr r 




Per C«st OridttloB 

Fio 81 Oxjdatiofi-reducOon potentials at 2o , A change of 1 per cent 
in the proportion of oridized 
form m the e}stcm would make the actual proportion 1 1 per cent, Tihilo 
there nould be 98 9 per cent of oxidized form the oxidation-reduction 
potential v, ould then be g» en by 

I- r.« 0059, 1 


indicating a change of potential of about 0 059/n volt As the amounts 
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of oxidized and reduced states become of the same order, tlie potential 
changes only slowly, suice an increa'se or decrease in either brings about 
little change m the ratio which determmes the oxidation reduction poten 
tial Thus a cliangc of 1 per cent in the amount of the oxidized form 
from 4^ to 50 per cent, for exampU alters the ratio of oxidized to reduced 
forms fj om 49/51 to 50/50, this will correspond to a change of 0 0052/n i ol t 
m potential Solutions in this latter condition are said to be ‘‘poised’ * 
the addition of apprec able amounts of an oxidizing or reducing agent to 
such a solution produces relatn dj htfle change in the oxidation reduction 
potential Finally, when the ^om consists almost exclusii elj of the 
oxidized form, i e , at the nght-hand side of Fig 81, the potential again 
changes rapidly , the amount of reduced form is now i erj small and con- 
sequently a small actual change means a large change in the ratio of 
oxidized to reduced forms m the solution 

Ionization in Stages— When a metal yields two poatne ions, 
and there are three standard potentuds of tlie system these are 
the potentials of the electrodes M, and M M m addition to the 
oxidation reduction potential M*i+, ^ If the \ alues of these standard 

potentials arc Ei El and C? j rcspectn dj then the free energy changes 
(or the folloTmig process arc as indicated below 

M = -f- Zit, A(?2 = ~ 

and 

= M ■*■-}- (z* — 2i)< aGi j = “ (?« “ Zi)FE'i 2 
It follows from these tliree equations that 

2iFS — ZiF] = {’! “ *l)^ 2 

potentials are known the third can be eialuated directly Forexample, 
the standard potentials for Cu Cu++ and Gu+, Cu++, which are equu a 
lent to El and F? j respecUveij , are — 0 340 and - 0 160 volt at 2o'’ 
It follows, therefore, since zj is equal to I and s» to 2, that 

-2X0S40-Fi^-Q16Q, 

4 = - 0 520 volt 

When a metal M is placed m contact with a solution containmg either 
M'l"^ or ions, or both, reaction will occur until the equilibnuta 

{z + + 

IS established, m this condition, it follows from ths law of mass action 

♦Thisistheequivaleutoftheterm bofiered as applied to 1 vdrogenion poten 

tiaL (cl p 410) 
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that 



where aj and di are the of the and ions, respective!} 

at eqmhhnum The activity of the solid metal M is taken as unity * 
The value of this equilibrium constant can be calculated from the 
standard potentials denved above It can be deduced, although it 13 
obvious from general considerations, that when equilibrium is attained 
the potential of the metal M must be the same with respect to both 
M'j’'’ and 10 ns, hence, 

Ei-^ha, = in-~ha,. 

1»A. = (£5-£?)|^ (15) 


It has been seen above that for the copper-copper ion system, £S is 
- 0 520 and ^ is — 0 340, and so at 25®, 


logfe 


A’ 


0180X2 

005915 


= - 6085, 


— = 822 X 10-' 
oc.** 


When metallic copper comes to equilibrium with a solution containing 
its ions, therefore, the concentration of cuprous ions will be very much 
smaller than that of cupnc ions For mercury on the other hand, 
for Hg, 'Hit* is “ 0 799 volt, while 2 is — 0 906, from these data it is 
found that at equilibrium OBgjVom** w 91 The ratio of the activity 
of tb^ 'Aua tn that of tha cwwiiwi vnua is. thiis 91 , wwi ba.Dca 

the system in equilibrium with metallic mercuiy consists mainly of mer- 
curous 10 ns, although mercune ions are also present to an appreciable 
extent It can be seen from equation (15) that the equilibnum constant 
between the two ion? of a given metal m the presence of that metal is 
greater the larger the difference of the standard potentials with respect 
to the two 10 ns, the ions giving the less n^ative standard potent al are 
present m excess at equilibrium (cf p 253) 

Attention may be called to the fact that if the equilibnum constant 
could be determined by chemical methods and if ono of the three stand- 
ard potentials of a particular metal ion system is known, the other two 
could be evaluated This procedure was actually used for copper, 
the calculations given above being earned out m the reverse direction * 
Oxidation-Reduction Equibbria — When two reversible oxidation 
reduction systems are mixed a definite equilibrium is attained which is 
*Heinerth Z EkUrochtm , 37, dl (1931) 
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determmed largely by the standard potentials of the sj stems For ex- 
ample, for the reaction between the ferrous feme and stannous stannic 
systems, the equilibrium can be represented by 

2Fe'*"*' + Sn+-’-+^^i2Fe+++ -f Sn++, 
and 11 hen equilibrium is attamed, the law of mass action gives 



The reaction takes place in the ceU 

Pt 1 Fe++ Fe+-*^ H Sn++ Sn++++ 1 Pt, 

for the passage of tv, o faradajs, and so it follows that the standard e m f 
IS given by 



where F® is equal to the difference m tlie standard potentials of the 
ferrous-feme and stannous^tannic systems, i e , 

(18) 

It IS evident, therefore, from equations (17) and (18), that the equilibnum 
constant depends on the difference of the standard potentids of tlie 
interacting systems, if the eqmhbnum constant ivere determined expen- 
mentally it would be possible to calculate the difference of standard 
potentials, exactly as m the case of the replacement of one metal by 
another (cf p 254) Alternatively, if the difference m standard poten- 
tials is knoivn, the equihbnum constant can be evaluated 

The value of E%** j/** is — 0 783 and that of Ebb** bb**** is - 0 15 at 
25°, hence making use of the relationship, from equations (17) and (18), 

= (19) 

it IS readi!} found that 



This Ion value of the equilibnum constant means that nhen equilibnum 
is attained m the ferrous feme and stannous-stanme mixture, the con- 
centrations (activities) of feme and stannous ions must be negligibly 
small m companson mth those of the fenous and stannic ions In 
other words, n hen these two systems are mixed, reaction occurs so that 
the feme ions are virtualh completely reduced to ferrous ions v hile the 
stannous are oxidized to stannic ions This fact is utilized in analytical 
work foi the leduction of feme to ferrous ions puor to the estimation of 
the latter by means of dichromate 
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Inserting the oppression for given by equation (16), into equation 
(19) and rearranging, the result is 


^ Rr, (or****)* „ - , ,»-a ,, 

£r.“ r."‘ - -jT 1» = S.**.s,**‘* - I (20) 

the Je/t-baod side of this eqmUon being the potential of the ferrous* 


».4 1 

■ £sb**.Si.**** “ 


RT, (o*»***»), 


already utilized in connection mlh the employment of potential mediators. 

Ondation-Reductioa Systems in Analytical Chemistry.‘-An exami* 
nation of the Calculation just made shons that the \ erj* small equilibnum 
constant,* and hence the nrlually complete interaction of one Bj'stem 
with the other, is due to the lai^e diffeitncc in the standard polentiah 
of the tn 0 sj stems The sj^tem with the more negative standard poten* 
tial as recorded in Table LIII, eg, Pt | Fe'*”*', Fe"*^ in the case con* 
sidcrcd above, alna}*s ondires thesj'stem irith the less negative standard 
potential, eg, Pt | Sn+^ Sn++++, the extent of the oxidation being 
greater the larger the difference between the standard potentials. The 
same conclusion may be stated m the altematiie manner; the sj’stem 
mth the less negatue potential reduces the one with the more negstho 
potential, the extent being greater the farther the s^'stems are apart in 
the table of standard potentials It is of interest to call attention to the 
fact that as a coc«iequencc of these arguments the terms "oxidizing 
agent” and "reducing agent" are to be regarded as purely relative 
A given sj’stcm, eg, feiTous*femc, vnll reduce n sj’stem above it in 
Table bill, c g , cerous-eenc, but it will oxidize one below it, e g , etan* 
nous-stannic 

The question of the extent to which one sj'stcm oxidizes or reduces 
another is of importance in connection vith oxidation-reductioa titra* 
tions m analrticaJ chemistry. The reason why ceric Eulfatc and acidified 
pota.'vsium permanganate are such useful reagents in volumetnc anaij’di 
is because they have large negative standard potentials and arc con«e* 
qucntly able to bring about virtually complete oxidation of many other 
F}’slems If the permanganate sj-stem had ft standard potential which 
did not differ grcally from that of the sj^tem being titrated, the equilib* 
num constant might be of the order of unity; free permanganate, indi* 
cited by its pink color, would then be present in visible amount long 
before oxidation of the otherji^stcin was complete. The tftrafion vafuci 
would thus have no analytical validity. In order that oxidation or 
reduction of a system should be “complete,” within the limits of accurscj 
of ordinarj' volumetric analysis, it is ncccwarj’ that the concentration of 
one form at the end-point should be at least 10’ times that of the other; 
that m (0 say, oxidation or reduction is complete within 0 1 per cent or 

* If the nnction wtrp foa«iden?d in the opposite direction U e wjmlibnum constant 
would be the reciprocal jf the value ©ven, and hence would be very Urse 
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bcttei The equilibrium constant should thus be smaller than 10"® if n 
IS the same for both interacting oxidation-reduction sj stems or 10“’ if n 
IS unity for one sj stem and i\\ o for the other By making use of equations 
similar to (19), it can be readily shonn that if two oxidation reduction 
s} sterns are to react completed in the ordinary analytical sense the 
standard potentials should differ bj at least 0 35 i olt if n is unitj for 
both svstems, 0 26 volt if n is unity for one and tno for the other or 
0 18 volt if n is tno for both 

Potentiometnc Ondation-Reduction Titrations —The xanation of 
potential during the cour'^e of the conversion of the corapletelj reduced 
state of anj system to the completch oxidized state is represented by a 
Cline of the type shown m Figs 79 and 81, these curves are therefore 
equiv alcnt to potential titration cun c< the end point of the titration in 
each case being marked bj a relatively rapid change of potential The 
question arises as to whether tins end-pomt could be estimated vnth 
sufficient accuracy m any given case by measuring the potential of an 
inert electrode, eg, platinum, inserted m the titration system An 
answer can be obtained bv considcnug the furthci change in potential 
after the end point has been passed before the equivalence point the 
potentials are determined by the titrated system since tlus is present m 



Tig 82 Potential titration curve deter Fig S3 Potential titration curve do- 
mination of end point is possible temunatioa of the end point is not satis 
factory 


excess while after the equivalent point they arc determined by the titrant 
system The potential titration cun c fiom one extreme to the other can 
then be denved by placing side by side the curves for the two separate 
systems and jouung them by a tangent Two examples are shown m 
Figs 82 and 83 , m the former the standard potentials, represented by 
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rc«pccti^ e mid-points, are reasonably far apart, but in the latter they 
are close tosether In Fig $2 there is a rapid increase of potential at 


are close togetlier, ho^e^er, the change of potential at the equivalence- 


tion is just that required for wie ^stem to reduce or oYidire aaotlcr 
completely withm the normal limits of analytical accuracy. It follow-^ 
therefore, that when the standard potentials of the Uo interacting yys- 
terns are such as to make them suitable for analytical TOrk, the reaction 
is also one whose end-pomt can be denwd reasonably accurately poten- 
tiometncally The mimmum differences between the standard potentials 
given on page 2S5 for an analytical accuracy of about 0 1 per cent, with 
8} stems of different types, may also be taken as those requisite for salw- 
factory’ potentiometnc titratbn The greater the actual difference, of 
course, the more precisely caa the end-point be estimated 

The method of carrying out ovidalion-rcdnctlon titrations potentio- 
metneally is essentially similar to that for precipitation reactions, ecwpt 
that the mdicator electrode now consists merely of an inert metal The 
determination of the end-point graphically or by some form of differential 
titration procedure is earned out lo a manner etactly analogous to tbt 
described m Chap VH, various forms of simplified methods of oxidation- 
reduction titration have also been described • 

Potential at the Equivalecce-Pomt-~Smce the potentials of the two 
oxidation-reduction systems, represented bj the subscripts I and II, 
involved in a titration must be the same, it follows that 




RT. Oh 

Rr/ 


(2J) 


where £ is the actual potential and El and Eli are the respecth e standard 
potentials Consider the cose in which the reduced form of the system I, 
i e , Rt, 13 titrated with the oxidized form of the system II, i e , Ou, so 
that the reaction 

Ri + On = Oj -f Rii 


occurs during the titration At the equivalcnco-point, not only arc the 
concentrations of Oi and Rn equal, as at any point in the titration, but 
Ri and On are also equal to each other; hence Oj/Ri is then equal to 
Rn/Oii Substitution of this result into equation (21) immediately gi^cs 
for E^aw , the potential at the equi>aleECc-pomt, 


Etufilr. — 


El Ell 


* See general referencea to poteatioBietnc titration on page J5C 
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This result holds for the special case in which each oxidation-reduction 
sj stem in\ olves the transfer of the same number of electrons, i e , the 
1 alue of n is the same m each case If they are different, however, the 
equation for the reaction between the two systems becomes 

niiRi + KiOii ~ nnOi + wiRii, 

where «i and nn refer to the sj stems I and II respectn ely By using 
the same general aiguments as weie cmplojed above, it is found that the 
potential at the equivalence point is gii en by 

„ jiiiT?! + tiiTni 

— ,, I „ 

Ml T Mu 


Oxidation-Reduction Indicators — A rcicnsible oxidation-reduction 
indicator is a substance oi more correctly, an oxidation-reduction sys- 
tem, exhibiting different colors in the oxidircd and reduced states, 
genorall} colored and colorle% icspcctndy Mixtures of the two states 
m different proportions, and hence corresponding to different oxidation 
reduction potentials, will hax c different colors, or depths of color, every 
color thus corresponds to a definite potential which depends on the 
standard potential of the sjstcm, and frequently on the hydrogen ion 
concentration of the solution If a small nmoun t of an indicator is placed 
in another oxidation-reduction si stem, the former, acting as a potential 
mediator, will come to an equilibrium in which its oxidation reduction 
potential is the same as that of the system undci examination The 
potential of the gi\cn indicator can be estimated fiom its color m the 
<=!olution, and hence the potential of the system under examination wall 
hai c the same a alue 

Since tile c} e, or ci en mcclianical dc\ icea, are capable of detecting 
color vanations wathin certain limits only, an) gn en oxidation reduction 
ina’icator can he eifecfu efj empfoicdon/j fntta'ffefnnmguafpofentraf 
Consider, for example, the simple case of an indicator system for wbch 
71 IS unity, the oxidation reduction potential at constant hydrogen ion 
concentration is given approximately by 


I r 


Suppose the limits witJiin which color changes can be detected are 9 per 
cent of o\idi7cd form, i c , o/r is 9/91 » 1/10, at one extreme, to 91 per 
cent of oxidized form, i e , o/r is 91/9 « 10, the corresponding potential 
limits at ordinary temperatures arc then given by the foregoing equation 
058, and ~0 0o8, respcctia e!y If n for the indicator s) s- 
tem had been 2, the limits of potential would have been + 0 029 and 
- 0 029 It IS seen, therefoie that an oxidation-reduction indicator 
can be used for determining the potentials of unknown systems only if 
the values be lelatively close to the standard potential of the mdi- 
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cator In other words, it la only m the vicimty of its standard potential 
at the particular hjdrogen ion concentration of the medium, that an 
oxidation reduction indicator undc^oes detectable color tHanges In 
order to cover an appreciable range of potentials, it is clearly necessary to 
have a range of indicators with different standard potentials 

Indicators for Biological Systems Many investigations have been 
earned out of substances which have the properties necessary for a 
suitable oxidation reduction indicator As a result of this work it is 
convenient for practical purposes to divide such indicators into ho 
categories there are those of relatively low potential, viz , - 0 3 to 
-f- 0 5 volt in neutral solution, which arc especially useful for the study 
of biological systems, and those of more negative standard potentials 
that are employed m volurnetnc analysis The majonty of substances 
proposed as oxidation-reduction indicators for biologic^ purposes are 
also acid base indicators, exhibiting different colors in acid and alkaline 
solutions They are frequently reddish-brown in acid media, i e , at high 
hydrogen ion concentrations and blue in alkaline solutions i e , at bn 
hydrogen ion concentrations, and since the former color is less intense 
than the latter it is desirable to use the indicator m its blue form In 
biological sj stems it is generally not po^ble to alter the hydrogen ion 
concentration from the vicinity of the neutral point, i e , pH 7 * and so 
indicators are required with relatively strong acidic, or weakly basic, 
groups so that they exhibit their alkaline colors at relatively high hydro- 
gen ion concentrations (cf Chap X) A number of such indicators have 
^en Bjnthesised by Clark and his co-workers, by mtroducing halogen 
atoms into one of the phenolic groups of phenol indophenol, e g , 2 G- 
diehlorophenol indophenol In addition to the members of this senes, 
other indicators of biological interest are mdammes, e g , Bmdschedler'e 
green and toluylene blue, thiazmes, eg, iauths violet and methylene 
blue, oxazines, e g , cresyl blue and ethyl Capn blue, and certain mdigo- 
sulfonates, safranines and rosindulmeg A group of oxidation reduct on 
indicators of special interest are the so-called “viologens,’ introduced by 
Michaehs, they are NN'-di-eubstituted-l dniipyridilium chlorides which 
are deeply colored in the reduced state, and have the most positive 
standard potentials of any known indicators A few typical oxidation- 
reduction indicators used m biological work, together with their standard 
potentials (£*') at pH 7, detenmned by direct ineasuremeiit, are given 
m Table LIV, it will be observed that these cover almost the whole range 
of pofentiafe from - 0 5 to -f 0 45 vo/(, with but few gaps 

It IS rarely feasible in biological investigations to determine the actual 
potential from the color of the added indicator, although this should be 
possible theoretically, because the indicators arc virtually of the one 

“ Clark el al ' Studies on Oudation RednctioB ' 1928 el eeq , Michaehs ‘ Chy 
dation^Reductions Potentiale” 1933, for see Glasstone Ann Rep Chern Soe, 
31 305 (1934) 

* For a discussion of pH and its agnificance, see Chap X, see ^ page 293 
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TABLE LIV O-tlDATION BEUncnON INDICATOHS FOR BIOLOGICAL WORK 


Indicator 


Indicator 

Eo' 

Phenol m sulfonate indo 


rthyl Capn blue 

+ 0 072 

2 6-dibroniophenol 

-0273 

Indigo tnsulfonatc 

+ 0081 

» 1 Broraophcnol indophcnol 

-0248 

Indigo d sulfonate 

+ 012d 

2 O-Dichlorophenolindoplienol 

-0217 

CregHaolet 

+ 0173 

2 6-Dichlorophenol indo o-crcsol 

-0181 

Phenosafraiune 

+ 0252 

2 C-Dibromophenolindogunincol 

-0159 

Tclramethyl phenosaframne 

+ 0273 

Toluylene blue 

-Olio 

Rosuidulmc scarlet 

+ 029G 

Cresj! blue 

-0047 

Neutral red 

+ 0325 

Methjlene blue 

-0011 

Sulfonntcd ros ndone 

+ 0380 

Indigo letrasulfonat-c 

+ 0 046 

Methvl viologen 

+ 044o 


color type For most purposes, therefore, it is the practice to take a 
number of samples of tlie solution under elimination, to add different 
mdicatoi's to each and to ob'^erve ■which are reduced if one indicator is 
decolonzed and the other not, the potential must he between the standard 
potentials of these tw o indicators at the hj drogen ion concentration (pH) 
of the solution Similarly, indicators may be used in the reduced state 
and then oxidation observed Indicators arc also often employed as 
potential mediators m solutions foi which equilibrium with the electrode 
IS established slowly, the potential is then measured elcctromctncally 
'Wlicn cmplojing an o\idation*reduction indicator it is essential that the 
solution to which it is added sliould be well poised (p 281), so that m 
oxidizing or reducing the indicntoi the ratio of oxidized to reduced states 
of the expenmental s 5 Stoin should not be appreciably altered The 
amount of indicator added must, of course, be iclativel} small 

Indicators for Volumetric Analysis —The indicators described above 
are frequentlj too unstable for use in volumetne analysis and, m addition, 
tiic} show onl} feeble color changes in acid solution The problem of 
suitable indicators for detecting the end points of oxidation-reduction 
titrations is, however, in some senses simpler than that of finding a senes 
wt fw: ’Kiw e-V'??. z. mvie wags, et pAtawtiAk It, W-o. 

that if two oxidation reduction si stems interact sufficiently completely 
to be of 1 alue for analj tical purposes, there is a marked change of poten 
tia! of the si stem at the equivalence point {cf Fig 82) Ideally, the 
standard potential of the indicator should coincide inth the equivalence 
point potential of the titration, actually it is sufficient, however, for the 
former to he somewhere in the region of the rapidlj changmg potential 
of the titration si stem IVhen the end point is reached, therefore, and 
the oxidation-reduction potential undergoes a rapid alteration the color 
of the indicator S 3 stem will change sharply from one extreme to the other 
If the standard potential of the indicator is either below or above the 
region in which tlie potential inflection occurs, the color change will take 
place either before or after the equnalcnce-point, and in any case ■will be 
gradual rather than sharp Such indicators would be of no value for the 
particular titration under consideration It has been found (p 285) that 
if two systems are to interact sufficiently for analytical purposes their 
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most purposes 

The interest in the application of indicators in otidation-rcduction 
titrations has folloiicd on the disco\cry that the familiar color chantc 


the real indicator*^ 

The standard potential of the indicator system is not kno^n exact!), 
but experiments haic shown that m not too stron$l} acid solutions tJe 
sharp color change from colorless to violet, ivith green as a possible 
intermediate, occurs at a potential of about - 0 75 \olt The standard 
potential of the ferrous feme system u - 078 i\hercas that of the di- 


thflt diphenyJaminc would not be sitisi&ctor}' hr the btntioB of ferrou? 
Jons by acid dichromate, and this is actually true if a simple ferrous salt 
IS cmplojed In actual practice, for titration purposes phosphone acid 
OP a fluonde is added to Uic solution, these substances form complex icn? 
With the feme ions with the result that tho effective standard potential 
of the ferrous-fernc system is lowered (numerically) to about *“ 0 5 volt 
The change of potential at the end point of the titration is thus from 
about - 0 ff to - 1 1 volt, and hence djphen}’ianjwe, changing color m 
the vicinity of - 0 75 volt, is a satisfactorj’ indicator 

Ccnc sulfate is a valuable oxidizing agent, the emplojinent of which 
1 ft I olumetnc work was limited by the difficulty of detecting the end-pomt 
unless a potcntiometnc method was used A number of indicators are 
now available, however, which permit direct titration with ccnc sulfate 
solution to be carried out One of the most interesting and u?eful of 
tliesG is o-phenanthrohne ferrous sulfate, the cations of which, Mi, 
with the corresponding feme ions, vi 2 S , refCuHiNdj 
form a reversible oxidation reduction system, the reduced state has an 
intense red color and the oxidized state a relatively feeble blue color, so 
that there is & marked change m the vicinity of the standard potential 
which IS about ~ 1 1 volt ” The high potential of the phcnanthroluic- 
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ferrous ion indicator permits it to be used in connection with the titration 
of ferrous ions without the addition of jAosphonc acid or fiuonde ions 
The indicator has been employed for a number of titrations with cenc 
tulfate and also with acid dichromate, and ei en with very dilute solutions 
of permanganate when the color of latter was too feeble to be of any 
value for mdicator purposes Another mdicator having a high standard 
potential is phenylanthranilic acid, this is a diphenylamine denvatiie 
which changes color m the vicinity of — 108 volt It has been recom- 
mended for use with cenc sulfate as the oxidizing titrant 

Although there are now several useful mdicators for titrations in- 
volving strongly oxidizmg reactants, the situation is not so satisfactory 
m connection w ith reducing reagents, c g , titanous salts The standard 
potential of the titanons-tatanic system is approximately — 0 05 volt, 
and hence a useful indicator should show a color change at a potential 
of about — 0 2 volt or somewhat more negative The only substance 
that IS reasonably satisfactory for this purpose, as far as is known at 
present, is methylene blue wbch changes color at about - 0 3 volt m 
acid solution 

Qumone-Hydroqumone Systems— In the brief treatment of the 
qumone hydroqumone system on page 270 no allowance was made for 
the possibihty of the hydroqumone lomzmg as an acid, actually such 
ionization occurs m alkaline solutions and has an important effect on the 
oxidation-reduction potential of the system Hydroqumone, or any of 
its substituted derivatives, can function as a dibasic acid It ionizes in 
two stages, viz , 

H2Q?±H-^ + HQ- 

and 

HQ-?;H+ + Q“ 

and the dissociation constants corresponding to these two equilibria 
(cf p 318) are given by 


Ki = 


QH*gH(r 


aud 


Ohq* 


The hydroqumone in solution thus exists partly as undissociated HjQ, 
and also as HQ“ and Q — ions formed m the two stages of ionization, 
the total stoichiometnc concentration h of the hydroqumone is equal to 
the sum of the concentrations of these three species, i e , 


h = Ch,ij + Chq + CQ-', 

and if the values of Cnq and cq denved from the expressions for Ki 
and Ki are inserted in this equation, the approximation bemg made of 
taking the activity coefficients of H 2 Q, HQ and Q ~ to be equal to 

“ Sytokomsky and Stiepin, J Am Chm Soc 58 928 (1936) 



292 


oTiPAnoN'HEiurcnov steteiis 


unity# the result is 


OH* Oh* 


fclH* 

+ + /.!/■! 


( 2 ) 


iiOD (4) may be wntten ai 
la given by 


r « ^1 ^ » 




(23) 

( 21 ) 


the ratio of the activities of Q and HjQ being taken as equal to the ratio 
of their concentrations Introduction of the value of ca^ from equation 
(22) into (24) noir gives 


RT. q RT 




^ In (flfl* + / lOa* + iilj) 


(25) 


If /i and / j are smal), the terms / iCa* and Ij) * mav be neglected in coa« 
panson tnth air*, and equation (23) (hen reduces to 


r = £>-^In|-ylDdB-, (25) 


which IS the conventional form for (he qmnone*hvdroqiunone systea, 
\ K TtpTseTl'ccngiW tonmAralwte Vtft 

According to equation (26) the variation of the ondatioa'reduction 
potential mth hj drogen ion concentration is relatively ample, but if the 
acidic dissociation functions h and It cf the hydroquinone are appre- 
ciable, equation (25) muit be employed, and the atuation becomes 
somewhat more complicated The method of studnng this problem is 
to maintain the ratio qfh constant, i e , the stoichiometric compcsitioa 
of the qumone-h) dmquinone mixture is unchanged, but to qippo^e the 
hv drogen ion concentration is. altered. For this purpose the equations 
for the electrode potential are differentiated with respect to — log oh*) 
this quantity is a v erj' useful function of the hv drogen ion concentration, 
designated by the sjmbo! pH and referred to as the hydrogen ion expo- 
nent Differentiation of equation (25) thus gii es 


dE dE 
d log da* d(pH) 


lEL 2flir -h I iQb* 
2F Oh* + Aiflfl* + : 


( 27 ) 
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as applicable over {be whole pH range H qh* is large in comparLon 
With hi and i e , m relativ elj acid solutions, this equation reduces to 

dE RT , 

^^ = 2303-^ for (28) 

which can also be derived directlj from equation (26) 

If, howev er, h is much greater than cs* and this is much greater than 
/'ll the terms 2nH m the numerator and Ah and/jl-mthedenommator 
of equation (27) mav be neglected, the result is 

dE RT 

dP)“2303^ for (29) 

Finalh , when Ah* becomes vei^ small, i e , m alkahne solutions, both 
terms m the numerator of equation (27) maj be disregarded, and so 

dE 

^ = 0 tor (30) 

The slope of the plot of the o-adation-reduction potential, for con- 
stant qumone hj droqumone ratio, against the pH, i e , against - log ca , 
thus undergoes changes, as shonn m Fig 84, the temperature is 30®, so 



Fig 84 Vanatioa of a qmnone-hjdioqnmonc {anthraqmnoae <fu]foiiate) 
poteatia! mtb pH 

that the slopes corresponding to equations (28), (29) and (30) are 0 OGO, 
0 030 and zero, respectiv elj The posiiaonand length of the intermediate 
portion of slope 0 030 depend on the actual values and ratio of the acidic 
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1 1 . 4»v , jjjay be seen by investigating the 

I and kt respectively 
to Li, the result is 


dE 

d(pH) 


«2303 


2F 


Ski 

2jL, + il. 


/or an*- = 


and since ki is generally mncli smaller than U, this becoraeg 


dB_ 

d(pH) 


'2303- I 


0045 at 30'’ 


When the hydrogen ion activity an.* is equal to the acidic function i,, 
le nhen the pH is equal to — logit, the latter quantity being repie- 
sonted by pii, the slope of tiic pH-potential curve is thus seen to be 
intermediate between 0 060 and 0 030 Such a slope corresponds in 
general, to a point on the first bend of the curve m Tig 84, the exact 
position for a slope of 0 045 is obtained by finding the po nt of inter 
section of the two lines of slope 0 060 and 0 030, as ghoivn At this point, 
therefore, the pH is equal to pli 

To had the slope of the pH potential curve when He* is equal to h, 
1 e , when the pH is equal to pbs, the values of an* m equation (27j are 
replaced by hence 


dE 

d(pH) 


-2303^ ?k±h 
l, + 2k, 


for 


an* = ki, 


and since, as before, kj may be regarded as being much smaller than k, 


dE 1 


0015 at 30" 


The pH IS thus equal to pk when the slope of the pH potential curve is 
midway betv een 0 030 and zero,, the value of pfe can be found by extend 
mg the lines of slopes 0 030 and zero until the} intersect, as shown m Fig 
84 An examination of the pH potential curve thus gues the values of 
the acidic dissociation functions for the particular hj^roqiimone as 7 & 
and 10 6 for pii and ph, respectivdy, at 30® 

The case considered here is relatively simple, but more complex be^ 
havior is frequently encountered the reduced form may have more than 
two stages of acidic dissociation and in addition the oxidized form may 
exhibit one or more acidic dissociations There is albO the possibility of 
basic dissociation occurnng, but Hus Can be readily treated as equivalent 
to an acidic ionization (cf p 362) The method of treatment given 
above can, howe\ er, be applied to any case, no matter how complex, and 
the following general rules have been derived which facilitate the analysis 
of pH-potential curves for madation-reduction systems of constant 
stoichiometnc composition 

“Clark, "Studies on OndatjOD-Reduetion/’ Hygiemo Laboratoiy Bulletin, 1923 
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(1) Eaci bend in the cunc mav be correlated ^th aa acidic dis- 
sociation constant, if the cun e becomes steeper 'with mcreasmg pH, i e , 
as tlie solution is made more alkalme, the dissociation has occurred m 
the oxidized form, but if it becomes flatter it has occurred m the reduced 
form (cf Fig 84) 

(2) The mtersection of the extensions of adjacent Imear parts of the 
curve occurs at the pH equal to pf for the particular dissociation function 
responsible for the bend 

(3) Each dissociation constant changes the slope by 2303fi!r/nF 
volt per pH unit, where n is the number of electrons difference betii een 
oxidized and reduced states 

Two Stage Oadahon-Reduction — ^Die completelv oxidized, i e , holo 
qumone, form of a qumone differs from the corapleteh reduced, i e , 
hydroqumone, form b} two hjdrogen atoms, in^olvmg the addition or 
remoi al, respectn ely, of two electrons and two protons m one stage, ^■lz , 

HoQ^Q-f 2H^-t-2£. 


It IS kno'wn from chemical studies, however, that m manj casc& there is 
an mtermediate stage between the h} droqumone (H-Q) and the qumone 
(Q) , this ma 3 be a menqumonc, which maj be regarded as a molecular 
compound (Q HoQ), or it ma) be a semiqmnone (HQ) The latter is a 
true mtermediate with a molecular weight of the same order as that of 
the qumone, instead of double, as it is for the menqumone The possi- 
bihty that oxidation and reduction of qumonoid compounds might take 
place m til 0 stages, each mvolvmg one electron, i e , nis unit} , mth the 
intermediate formation of a semiquinone was considered independent!} 
by Alichaelis and by Elema ** If the two stages of oxidation reduction 
do not mterfere, a readi distmction between menqumone and semi- 
qmnone formation aa intermediate is po'^ble by means of e ii f meas- 
urements 

For menqumone formation the stages of oxidation reduction may be 
wntten 

(1) 2H2Q^H-Q Q J-2H" + 26, 
and 

(2) n2QQ;±2Q + 2H-4-2€, 


so that if El represents the standard potential of the first stage at a 
defimte hi drogen ion concentration, 


r, ^ RT, 

E = 6--^ In 


(H-Q Q) 

(H.Q)- ’ 


( 31 ) 


nhere the parentheses represent activities If the ongmal amount of 
the reduced form (HjQ) m a given solution is a, and i eqmv of a strong 


Jspnedheim and Michaebs J BtdLCkem 91 3j 5 (1931), Michaclis Und 92 211 
(1931), 96 703 (1932), Elema Rec tm cktm , SO, 807 (1931), 52, o69 (1933), J Bicl 
Chem , 100 149 (1933) 
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ondijmg agent are added, moles of Q are formed and these comhme 
with an equivalent amount of HiQ to form \x moles of menquinooe 
H.Q Q, an amount a - z moles of H,Q remains unchanged It foDowj' 
therefore, neglecting activity coefficients, that in a solution of volume t 
equation (31) becomes 




2F (a- x)‘jv< 
BT X 
2P“(o-i)= 


ffir, 0 

2f’“2 


(32) 


The potential thus depends on the volume of the solution, and hence the 
position of the curve showing the vanation of the oxidation reduction 
potential dunng the course of the titration of HjQ by a strong ondizing 
agent vanes with the concentration of the solution At constant volume 
equation (32) becomes 

RT RT 

E = M -■^Iox + -^Id [a - x), 


go that in the early stages of oxidation, i e , when x is smaU the last term 
on the nght hand side may be regarded as constant, and the slope of the 
titration curve tviII correspond to a process in which two electrons arc 
involved, i e n is 2 In the later sta^, bow ever, the change of potential 
IS determined mainly by the last term, and the slope of the curve will 
change to that of a one-^Iectron system, i e , nis effectively umt> 
When a true semiqumone is hmed, the two stages of oxidation 
reduction are 

(1) H5Q?iHQ + H+ + «, 
and 

(2) HQ?±Q + H+ + e, 

so that 


ftT (HQ) 
E^Ei ^ 

= El — jrln > 

F 0 - X 


(33) 


for a definite hydrogen jon concentration The value of the potential 
IS seen to depend on the ratio of x to o - x, and not on the actual con 
ceatrahon of the solution, the position of the titration curve is thus 
independent of the volume Further, it is evident from equation (33) 
that the type of slope is the same throughout the curve, and corresponds 
to a one-electron process, i e , n is unity 

If the two stages of oxidation are fairly distinct, it is thus possible to 
distmguish between menquinone and semiquinone formation In the 
former case the position of the titration curve will depend on the volume 
of the solution and it will be unsymmctncal, the earlier part correspond 



BEMIQUINONE FORMATION CONSTANT 


297 


mg to an w value of 2, and the later part to one of unity If semiqumone 
fonnation occurs, however, the curve will be symmetncal, with n equal 
to unity over the whole range, and its position mtH not be altered by 
changes m the total volume of the solution A careful mvestigation 
along these Imes has shown that many omdation-reduction systems satisfy 
the conditions for semiqumone formation, in one way or another, this 
has been found to be true for a-oxyphenazme and some of its denvatn es, 
e g , Wurster’s red, and for a number of anthraqumones 

Semiqumone Formaton Constant —It was assumed m the foregoing 
treatment that the two stages of oxidation are fairly distinct, but when 
this IS not the case the whole g^tem behaves as a single tno-electron 
process, as m Fig 79 In ^^e^\ of the interest associated with the forma- 
tion of semiqumone mtermediates m oxidation-reduction reactions, 
methods have been developed for the study of systems m uhich the two 
stages may or may not overlap The treatment is somewhat compli- 
cated, and 30 the outlines only wiU be given here ” 

If R represents the completely reduced form (H 2 Q), S the semi- 
qumone (HQ), and T the totally oxidized form (Q), the electrical equi- 
Iibna, assuming a constant hydrogen ion concentration, are 

(1) and (2) S^T + e. 

so that if r, s and t arc the concentrations of the three forms, 



(34) 

RT 1 


(35) 


dunng the first and second stages, respectively, A and A are the stand- 
ard potentials of these stages The potential can also be formulated m 
terms of the eqmhbnum between initial and final states, viz , 


so that 


R;±T + 2e, 


RT, t 
' 2F^r’ 


(36) 


where is the usual standard potential for the system as a whole at 
some defimte hydrogen ion concentration It can be seen from equa- 
tions (34), (35) and (36) that 

E„ = UEi + E^, 

''For review's see Michaelis ' Oig^dations-Reductions Potentiale,” 1933, Tram 
Ekctrochm Soc, 71, 107 (1937), Ckm Reis, 16 m (1935), MichaeUs and Schubert, 
ibtd 22 437 (1938), Micbaelis, New York Acad Sei, 40, 39 (1940),MuDer, {bid 
40, 91 (1940) 
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and since Et and Et will be in the center? of the first and second part? o( 
the titration curves, ic, when 8}r and Ijs are unity, respectively it 
folioivs that E„ will bo the potential m the middle of the whole curve 
In addition to the electrical equilibria, there \vill be a chemical equi 
libnum between R, S and T, viz , 

Il + T;:i2S, 

so that by the approximate form of the law of mass action 



where k is known os the semiqumone formation constant 

If a is the initial amount of reduced form HjQ which 13 being titrated 
and X equiv of strong oxidinng agent arc added, then xla is equal to 1 
m the middle of the complete titration curv'o and to 2 at the end By 
making use of the relationships given diove, it is poss ble to denve an 
equation of some complexity giving the variation oi E - En with xfa 



Tja S5 TitratJoncunrcsftrfleinjqui/iwicforaatioD 

1 e during the course of the titration, for any \ alue of k, the scmiqumorie 
formation constant Some of the results obtained m this manner arc 
shown m Hg 85, as long as it is small, the titration curve throughout has 
the shape of a normal two-cJcctron ondation reduction system there 
being no break at the midpomt where ic/o is unity As k increases the 
elope changes until it corresponds to that of a one-electron process, in 
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fact Tvlien the value of k Ijes between 4 and 10, the slope is that foi a 
system with n equal to unity, but tbeic is no bicak at the midpoint 
Ihe presoneo of a somiqumonc is often indicated in these cases, howei ci, 
by the appeaiance of a coloi Bhich differs fiom that of citliei the com- 
pletely oxidired oi the completely leduced foims When the semiqui- 
none foimation constant k exceeds 16, a break appeals at tlic midpoint, 
and the extent of this bieak becomes more maiked as k incieases Tlio 
detection of seraiqumone foimation by the shape of ihe titiation cuive 
IS oiilj possible, theiefoie, when the somiqumonc foimation constant 
IS laigc 

If actual oxidation i eduction measurements aicmade on a paitieulai 
system during the course of a titiation, it is possible, by utilizmg the 
equation from which the data m Fig 85 wcic calculated, to evaluate the 
semiqumone foimation constant foi that system The standaid poten- 
tials Fi, Li and L„ can also be obtained foi the liydiogcn ion concen- 
tration existing in the expciimental solution 

Influence of Hydrogen Ion Concentration —The values of Fj, A and 
Z?m Will depend on the pH of the solution, and since the forms R, S and T 
may possess acidic or basic functions, tlie slopes of the curves of these 
thicc standaid potentials against pH may change diiection at vauous 
points and crossings may occui A system foi which Ei is abot e Li at 
0110 pH, 1 e , the somiqumonc foimation constant is large, may tiius be- 
have m a levcrsc mannci ic, A is above A, and the semiqumone 
formation is very small, at anothei pH It is appaient, thoiefoie, that 
althougli a given sjstcm may show distinct semiqumone foimation at 
one liydiogcn ion concentration, there may be no definite mdicalion of 
such formation at anothoi hydiogen ion concentration If the oxidized 
form of the system consists of a positive ion, e g , antliiaqumone sulfonic 
acid, semiqumone foimation is leadily obsei-ved in alkaline solutions 
only, but if it is a negative ion, c g , c(-oxyphenannc, the situation is 
reversed and the semiqumone foimation can be detected most easily m 
acid solution 

Storage Battenes (Secondary Cells) ^Vlion an oleetnc curient is 
passed through an elcctiolytic cell cliemical changes are pradueed and 
electrical energy is convei ted into chemical energy If the cell is levcis- 
ible, then on removing the souice of emrent and connecting the elec- 
trodes of the cell by means of a conduetoi, electrical energy will be 
produced at the expense of the stored chemical encigy and curient will 
flow thiough the conductoi Such a device ^ a foim of storage battery, 
01 secondary cell, ceitam chemical changes occur when the cell is 
“chaiged” with electiicity, and these changes are leversed during dis- 
Vinal ‘ Storage Batteries 1940 

* A primary cell is one which acts as a source of elcctneity w itliout being previously 
cliarged up by an electric cunent fiom an (ft.temnl source m the most general sense 
every voltaic cell is a primary cell although the latter term is usually restricted to cells 
winch can function ns practiml sources of current o g the Lcclancli(! cell 
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chaige Theoretically, any revcrable cell should be able to store elec* 
tncal energy, but for practical purposed most of them are uasmi^yp 
because of low electncal capacity, incomplete reversibility as to the 

1 1/ (ALamv n1 rt/l nlmtVi /inl n/l, Am mL 


6} stems their theoretical aspects will be considered here 

The Acid Storage Cell.— The awidled "acid” or "lead ' storage cell 
consists essentially of two lead electrodes, one of iihich is covered mth 
lead dioxide, with approximately 20 per cent sulfunc acid, i e , wth a 
specific gravity of about 1 15 at 25®, as the electrolyte The charged 
cell 13 generally represented simply as Pb, fIjSOi, PbO*, but it « more 
correct to consider it as 

PbjPbSO^fs) irtSO,aq PbSO^fsJ, PbOifs) ) Pb, 

the nght-hand lead electrode actmg as an inert electrode for an oxidation 
reduction system The reactiona occurnng in the cell when it produces 
current, i c , on discharge, are as follows 
Left hand electrode 

Pb»Pb++ + 2» 

Pb"^ + S04- = PbS0(W, 

Net reaction for two farada^s is 

Pb‘fS04- = PbS0.(fi)+2i 

Right hand electrode 

FbOj(a) -f 2HA) + 4011', 

Pb++++ + 2t*=Pb++ 

Pb+-^ + SOr - PbSO^W, 

40H' + 4H+ = 4H!0, 

Net reaction for two faradaya is 
FbO,(s) -f- 4H+ + SOr- + 2( - PbSO.(j) + 2HiO 
Since both electrodes are reversible, the processes occurnng when elec* 

Im A *. n ■mi.ari 4 ~l. *!».« ..rtll • n wl'owrrn Qvo tlio roi fireO rtf fhrtSC 


thus . 

iivhifa 

Pb + Pb0< + JHiSO, 2PbS0, + 211:0 

cUrgQ 

for two faradaya The medianisai of the operation of the lead storage 
battery as represented by this equation was first proposed by Gladstone 
and Tnbe (1883) before the theory of electrode processes in general was 
well understood, it is hnown as the "double sulfation” theory, because it 
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postulates the formation of lead sulfate at both electrodes Various 
alternative theones concerning the lead cell have been proposed from 
time to time but these appear to have httle to recommend them, apart 
from certam processes which occur to a nimor extent, e g , formation of 
oxides higher than PbOj, there is no doubt that the reactions given heie 
represent essentially the processes oecumng at the electrodes of an acid 
storage battery 

It will be observed that according to the suggested cell reaction, two 
molecules of sulfunc acid should be removed from the electrolyte and 
two molecules of vater formed for the dischaige of two faradays of elec- 
tncity from the charged cell This expectation has been confirmed 
expenmentally Further, it is possible to calculate the free energy of 
this change thermodynamically m terms of the aqueous vapor pressure of 
sulfunc acid solutions, the values should be equal to - 2rE, where E is 
the E M F of the cell and this has been found to be the case 

A sinking confirmation of the validity of the double sulfation theory 
IS provided by thermal measurements, since the E m p of the storage cell 
and its temperature coefficient are known, it is possible to calculate the 
heat change of the reaction taking place m the ceil by means of the Gibbs- 
Helmholtz equation (p 194) The value of the heat of the reaction 
believed to occur can be denved from direct thermochemical measure* 
ments, and the results can be compared The data obtained in this 
manner for lead storage cells containing sulfunc acid at various concen- 
trations, given m the first column with the density m the second, are 
quoted in Table LV, the agreement between the values m the last two 


TABLE LV HEAT CHANGE OP REACTION TN LEAD STORAGE BATTBRr 


H,SO< 


jSa* 

dEliT 

6H 


per cent 

< 

volts 

X10‘ 

£UF 

Thermal 

4 55 

1030 

1876 

— 

— 

— 

744 

1050 

1905 

+ 15 

-85 83 

-8653 

1472 

1100 

1962 

+ 29 

-86 54 

-8744 

21 38 

1150 

2005 

+ 33 

-8797 

-8787 

2768 

1200 

2 050 

+ 30 

-90 46 

- 9032 

33 80 

1250 

2098 

+ 22 

-9377 

-9308 

39 70 

1300 

2148 

+ 18 

- 96 63 

- 9622 


columns is very staking, and appears to prorude conclusive proof of the 
suggested mechanism 

It IS evident from the data in Table LV that the e m f of the lead 
storage cell mcieases mth increasing concentiation of sulfunc acid, this 
result IS, of course, to be expected from the cell reactions According 
to the reaction occurring at the Pb, PbS 04 electrode, generally referred 
to as the negative electrode of the battery, its potential (F_) is given by 

= En Fhso, so, + ^ In aso, (37) 

Since the activity, or concentration, of sulfate ions depends on the con 
“ Craig and Vinal, J Res Nai Bur Standards, 24 476 (1940) 
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centratjon of sulfunc acid, it is dear that the potential of this electrode 
wll vary accordingly The standard potential in equation (37) is -f- 0 350 
volt at 25“, and if the activity of the sulfate ion is taken as equal to the 
mean activity of sulfunc acid, it is readily calculated that for a stora^^e 
battery containing acid of the usual concentration i e 4 to 5 n la which 
the mean activity coefficient is about 0 18 to 0 2, the actual potent al of 
the negative electrode js about + 0 33 volt The so-called negative 
electrode potential may also be represented by 

= ^ In ftph* I (S8) 


but since the solution is saturated with lead sulfate, flpb+* wll be inversely 
proportional to cso, , equations (37) and {38} are thus consistent 
The potential of the PbSO^, PbOj electrode, usually called the positive 
electrode, can be represented by (cf p 26^) 


r» * , Oh*U30< 

- £i+ = - iipbSO, PbO, SOi T 7,^ In — 5 

*r flH,o 


and hence will be very markedly dependent on the concentration of 
sulfunc acid, since this affects ah, aso* and cn,o The standard 
potential required for equation (39) is — I ^ volts at 25® (see Table LIII), 
making the assumption that the actmtics of the hydrogen and sulfate 
ions are equal to the mean activity of sulfunc acid m which the activity 
of water from vapor pressure data is 0 3 it is found that, for 4 to 5 N acid, 
the potential - E+ of the positive electrode is about 1 70 volte 
The positive electrode may also be regarded as a simple oiadation 
reduction electrode involving the plumbous-plumbic system, thus 




” En**n**** 


+ 2f h 


Opb** * 
Opb* 


(40) 


The activity of plumbic ions id a solution saturated with lead dioxide 
(or plumbic hydroxide) will be inxcraely proportional to the fourth power 
of the hydroxyl ion activity, aad hence it is directly proportional to the 
fourth power of the hydrogen ion activity (cf p 339), in agreement with 
the requirements of equation (39) 

The Alkaline Storage Battery —The alkaline or Edison battery is 
made up of an iron (negative) and a nickel sesquioJcide (positive) elec- 
trode m potassium hydroxide solution, it may be represented as 

Fe 1 FeO(s) KOH aq Ni0(8), Ni,0,(fi) 1 Ni, 

the nickel acting virtually da an inert electrode material The reactions 
taking place m the charged cell during discharge are as follows 

* The negative sign is used bceause the potential of the electrode as written viz 
FbSO,(8), PbOj(s) Pb 13 opposite mdirecboD to that corresponding to the convention 
on whiiih the standard patentials in Tables XtlX and LIII are based 
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2 According to Brfinated and Pedersen physik CAm , 103, 307 (1924)1 
the equilibrium coratant of the reaction ^ 

Fe+++ + 1- ^ Fe+»- f JIi 

^.8 Of -II— *1.,^ JJ ,L 


as - 1 197 volt Determine the theoretical equilibrium constant of thg 
reaction 

lOa -h 51- + 6H+ = 31, + 3H,0 

What conclusion may be drawn concermni the quantitative delerminahoi) af 
lodate by the addition of acidified potassium iodide followed by titration with 
thiosulfate? 

4 Kolthoff and Torasicek [/ Phyt CAcw, 39, 945 (1935)] measured the 
potentials of the electrode (Pt)F€(CN)«— Fe(CN)B-' at 25®, the concen- 
trations of potassium ferro- and fem-cyanide were varied, but the ratio vas 
unity m every case. The concentrations (<) of each of the suits, m notes per 
liter, and the eorreeponding electrode potentials {^5), ca the hydrogea ec«)e, 
are given beloiv 


c 

E, 

c 

JS, 

004 

- 0 4402 

OOOO! 

-03754 

002 

-04276 

00002 

-0 3714 

001 

-0 4l« 

0 0001 

-D366J 

0004 

- 04011 

0 00008 

-03652 

0002 

-(J390S 

0 00006 

-ff3&12 

0001 

-03834 

oooow 

-03619 


I’lot the values of Fo against and extrapolate the results to infinite dilation 
to obtain the standard potential of the ferrooyanide ferneyanide system 
Alternatively, derive the value of E" from each Et by applying the activity 
correction given by the Debye Huckel limiting law. 

5 The ox 2 dstwn reduction sjstem involving 5- and 4-vaIcnt yanadium 
may be represented by the general equation 

~ V.o;'+ + iy~ i)H,0 = V,0'‘*-»>+ -)- 2(!( - DH* + If 

Using the symbol V* to represent the oxidized form V,Oy and V' for the re* 
duced form V,0, write the equation for the b m ? of the cell consisting of the 
V‘, and Hi electrodes Denvo the expressions to uhich this equs 
tion reduces (i) when and H* are kept constant, (u) when V‘ and V‘ are 
constant, and (m) when V* and H'*’ are constant The experimental results oi 
Carpenter [J Am Chem See 5©, 1847 (1934)] are as foUoivs 
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V5 

E 

H+ 

B 

Y* 

E 

0529X10 5 

- 09031 

0 0240 

-09098 

4 42X 10-’ 

- 0 9554 

2489 

9 855 

1967 

- 0 9395 

- 0 9723 

- 0 9875 

01077 

04442 

09000 

-0 9554 
-09974 
-10198 

3511 

- 09048 


Using the expression's already derived show tlmt the values of 2 , (2^ - Se)/® 
and s can be obtained by plotting E against log V‘, log H+’ and log V^, respec- 
tively Insert the values of x, y and s in the expression given above and so 
derive the actual equation for the oxidation-reduction system 

C In an investigation of the oxidation-reduction potentials of the system 
m which the o\idi2ed form was anthraquinone 2 6 disulfonate, Conant and 
Ins collaborators [«/ Am Chem Sac, 44, 1382 (1922)] obtained the following 
values fox at various pH'a 

pH 690 764 902 963 1049 11 27 1188 1220 

I?' 0181 0220 0 275 0292 0 311 0 324 0326 0326 

Plot against the pH and interpret tlie results 

7 By extrapolating the i. m f ’s to infinite ddution, Andrews and Brown 
[J Avi Chem Soe , 57, 254 (1935)] found D for the cell 

Pt t KMnO,, MnO-(s) KOH aq HgO(e} | Hg 

to be - 0 489 at 25” The standard potential of the Hg, HgO(s), OH" elec- 
trode IS - 0 098, and the cquihbnum constant of the system 

3MtiO*- + 2HiO = 2MnOT + MnO-.(s} -1- 40H- 
is 10 at this temperature Calculate the standard potential of the (Pt)Mn07, 
MnOi" electrode 

8 The standard potential of tlie (Pt) 1 PbS04{s), PbOi(s), SO?" electrode 
is - 1 085 volts at 25* , calculate the t m f ' s of the cell 

Ft I PbSO,(s), Pb0:(3) H:SO,(c) | H,(l atm ) 
for 1 097 and 6 83 molal sulfunc acid solutions The mean activity coeffi- 
cients (7} and aqueous vapor pressures (p) of the solutions are 
m 7 p 

1 097 0146 22 76 mm 

6 83 0386 1295 

The vapor pressure of water at 25* is 23 76 mm of mercury 

9 From the standard potentials of the systems (Pt)Cu'^, Cu'’'+ and I2, 1“ 
evaluate the equilibrium constant of the reaction 

Cu++ + I" = Cu+ + 5I*, 

and show that it is entirely owmg to the low solubility product of cuprous 
iodide, Cul, 1 e , approximately 10"”, that this reaction can be used for the 
analytical determination of cupnc 10ns 

10 The solubility products of cupnc and cuprous hydroxides, Cu(OH)2 
and CuOH, respectively are approximately 10~” and 10"‘^ at ordinary tem- 
peratures [Allmand f Chem Soc, 95, 2151 (1909)], show that the solid 
cupnc hydroxide is unstable in contact with metallic copper and tends to be 
reduced to cuprous hydroxide 
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Fe+++ + I =Fe+^ + JI, 

at 25“ IS approximately 21, after allowing fox the tri iodide equilibnum The 
standard potential of the I" electrode is - 0 535 volt and the solubility 
of iodine in water is 0 00132 mole per liter, calculate the approximate standird 
potentiaJ of the Fe-^+ system 

the sta 
as - 
reaction 

IO 3 + 5 I +6H+ = 3I, + 3HsO 

What coflclasion may be drawn eonceroing the quantitative determiuatjcu) of 
lodale by the addition of acidified potassium iodide followed by titration with 
th osulfate? 

4 Kcithoff and Tomsicek [/ Phni Ckm , 39, 945 (1935)] measursd Iho 
potentials of the electrode (Pt)Pe(CN)«'‘’~, Fe(CN)6 " at 25®, the caacen 
{rations of potassium ferro- and fern cyanide were varied, but the ratio was 
unity in every case The concentrations (c) of each of the Baits, in moles per 
liter, and the corresponding electrode potentials (F5), on the hydrogen sede 
are given below 


c 

Fa 

c 


004 

-04402 

00004 

-037W 

002 

- 04276 

0 0002 

-03714 

001 

- 0 4154 

00001 

-0 3664 

0004 

-0 4011 

000008 

-0 3652 

0002 

-0330S 

0 00006 

-03642 

0001 

-03834 

0 00004 

-03615 


Plot the values of Fa against Vy and extrapolate the results to infinite d luhon 
to obtain the standard potential of the ferrocyanide-ferncyanide system 
Alternatively, derive the value of F* from each Ao by applying the activity 
correction given by the Debye Hudel limiting law 

5 The ox datwn reductron system lovolviiig 5- and 4-va]«ii vanadjum 
may be represented by the general equation 

^ V,0,’'+ + (y - - v.O«-’«+ + 2 (s - i)Ht + n 

Using the symbol \ ‘ to reprewnt the oxidized form V,0, and V‘ for the re- 
duced form V,Ot write the equation for the B m f of the cell consisting of the 
Y** and If^, fU electrodes Derive the expressions to which tins equa 
tion reduces ( 1 ) when and H'*' are kept constant, (ii) when V‘ and V‘ are 
constant, and (iii) when V* and E* ate constant The expenmental results of 
Carpenter [/ Am Chm See 56 , 1847 (1934)] are as follows 





FROBLEMg 


305 

(I) 

ys 

E 

H-*- 

(«) 

E 

( 1 . 1 ) 

V* 

B 

0 529 X 10 » 

- 09031 

00240 

-09098 

4 42X 10-* 

- 0 9554 

2 489 

- 09395 

01077 

-09554 

3511 

-0 9048 

9855 

19 67 

- 0 9723 

- 0 9875 

04442 
0 9000 

-09974 

-10198 




l)smg the e\piessions already derived, show that the values of x, {2y ~ Zx)Ix 
and 2 can be obtained by plotting E agomst log V®, log H'*' and log respec- 
tively Insert the values of i, y and z in the expression given above and so 
derive the actual equation for the o\idation-reduclion system 

6 In an investigation of the oxidabon-reduction potentials of the system 
m which the oxidized form was anthraquinone 2 6 disulfonate, Conant and 
his collaborators [/ Am Chm Soc , 44, 1382 (1922)] obtained the following 
values for E’‘’ at vanous pH’s 

pH 6 90 7 64 902 9 63 10 49 11 27 11 88 12 20 

F' 0 181 0 220 0 275 0 292 0 311 0 324 0 326 0 326 

Plot against the pH and interpret the results 

7 By extrapolating the u m f s to infinite dilution, Andrews and Brown 
[/ Am Ckem 5oc , 37 254 (1935)] found E® for tbe cell 

Pt [ KMnO,, Mn0i(5) KOH aq HgO(s) 1 Hg 

to be - 0 489 at 25* The standard potential of the Hg, HgO(«), OH elec- 
trode IS - 0 098, and the equilibrium constant of the system 

SMnOj- + 2HjO = 2Mn0i + MoOt(s) -b 40H- 
18 16 at this temperature Calculate tbe standard potential of the (Pt)Mii04, 
MnO? electrode 

8 The standard potential of the (Pt) | PbSO^la) PbOs(s), SO?" electrode 
18 “ 1 686 volts at 25* , calculate the e m p 's of the cell 

Pt 1 PbS0i(s), PbO,(s) H*S04 (c) 1 Hj(l atm ) 
for 1 097 and 6 83 molal sulfuric acid solutions The mean activity coeffi- 
cients (7) and aqueous vapor pressures (p) of the solutions are 
m 7 p 

1097 0146 22 76 mm 

683 0386 12 95 

The vapor pressure of nater at 25" is 23 76 mm of mercury 

9 From the standard potentials of the systems (Pt)Cu'*', Cu"*"^ and I-, I" 
evaluate the equilibnura constant of the reaction 

Cu++ + I' = Cu+-|-tIi, 

and show that it is entirely owing to the low solubility product of cuprous 
iodide Cul, 1 e , approximately 10 “ that this reaction can be used for the 
analytical determination of cupnc 10ns 

10 The solubility products of cupnc and cuprous hydroxides, Cu(OH)i 
and CuOH, respectively, are approxiinatdy 10"® and 10'“ at ordinary tern 
peratures [Allmand, J Chem Soc , 95, 2151 (1909)] , show that the sohd 
cupric hydroxide is unstable in contact with metallic copper and tends to be 
reduced to cuprous hydroxide 
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ACIDS AND BASES 

DefiaitioD of Acids and Bases.*— The old definition? of an acid as a 
gubatance which yields hydrogen ions, of a base as one giving hydroxyl 
ions and of neutralization as the formation of a salt and water from an 
acid and a base, arc reasonably satisfuctory for aqueous solution^, but 
there are senous limitations when non-oqueous media, such as ethers, 
mtro-compounds, ketones, etc., are involved As a result of vanous 
studies, particularly those on the catalyrtie influence of un-ionjred n]oJ^ 
cules of acids and bases and of certain ions, a new concept of acids and 
bases, generally associated with the names of Breasted and of Lowry, 
has been developed in recent years ‘ According to this point of view 
an acid is defined as a substance with a tendency to lo^e a proton, while 
a base is any substance with a tendency to gam a proton, the relationship 
betAveen an acid and a base may then be written m the form 

A m + B (1) 

setd proton base 

The acid and base which differ by a proton according to this relationship 
are said to be conjugate to one another, every acid must, in fact, have 
Its conjugate ba?e, and cveiy' base its conjugate acid It is unlikely that 
free protons exist to any extent in solution, and so the acidic or base 
properties of any species cannot become manifest unless the solvent 
moiecuics are themselves able to act as proton acceptors or donors, 
respcctiv ely . that is to say, the medium must itself have basic or acidic 
properties The interaction between an acid or base and the sclvcct, 
and in fact almost all tj pcs of acid-base reactions, may be represented 
as an equilibnuni between two acid-basc systems, viz , 

Ai + B, -b A*. (2) 

ACiiJi {KLS(>t btsfv andt 

where Ai and Bj are the conjugate acid and base of one system, and 

* G N Lewis Fmklin lru ( , 226, 293 (1933), see jdso, / Aw- Ckm Soc, fiJ 
18S6, 1894 (1939), 62, 2122 flfllOl^proposes to define a base as a substance capable of 
furnishing a pair of electrons to & bi^, i e , an electron donor, wherea*' an acid la able 
to accept a pair of electrons, i e , an electron acceptor The somewhat restneted defim 
tiong emplojed m this book are, howerer, more Mavenject from the electrocheinlcal 
standpoint 

‘Lowiy, Chm and fnd , 42, 43 (1923); Biflnsted imv dim 42, 718 (192J), 
J Phy$ Ckm , 30, 377 (19®); for reviews, toe Brjinsted Chm Rnf . 331 (1928), 
Hftll, tbid, 8, 191 (1931], Bjerrum, iW, 16, 287 (1935), Bell, Ann Rep Ckm Soe, 
31, 71 (1934). 
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*^2 and B 2 are those of the other system, e g , the solvent Actually Ai 
possesses a pioton in excess of Bj, while A 2 has a proton more than Bj 
tile reaction, therefore, involves the transfei of a proton from Ai to B m 
one direction, or from At to Bi in the other direction 

Types of Solvent — In order that a particular solvent may permit a 
substance dissolved m it to behave as an acid, the solvent itself must 
be a base, or proton acceptor A sdvent of this kind is said to be proto- 
phihc m character, instances of protophihc sohents are water and alco- 
hols, acetone, ether, hquid ammonia, anunes and, to some extent, formic 
and acetic acids On the other hand solvents which permit the mam- 
festation of basic properties by a dissolved substance must be proton 
donors, or acidic, such solvents are protogemc in nature Water and 
alcohols are examples of such solvents, but the most marked protogemc 
soh ents are those of a strongly acidic character, e g , pure acetic, formic 
and sulfuric acids, and liquid hydrogen ehlonde and fluonde Certain 
solvents, nater and alcohols, m palicular, are amphiprotic, for they can 
act both as proton donors and acceptors, these solvents permit sub 
stances to show both acidic and basic properti^, whereas a purely proto- 
pbilic soh eut, e g , ether, or a completely protogemc one, e g , hyckogen 
fluonde, would permit the manifestation of either acidic or basic functions 
only In addition to the ty^ies of solvent already considered, there is 
another class which can neither supply nor take up protons these are 
called aprotic soh ents and theu- neutral character makes them especially 
useful nhen it is desired to study the interaction of an acidic and a basic 
substance without mterfercnce by the solvent 

Acids —Since an acid must possess a labile proton it can be repre- 
sented by HA, and if S is a protophihc, 1 e , basic, solvent, the equilibnum 
existing in the solution, which is of the tyqie represented by equation (2), 
may be wntten as 

W + k", 

acidi base* acid base, 

where HS^ is the form of the hydrogen ion m the particular solvent and 
A' IS the conjugate base of the acid HA There are a number of impor- 
tant consequences of this representatioa which must be considered In 
the first place it is seen that the anion A" of every acid HA must be 
regarded as the conjugate base of Hie latter If the acid is a stiong one, 
it will tend to give up its proton very readily, this is, m fact, what is 
meant by a “strong amd " For su^ an acid, e g , hydrochloric acid, 
the equilibnum between acid and sohent, represented by equation (3), 
lies considerably to the right, that is to say, the reverse process occurs 
to a small extent only This means that the anion of a stiong acid, 
eg, the chloride ion, will not have a great affinity for a proton, and 
hence it must be regarded as a "weak base ” On the other hand, if HA 
IS a very weak acid, e g , phenol, the equilibnum of equation (3) lies well 
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to the left, so that the process 

A +HS+?±HA-|-S 

mil take place to an apprembJe crtect, the beiod A', o g , the pheno^ife 
IOC, mil be « moderately stroag base 

Another consequence of the mteratftion between the acid and the 
solvent is that the hydrogen ion m solution is not to be regarded as a 
bare proton, but as a combination of a proton with, at least one molecule 
of sohent the hydrogen loo thus depends on the nature of the solvent 
In water, for example, there are good reasons for believing that the 
h> drogen ion is actually sometimes called the “oxonium ' or 
“hydronium ’ ion the free energy of hjdration of the proton w so high 
approximately 250 kcal (see p 249), that the concentration of free pro- 
tons in water must be quite negligible, and hence almost all the profoy 
must have united with water molecules to form HjO*- ions Further 
hydration of the HjO+ loas probably occurs in aqueous solution, but tbis 
13 immatenal for present purposes 

Striking evidence of the part played by the water m connection with 
the manifestation of aadic properties is provided b> observ ations on the 


tion under these conditions The solution of hydrogen bromide in sulfur 
dionde is able, however, to dissolve a mole of water for every mole of 
hydrogen bromide present, and the resulting solut on is an excellent con 
ductor Since water is sparingly soluble m sulfur dionde alone, it u 
clear that the reaction 

HBr + H,0 = H,0+ + Br 

must take place between the hydit^n bromide and water Confirms 
tion of this view is to be found in the observation that on electrolysw of 
the solution one mole of water w liberated at the cathode for each faraday 
passing, the discharge of the KO* ion clearly results m the formation of 
an atom, or half a molecule, of hydrogen and a molecule of water 
It is of interest to note in connection with the question of the nature 
of the hydrogen ion in solution that the crystalline hydrate of perchlonc 
aad HCIO 4 H 2 O, has been shown by X ray diffraction methods to hav 0 
the same fundamental structure as ammonium perchlorate Since the 
fatter consists of interpenetrating lattices of I'lHf and CIO» ions, it is 
probable that the former is budt Up of HjO'^ and C107 mns 

A third conclusion to be drawn from the equilibrium represented by 
equation (3) la that since the solvait S is to be regarded as a base, the 
corresponding hydrogen ion SH+ is an acid The hydronium ion 
IS thus an acid, and in fact the acidity of the strong acids, e g perchloric, 

‘BagsterandCoohng / Chm.S<K 117,693(1920) 
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hydrobromic, sulfunc, hjdrochlonc and mtnc acids, m ■^ater is due 
almost exclusively to the HjO'*' ion It is because the process 

HA + HiO^±H,0+ + A-, 

acid] basci acdi basei 

where HA is a strong acid, goes almost completely to the nght, that the 
aforementioned acids appear to be 
equally strong in aqueous solubon, 
provided the latter is not too concen- 
trated In solutions more concen- 
trated than about 2 however, these 
acids do shov differences m cata- 
lytic behavior for the mversion of 
sucrose, the results mdicate that the 
strengths decrease m the order gi\ en ^ 

(Fig 86) I 

In order that it may be po'ssible 
to distinguish in strength between | 
the so called strong acids, it is evi 1 
dently necessary to employ a sohent ^ 
winch IS less strongly pro tophilic than 
water, the equilibrium of equation 
(3) will then not he completely to the 
nght, but its position itiII be deter- 
mined by the relative proton-donat 
mg tendencies, i c , strengths, of the 
vanous acids A useful solvent for 
this purpose is pure acetic acid, this Fig 8C Catalytic activity of strong acids 
IS primarily a protogeme (acidic) 
solvent, but it has slight basic properties, so that the reaction 

occurs to some extent, although the equilibnum cannot lie far to the 
nght Even acids, such as perchlonc and hydrochlonc, which are re- 
garded as strong acids, viU mteract to a small extent only mth the 
solvent, and the number of ions m solution will be relatively small, the 
extent of lomzation Mill, therefore, depend on the strength of the acid in 
a manner not observed m aqueous solution The curves m Fig 87 show 
the vanation of the conductance of a number of acids m pure acetic acid 
at 25°, the very low equivalent conductancis recorded are due to the 
1 ery small degrees of lomzation It is seen, therefore, that acids which 
appear to be equally strong in aqueous solution behave as weak acids 
when dissolved in acetic acid, moreover, it is possible to distmguish 
between their relative strengths, the order bemg as follows 

HClOi > HBr > H:S04 > HGI > HNO3 
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This order agrees with that found by catalytic metliod! and ty 
potentiometnc titration.* 


tributod to the stroag tendoftir 
of tho CnjCOjlIj* ion to lose n 
proton, so that the ion \nll behave 
as an acid of erccptional strengti. 
Hie intenf® acidity of those eolu- 
tioca, as shown by hydrogen rfef. 
Irode measurements by their cat- 
alj'tic activity, and in otherflaj-s, 
has led to them being called super- 
acid solutions.* The property of 
superacidity can, of course, 
oWrved only with solvents which 
are strongly protogente, but which 
still passes? some protophiKc ni- 
turc. Hydrogen fluonde, for ex- 
ample, has no protophilic proper- 
ties, and so it cannot be ujwI to 
, I , , exhibit superaeidity; in fact no 

0C5 oo( floj 9.08 known substance exhibits acidic 

beha\‘ior in this solvent, cx- 

Fifl, S?. Conductance of afida in gUcut plained below. 

acetic acid (Koliho0 and WiUnun) ti * • ■ i< - 

ing the influence of the solvent, , . ■ 

medium, even acids that are normally regarded as weak \\ouId be higniy 
ionized It is probable that in liquid ammonia interaction uitb a weak 
acid, such as acetic acid, would occur to such an extent tknt it would 
appear to be as strong as hydrochloric acid. 

Bases.— Theequilibrium between anncidie,ic.,protogcnic,Folventaiid 
a base may be represented by another form of thcgcneral equation (2), ri: , 
B + Sit IJH+ -f S-, (!) 

ba.<« acid arid hace 

where the solvent is designated by Sit to indicate its acidic properly. 
It is seen from this equilibrium that the cation BIH corresponding to 
the base B is to be regarded as an acid; for example, if the ba'c is Nib, 
‘ Kill and Conant, /. Chm, Sec , 49. 3PtT, 30G2 (IS27)', HaH trA Wmsfr. 
iW.,50.23G7(1928);IIaQtzKhBDdUnjd>fltt,^ onw? Chm.,2l>i. l[a(l9C2);KeIttHiff 
and WiUman, J. Am. Chm. Sx., M, 1007 (1931}; Weidner, Ilutcht'on ami (Tauillt, 
l2S5(l(rtl). 

MIjU ant] Conatit, J. Chm. Sx , «, 3017, 30G2 (1927); BsH Mil ''’wwf* 
iW , 50, 23(57 (1923); Conant and Wemer, ibU . $2, 4130 (1930). 
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the corresponding cation is NHt, and so the ammonium ion and, m fact, 
all mono-, di-, and tn-substituted ammomum ions are to be regarded as 
the conjugate acids of the corresponding amine (anhydro-) bases It 
can be leadily shown, by arguments an^ogous to those used m connec- 
tion ivith acids, that when the base is a strong one, e g , hydroxyl ions, 
its conjugate acid, i e , water, will be a weak acid, similarly, the conjugate 
acid to a very weak base wiU be moderately strong 

The strength of a base like that of an acid must depend on the nature 
of the solvent in a strongly piotogemc medium, such as acetic acid or 
other acid, the ionization process 

B + CHsCOjH = BH+ + CH3CO2 

base acid acid base 

will take place to a very considerable extent even with bases which are 
weak in aqueous solution Just as it is impossible to distinguish between 
the strengths of weak acids m hquid ammonia, weak bases are indis- 
tinguishable m strength when dissolved m acetic acid, it has been found 
expenmentally, by measurement of dissociation constants, that all bases 
stronger than aniline, which is a very weak base in water, are equally 
strong in acetic acid solution ® To arrange a senes of weak bases m the 
order of their strengths, it would be necessary to use a protophilic solvent, 
such as liquid ammonia* water is obviously better than acetic acid for 
this purpose, but it is not possible to distinguish between the strong bases 
m the former medium, since they all pi oduce OH- 10ns almost completely 
Substances which are normally weak bases m water exhibit con- 
siderable basicity m strongly acid media, the results m Table LVI, for 


TABLE LVI EOtrrVAlBffT CONOOCTANCES IN HYUHOQBN FLUORIDE SOLUTIONS 
AT - 15* IN OHMS"* CJf* 


Concentration 

Methyl ^cobol 

Acetone 

GIucobb 

0 026n 

243 

244 

279 

0115 

200 

190 

203 

0 24 

164 

181 

165 

0 50 

139 

176 

114 


example, show that methyl dcohol, acetone and glucose, which are non- 
conductors in aqueous solution, are excellent conductors when dissolved 
m hydrogen fluoride ® These, and other oxygen compounds, behave as 
bases and ionize m the following manner 

^0 + HF = + F- 

baiie aad aad base 

A number of substances which are acids m aqueous solution function as 

5 Hall, J Am Chem Soc , 52 5115 (1930), Chm Revs 8 191 (1931) 

* Fredenbagen c/ a? , Z ‘pkys7l. Cfiem, l^SA, 245 (1930), 164A, 176 (1933), Simons, 
Chem Revs , 8, 213 (1931) 
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bases m hydrogen fluonde, e g , 

CHsCOjH -f HF =. CHaCOsH^ + P- 

base &ad nc d base 

This reaction occurs because the acid possesses some protophilic proper 
ties, and these become raanifest in presence of the very strongly 
protogemc soh ent As may be expected, the stronger the acid is m 
water the weaker does it behave as a base in hydrogen Quonde 
Dissociation Constants of Acids and Bases —If the law of mass action 
13 applied to the equilibrium between an acid HA and the basic solveat 
S 1 e to the equilibrium 


the result Is 


HAd-S;±HS^ + A'-, 

OhaQs 


If the concentration of dissolved substances m the solvent is not large 
the activity of the latter i e , Cs may be regarded as unity, as for the 
pure aohent, equation (5) then becomes 


The substance HS^ is the effective hydrogen ion in the solvent S so that 
QaV 18 equualent to the quantity conventionally wnltea m previous 
chapters as uh* it being understood that the symbol H+ does not refer 
to a proton but to the appropriate hydrogen ion in the given solvent, it 
follows, therefore, that equation (6) may be written m the form 


which 18 identical with that obtained by regarding the acid as HA ionizing 
into 11+ and A“ in accordance with the general treatment on page 163 
The constant as defined by equation (6) or ^7) is thus identical mth the 
familiar dissociation constant of the acid HA in the given solvent as 
obtained by the methods described m Chap V, further reference to the 
determinat on of dissociation constants is made below 

Application of the law of mass action to the general base^olvent 
equilibrium 



Os 


{he activity of the solvent SH be ng regarded as constant, the quantity 
Kh IS the dis‘!ociation constant of the base If the base is an amine, 
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RNH 2 m aqueous solution, then the equihbnmn 

RNHj + H,0 RNHt + OH" 
is established, and the dissociation constant is given by 


flBNHjflOH 

Aj = 

ttaXE 

The result is therefore the same as would be obtained by means of the 
general treatment given m Chap V for an electrolyte MA, if the un- 
dissociated base were regarded as having the formula RNH 3 OH m 
aqueous solution 

The dissociation constants of acids, and bases, are of importance as 
gi^g a measure of the relative strengths of the acids and bases, m the 
given medium The strength of an acid is measured by its tendency to 
gn e up a proton, and hence the position of the equihbnum v ith a gi\ en 
solvent, as determmed by the dissociation constant, is an indication of 
the strength of the acid Similarly, the strength of a base, which depends 
on its ability to take up a proton, is also measured by its dissociation 
constant, since this is the equilibrium constant for the reaction m which 
the solvent molecule transfers a proton to the base 

Determination of Dissociation Constants The Conductance Method 
—As seen m Chap V, equation (7) may be wntten m the form 

^ _ Cn*CK /h*/a 
“ cha /ea 

and if a IS the true degree of dissociation of the solution of acid whose 
stoichiometnc concentration is c, then 


c^c 


kk 

SoA 


( 9 ) 


Accurate methods for evaluating Ka based on this equation, mvohuiig 
the use of conductance measurements, have been already desenbed m 
Chap V, these requue a lengthy expenmenta! procedure but if earned 
out carefully the results are of hi^ precision For solvents of high 
dielectnc constant the calculation based on the Onsager equation may 
be employed (p 165), but for Ion dielectnc constant media the method 
of Fuoss and Kraus (p 167) should be used 

Many of the dissociation constants m the older literature have been 
determmed by the procedure ongmally employed by Ostnald (1888), 
nhich is now known to be approximate m nature, if the activity coeffi- 
cient factor m equation (9) is n^ected, and the degree of dissociation a 
is set equal to the conductance ratio (A/Ao), the result is 




A*c 

Ao(Ao — A) 


( 10 ) 
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An approximate dissociation function k was thus calculated from the 
measured equnalcnt conductance of tlio solution of Meal acid, orgeat 
base, at (he concentration e, ntid the known \alue at infinite dilution 
Tor moderately weak acids, of dissociatioa constant of or I(h^s th« 
degree of dissociation is not grcatl> different from the conductance ratio 
prodded the solutions arc relatiielj dilute, under these condilions, tew 
the activity coefficient factor will be approamatclj unitv If the acid 

, /T* ^.1 1 1 . ^ *1. 1 i , 


Ostwald method they gne L \alues \ftr)ing from about I 74 X I(H m 
the most dilute solutions to 1 82 X 10'‘ in the more concentrated The 
results in dilute solution do not differ appreciably from those obtained 
b} the more complicated but more accurate method of treating (he data 
It may be mentioned lioMe\er, that the earlier determinations of dis- 
sociation constants were generally based on conductance mcasuraraentj 
with solutions which were rarely more dilute than 0001 s whereas those 
in Table .\XX\ III refer to much less concentrated solutions For acids 
whose dissociation constants arc greater than about lO** the Ostnald 
method would gne reasonably accurate rc'iults for the dissociation coo 
stant only at dilutions which arc probably too great to yield reliable 
conductance racasiircmcnts 

Electromotive Force Method —An alternative procedure for the 
evaluation of dissociation constants, which al«o leads to very accurate 
results, mv olv cs the study of cells without liquid junction ^ The chenu 
cal reaction occurring m the cell 

IIi(l atm ) I lIAfwi) NaAfwj) KaCl{mj) ArC1(j) ] Ag, 

where IIA is an acid, wiio'w molality is mi m the solution, and Xa\ a 
its sodium salt, of mohlity m?, is 

atm ) -f AgCI(»] = Ar + + Cl" 

for the passage of one faraday The e m r of the cell is therefore given 
by (cf p 220) 

tlT 

£ J?® - -jp In fln'flci , (11) 

where E° Ls the standard e si r of the hy drogon-silver chlondc cell, i e , 
of the hypothetical cell 

Hj(l atm ) I - 1) 1| aiotr == 1) VgClW | Ag 

The E VI p of this cell is dearly equal in magnitude but opposite in «ign 
to the standard potential of the Ag AgCl(s) Cl" electrode, and hence 
E° in equation (1 1) is + 0 222 1 v olt at Sj" Tlic subscripts II'*’ and C!" 

blamed and Elders J Am Chm Am!, 54 1350 (1D32), for renem-s feeHamd 
J Fronkltn Itiit , 226 623 (l03S),IIftrnedwd Owen Chm Hm 25, 3I(lW} 
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m equation (11), etc , refer to the hydrogen and chloride ions, respec- 
tively, it being understood that the former is really H3O+ m aqueous 
solution, and the corresponding oxonium ion m other solvents The 
activities m equation (11) may be replaced b\ the product of the respec- 
tive molalities (m) and the stoichiometric actnity coefficients (7), so that 

RT RT 

E = E'^ ~ —h mnmci - In yh^ci (12) 

The activities in equation (7) for the dis'^ociation constant may be 
expressed m a similar manner, so that 


K- 


Qh _ mnmA 7rr*7^ 

flllA ffiEk Tha 

and combmation of this expression uith equation (12) gives 


n n/i tWHAWlCI ET , 7fa7CI RT , 

r - In ^ In p- In K, 

F vtA F 7a r ’ 


F(E - E^) othaWci 

2303i2r toa 


7aA7ci 
^ TA 


• log K, 


or, at 25®, 


{E -E°) muxmci 

005915 mx 


, 7nA7C! , 

-log— logJT 

7a 


( 13 ) 

(14) 

( 15 ) 


The right-hand side of equation (14) may be set equal to - log IC, m here 
K' becomes identical Mith K at mhnite dilution, for then the activity 
coefficient factor 7ha7ci Hk becomes umty and the term log 7ha7ci Hk 
in equation (15) is zero 

Smee E° is known, and the F M f of the cell {E) can be measured 
of sad, &jdiiim ssR snd iodiam ciihnde, 
1 e , for vanous values of mi, m 2 and mj m the cell depicted abo've it is 
possible to evaluate the left-hand side of equation (14) oi (15) In dilute 
solution, the sodium chloride may be assumed to be completely dis- 
sociated so that the molality of the chlonde ion can be taken as equal to 
that of the sodium chloride, 1 e , wci is equal to 70 $ The acid HA will 
be partly in the undissociated form and partly dissociated into hydrogen 
and A" ions, the stoichiometnc molabty of HA is vii, and if win is the 
molality of the hydrogen 10ns resultmg from dissociation, the molality of 
undissociated HA molecules, le, wha m equation (15), is equal to 
mi - mn Finally, it is requued to known m\ the A~ ions are pro- 
duced by the di'ssociatioE of NaA, which may be assumed to be complete, 
and also by the small di^ssociation of the acid HA it follows, therefore, 
that mx is equal to m- -1- mn* Smee mn*, the h} drogen ion concen- 
tration, IS requued foi these calculations a sufficiently accurate v alue is 
estimated from the approximate dissociation constant (cf p 390), this 
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procedure is eatisfactoo provided the dissociation constant of the acid is 
about 10"* or less, as is generally the case If the values of the lefUiand 
eide of equation (14) or (15) are plotted against the ionic strength of the 
solution and extrapolated f o infinite dilution, the intercept gives - log I 
from which the dissociation constant K can be readily obtained The 

^ « T ^ 1 1 k'k ill « i A >1 iA Ti .nA i ^ 


suits obtained for acetic acid are shown in Fig 88 the value of log^f, 
IS seen to be - 4 756, so that A, is 1 764 X 10^ at 25® 

^Vhen comparing the dssoaation constant obtained by the con 
ductance method with that derived from e m r measurements, it must 
be remembered that the former la based on volume concentrations i e , 
g ions or moles per liter, while the latter involves molalites. This 
difference arises because it is more convenient to treat conductance data 
in terms of volume concentrations, whereas the standard states for e ur 
studies arc preferably chosen in terms of molalities If Kc and A, are 
the dissociation constants based on volume coQccntrations and molalities 
respectively, then it can be 
readily seen that A, is equal 
to Knp, where p is the dens ty 
of the solvent at the expenmen 
tal temperature For water 
at 25®, p IS 0 9971 and hence 
A, for acet c acid, calculated 
from E M F measurements, i? 
1 749 X 10 h compared with 
1 753 X 10 * from conductance 
data Considering the differ 
ence m principle involved in 
the two methods, the agr^^ 
ment is very striking Almost 
as good correspondence has 
been found for other acids w th 
which accurate conductance and e m F studies have been made this 
may be regarded as providing strong support for the theoret cal treat 
ments involved, especially in the case of the conductance method 
The procedure desenbed hero may bo regarded as typical of that 
adopted for any moderately weak acid, i e , of dissociation constant JIH 
to ](H, for weaker acids, however, some modification is necessary In 
addition to the acid dissociation 

HA 4" HjO 1^0^ 4- A", 

allowance must be made for the equilibnum 

A-4-H20;:;0H-4-HA, 



b 

Fig fiS Di-sociation constant of arctic 
acid (Harned and EUets) 
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winch IS diiG to the water, le, the SQl\eiit, functioning as an acid to 
some extent, this corresponds to the jAenomenon of h 3 dro]ysis to be 
discussed in Chap XI It follows, therefore, that if the stoichiometric 
molahty of HA is mi, then 


m-HA — fill — TOh* -h moB , 

smce HA is used up in the dissociation process while it is formed m the 
hydrolysis reaction m amounts equn alont to the hydrogen and hj droxy I 
ions, respectively I’urfher, if Ihe molality of the salt XaA is m-, then 

Wi = - ffioa , 

since A~ ions are formed m the dissociation process but aic used up m 
the hydrolysis If the dissociation constant is jjeater than 10"^ and the 
ratio of acid to salt, i e , mi/wfe, is appronmately unity, mon is found by 
calculation to be less than and so this term can be neglected m the 
expressions for mn\ and via. , as was done above If the dissociation 
constant hea between 10”* and ICh®, and mi/mj is about umty, ms* - mou 
IS negligibly small, so that «Iha. and m^. may be taken as equal to mi and 
irii, ^especli^ ely For still weaker acids, toh* is so small that it may be 
Ignored m comparison with moa , wha is now equal to mi + mon , and 
mx IS vh “ «foH The values of mon required for determining iuea 
and Wa are obtamed by utilizuig the fact that is equal to 

10-» at 25“ 

Dissociation Constants of Bases —The dissociation constants of bases 
can be determmed, m principle, by methods which are essential)} similar 
to those employ ed for acids Replacmg actmtie-s m equation (8) by the 
product of molalities and activity coefficients, it is seen that for a base 


and this may be replaced by 


mcB+ms 

7BHTS 

(16) 

VlB 

7B 


YBg*YS 

(17) 

1 — ff 

TB 


where a represente the degree of dissociation of the hypothetical solvated 
base, e g , BH OH m water By neglecting the activity coefficient factor 
in equation (17) and replacing a by the conductance ratio, an approxi- 
mate equation identical m form with (10) is obtained, the value of Ao in 
this equation is the sum of the equivalent conductances of the BH"'’ and 
OH“ ions, e g , of NSt and OH“ if the base is ammonia 

Very httle accurate e M p work has been done on the dissociation 
constants of bases, cbefly because moderately weak bases are very vola- 
tile, while the non vola^e bases, e g , amlmes, are usually i ery n eak 
An exception to this generalization is to be found m the ahphatic anuno- 
acids which will be considered in connection with the subject of ampho- 
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Apart from deterniuiations of di^ciatioo constants made from con- 
ductance data, most values dem ed from e m f measurements ha; e betn 
obtained b} an approximate procedure ;\hich Kill be described later 
Dissociation Constants of Polybasic Acids Conductance Method 
A pob basic acid lomrea in stages, each stage ha\uag its own characteristic 


dissociation constant for example, the ionization of a tnbasic acid 
such as phosphoric acid, maj be representwi by 

RuV, 


Aj = — - 

ffBjV 

(m 

2 H,A +H!0=;H,Ot + HA 

y annual 

Ai - 

nii,i 

(ISS) 

3 HA-- + HiOjsH.O» + A---, 

j. On*<Ji 

A* * "X 
aoA’' 

(i&) 


The fact that ionization occurs m these three stages succeanielj with 
increasing dilution shows that Ki> Ki> K^; thi^ is alwajs true, te* 
cause the presence of a negative chaige on H:A“ and of tu o such charges 
on HA~' makes it increasingly difficult for a proton to be lost 
If the dissociation constants for an> two successive stages are sufi- 
cientb d fferent it is ‘?oraetimcs feasible to applj the methods emploved 
for monobasic acids, the conditions under which this is possible wdl be 
considered mth reference to a dibasic acid, but the general conclusions 
can be extended to more complex cases If HjA is a dibasic acid for 
which ^ 1 , the dissociation constant of the 6rst stage,* 

la of the order of Kh* to 10 while the constant Ks of the second “^tage of 
dissociation, 

* The first stage dissociation constant of a dibasic acid is actually the Eum of tw 
ccnslants, consider, for ccawple, Ibe unsytametncai dibasic and HX \ H, whefe X 
and X' are different This acid can dissociate m t;\o ways, viz , 

HX\H + HA)^H,0*+ W'H, 
and 

HX XTI + H:0::iH,0+ + HX X' , 

and if Xi and XI' are the corresponding dt^riation constants, the e-Tpcnrapotal fii't 
stage dissociation constant A, is setnaO; eqiaJ to Xf + Xi If the acid is a synh 
metncal one, e g ofthetvpeCO»H(CH|)fcCO*iT theconstants ATand/^'areidcatical, 
80 that Ai is equal to 2Xi Similar considmtions apply to all 
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IS very small, i e , the acid is moderately T^eak m the first stage and i ery 
ireak m the second stage, then it maj be treated virtuallj as a monobasic 
acid The lalue of K\ maj be determined m the usual manner from 
conductance measurements on the acid HjA and its salt NaHA at various 
concentrations, together with the known values for hj drochlonc acid and 
sodium chloride (cf p 164) Provided the dissociation constant of 
the acid HA is very small, the extent of the second stage dissociation 
will be negligible in the solutions of both H.A and NaHA This method 
has been applied to the determination of the first dissociation constant 
of phosphonc acid ® for this acid Hi is 7 5 X 10“* at So®, whereas H is 
6 2 X 10-® 

If the dissociation constant of the second stage is relativclj large, 
e g , about 10 * or more it is not possible to carrj out the normal con 
ductanee procedure for evaluating Hi, this is because the HA“ ion m the 
solution of the completely lomzed salt NaHA dissociates to an appreciable 
extent to form and A — ions, and the measured conductance is 
much too laigp As a I'esult of this further dissociation, it is not possible 
to den\ e the equi\ alent conductances of NaHA required for the calcu- 
lation of the dissociation constant An attempt has been made to o^ er- 
come tbs difficulty by estimating the equi\ alent conductance of the ion 
EA in an indirect manner, so that the \alue for the salt NaHA maj be 
calculated By assuming that the mtennediate ion of an organic dibasic 
acid, viz , OH CORCO?, has the same equivalent conductance at infinite 
dilution as the amon of the corresponding amic acid, viz NHi CORCOo , 
wbch can be obtamed by direct measurement, it has been concluded that 
the equivalent conductance Xba of the intermediate ion is equal to 
053Aa , where Xa is the conductance of the A "ion, le, of "CO-'RCOr 
m the case under consideration Since the latter quantity can be deter- 
mmed without great difficult) b) conductance measurements with the 
salt Na-A, the value of Xha for the gii en acid at infinite dilution can be 
obtamed The known equivalent conductance of sodium is now added 
to that of the HA~, thus giving the lalue of Ao for the salt NaHA, the 
\anation of the equivalent conductance with concentration can now be 
expressed by assummg the Onsager equation to be apphcable Since 
the conductance of the acid H-.A at various concentrations is known as 
well as that of HCl and NaCl, all the information is available for calcu- 
lating the dissociation constant of H 2 A as a monobasic acid Tbs method 
cannot be regarded as accurate, however, for the identification of Xha 
with 0 53Xa is knowm to be an approximation ^ 

The determination of the second dissociation constant {H«) of a di- 
basic acid also requires a knowledge of the equn alent conductance of the 
mtermediate ion HA", and if the \ abe of H. is large enough to be deter- 
mined fiom conductance measurements, the further dissociation of HA" 

^SberriUandXojes J Am Chem Soc 48 1861 (1926) 

® Jeffery and Vogel J Chem Soc 21 {l93a), 1756 (1936), Dawes ibid ISaO 
(1939) 
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IS too great for the equu alent conductance to be derived accurately frcm 
the experimental data for the salt NaHA In the earlier attempts to 
e\ aluate Aj the assumption was made of a constant ratio of Xm to Xr 
as descnbed above this, however, leads to results that are too uncertain 
to ha\ e any senous worth If transference data are available, it 13 
possible in certain cases to determine the required value of Xm and 
hence to calculate the second dissociation constant of the acid The 
method has been used to evaluate Kt for sulfunc acid in its first stage of 
dissociation this is a very strong acid, but the second stage dissociation 
although very considerable, is much fimallcr 

Dissociation Constants of Dibasic Acids by E M F Measurement— 
If the ratio of the d ssoaation constants of a dibasic acid or of any tiro 
successive stages of ionization of a polyl^c acid, is greater than about 
10* or 10’, it is possible to treat each stage as a separate aod niid to 
determine its dissociation constant by means of cells without liquid junc 
tion m the manner already descnbed In a mixture of the free dibasic 
acid HjA with its salt NaHA, the essential equilibna are 

1 HtA + HtO;=;H,0<-'f HA- 
and 

2 HA +HtO^H,0+ + A-, 

and from these, bj subtraction, may bo obtained the equilibrium 

3 2HA-;:;H:A + A-- 

If Aj and Aj arc the dissociation constants for the stages 1 and 2 it can 
bs readily shown that the equilibrium constant for the process 3 is equal 
to Ai/Ai 

If the stoichiometnc molality of H:A is mi m a given soiuton and 
that of the salt NaHA, assumed to be completely dissociated into HA“ 
ions, IS m, then 

wii,A - mi- ma* + ntx , (19) 

since H2A IS remov ed to form hydrogen 10ns in process 1 while it is 
formed in process 3 m an amount equivalent to A — , further, 

mu. « OTj + ffiE* - , (20) 

since HA" is formed in reaetton 1 and removed in 3, in amounts equiva 
lent to HjO'*' and 2A~“ respectively It has been seen that the equilib- 
rium constant of process 3 is equal to AVAi and the smaller this ratio 
the less will be the tendency of the ruction to take place from left to 
right, if Ki/Ki IS smaller than about 10"*, 1 e , K,/Ki > 10*, the extent 
of the react on will be negligible and then the wia terms in equations 
(19) and (20) can be ignored The expressions for ma,x and Wm" then 
reduce to the same form as do the corresponding ones for wba and »«a 
^Shernll and Noyes J Am C/um Soe 48 1861 (1926) 



DISSOCIATION CONSTANTS OP DIBASIC ACIDS E M F MEASUREMENT 321 


respectively, for a monobasic acid If Ki lies between 10"^ and 10"® 
and Wi/mz is approximately unity, mn* maj be neglected, as explamcd 
on page 317, for weaker acids, hone\er, the teim woh , arising on account 
of hydrolysis, must be included 

It follows, therefore, that when KijKi is small, or KilK^ is large, the 
value of Ki can be readily determined by measurements on cells of the 
type 

H2(1 atm ) I H 2 A(mi) NaIIA(mi) NaClCmg) AgCI(s) j Ag, 
the equation for the e m f bemg, by analogy with equation (14), 


F{E Wn^JBoi , TH ATci , ,, 

imSRT Wba “ TEA 


( 21 ) 


The values of win, a. and msA are denved as explained above, and mci is 
taken as equal to 7th, the method of extrapolation, which yields log Ki, 
IS the same as described for a monobasic acid 

In order to investigate the second stage dissociation constant, the 
system studied consists of a mixture of highly ionized NaHA, which is 
equivalent to the acid HA", of molality mi, and its salt Na^A, of molality 
wis In this case, it follows from the three processes given above, that 


and 


toha - mi- mn* - 2mH,A 
WlA * = fflC + TOh* + »lH,A 


If KilKi IS small the 7nn,A terms may be neglected, just as the Wa 
terms were neglected in the previous case, since process 3 occurs to a 
small extent only, under these conditions the expressions for muA and 
m\ are equivalent to those applicable to a monobasic acid The deter- 
mination of Ki can then be earned out by means of the cell 


112(1 atm ) I NaHA(7«i) Na 2 A(m 2 ) NaCl(ms) AgCl(s) [ Ag, 
the E M F of which is given by the expression 


FjE - r°) CTha-Wci 

2 303727 mx 


log 


7aA 7cr 
7a 


- log Kz 


( 22 ) 


The values of wha , Wa and iiici are determined m the usual manner, 
but since the activity coefficient factor tha 7 ci hi. involves two uni- 
valent 10 ns m the numerator with a bivalent ion m the denominator, it 
will differ more from unity than does the corresponding factor m equa- 
tions (14) and (21), the usual extrapolation procedure is consequently 
liable to be less accurate Utilizing the form 

log 7i = - 

of the extended Dcbye-Huckel equation, however, it is seen that equation 
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(22) maj be T^nttenas 


F(E - P) 
2 303/n 


+ log 


WnA'WQ* 

ITlA- 


•f* 2A ■v^ = Cy - log Kt 


(23) 


The plot of the left hand side of this e^prc^sion where yl w 0 509 al 2j* 
against the ionic strength y si ould thus be a straight lino, at Icait afh 
proximatcly, the intercept for 2 cro lomc strength gites the ;-aIueof 
- log A} The res\iUs obtained in the determination of the second dL-s* 
sociation constant of phosphoric acid ore shown in Fig 89, the upper 
cunc IS for cells containing the salts KIAPO^ and NaillPO,, and (he 
lower for the two corresponding sodium salts m a different proportion 
In this case the ncidwHtPOr, 
and Its dissociation constant 
13 seen to bo -antilog 7 200, 
ie,A'jisG223 X10'*nt25*" 
If the ratio A’l/A'j for t«o 
sticcc'isiie stages is fiuallcf 
than 10*, jt would be ncces 
gai} to include the pia'* and 
pinjA terms, which were 
glccted prcMouslj, m the ll^ 
termination of A'l and ht 
respectnelj ThecMiIuation 
of these quantit es, as lull 
as ol wn* or Wou , would re* 
quire prelim iiary values of 
A'l and A'j, and the calcula 
tions, although feasible, would be tedious No complete dctcmiina- 
tion by means of cells without liquid junction appears yet to have been 
made of the dissociation constants of a dibasic acid for which AVA'i is 
Ie«s than JO’ 

DissociatioQ Constants by Approximate E M F. Methods — Mlicn, 
for vanous reasons, it is not convenient or desirable to carr) out the 
lengthy senes of rneosurements required for the determination of accurate 
dissociation constants by the conductance method or by means of cflli 
without bquid junction, approximate e m f methods, utilizing cells with 
liquid junctions, can be applied These methods ini oh c (be tletcrmina* 
tion of the hydrogen ion conccntntion, or actnitj, m solutions con* 
taming a senes of mixtures of the acid and its salt with a strong ba^Ci 
generally obtained by adding definite quantities of the latter to a known 
amount of acid T!ic procedures used for actual measurement of hj clrt>* 
gen lOU actnities are desenbed in Chap X but the theoretical In^Hof 
the evaluation of dissociation constants will be considered here 

«Ninii J An Chm S(k,SS IWG (1933), for appliration to malotuc sriJ 
Ihmcr, Btirlon and Acrce, J lia ^e^ Bur Standardi 24, 2C9 (1910) 
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If a IS the initial concentration (molality) of the weak or moderately 
i\eak acid HA, and I is the amount of strong, moaoacid base MOH 
added at any instant then !> is also equal to mu*, the molality of M+ ions 
at that instant, since the salt MA produced on neutralization may be 
taken as being completely dissociate The acid HA 13 only partially 
neutralized to form A“ 10 ns, and so 


a ~ mm. + 


(24) 


Further, as the solution must be eleetmcally neutral, the sum of all the 
positive charges will be equal to the sum of the negative charges, hence 


m\i* + TOh* = Ma + iMon ) 
6 + TOn* = «iA + moE 


(25) 


The dissociation constant Ka of the acid HA may be expressed m the 
form 

^ _ aH*qA 
Uha 

Wa Ya 

— flu • 

niHA THA 

and if mx‘ and mm are eliminated by means of equations (24) and (26), 
it 18 found that 

„ fl - 6 - wh* + moH Yha 

flH* = Kc- 


7a 


(26) 


6 + ffin* ~ moE 
If the quantity B is defined by 

H s 6 + We* - Won , 
then equation (26) may be Mntten as 

a — B 7nA 

B TA ’ 

or, taking logarithms, 

log Oh ~ log Ka + log + log “ 

It was seen on page 292 that the pH, or hydrogen ion exponent, of a 
solution may be defined as - log ah*, m an analogous manner the symbol 
pKa, called the dissociation exponent, may be substituted for - log^^, 
hence 

pH = piC. + log^ + log:^ 


(27) 
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According to the extended Debye Hilckel theory, it is possible to i\nte 

■“ 8 ;^= + ( 28 ) 

remembenng that A~ is a univalent ion and HA an nndissociated raolo 
cule, and so equation (27) becomes 

pH = pAa + logj^-XV^ + Cv, (29) 

pH - + /iVil = pK, + Cj 

If the left-hand side of this equation for a senes of acid-basc mixtures is 
plotted against the ionic strength of the solution, the intercept for y 
equal to zero would give the value of pKa, i e , — log A', 

The methods used for the determination of the pH of the solution 
will be described in the following chapter, but in the meantime the evalw 
tion of B and y will be considered If tl^ hydrogen lon coticetitrabonof 
the solution is greater than I0“* g -ion per liter, i e , for an acid of medium 
strength, the hydroxyl ion concentration moH will be le-’s than 10 ® and 
so can be neglected m comparison with wih*, B then becomes equal to 
6 + On the other band, for a ver} weak acid, when the hydrogen 
ion concentration is less than ll}~“ g ion per liter, the quantity mg* may 
be Ignored, so that £ is equal to h + mou For solutions of mter 
mediate hydrogen ion concentration, le between 10^ and 10"® g lou 
per liter, ma* - niou is neglig bly small and so B may be taken as equal 
to h The values of d and & are known from the amounts of acid and 

* • 1 j 


is derived from the measured pH, and th* « calculated with sufficient 
accuracy by means of the simple Debye-Huckel equation The lomo 
strength y of the solution is given by h + ma* - Woh except at the 
beginning of the neutralization, however, when b is small, the v^ue of y 
may be taken as equal to 6 

The data obtained for acetic acid at 25® are plotted in Fig 90, 
the results are seen to fall approximately on a straight line, and from 
the intercept at zero ionic strength pA*, is seen to be 4 72 The difference 
between this value and that given previously is to be attributed to an 
incorrect standardization of the pH scale (cf footnote, p 349) 

Instead of employing the gr^hical method described abo\e, the 
general practice is to make use of equation (27) , the quantities pH and 
B are obtained for each solut on and the corresponding pk, evaluated 
The activity correction may be applied by means of equation (28) since 

“Walpole, J Ckm So( 105 2501 (1914) 
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A IS knonDj and C can be guessed approxunateiy or neglected as being 
small , alternafeveij , the tentative pl^ n aluK <Ataiiwd bi neglecting the 
activity coefficients may be plotted a^inst a function of the lomc strength 
and extrapolated to infinite dilution 
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If B IS equal to \a, and the solution is reiatiiely dilute, so that the 
terms involving the ionic strength arc small, equation (29) reduces to 

pH * pke 

Provided the pH of the system lies betaeen 4 and 10, the quantity B 
IS virtually equal to i, and hence it follows that when h is equal to io 
the pH of the solution is (approximately) equal to the pA-,, of the acid 
In other words, the pH of a hdf-ncutralized solution of an acid, i e , of a 
solution cQUtauung equivaWt amounts of the aeid and its salt, is equal 
hu t/hb TI'uis Wi/ •& di-eqimi/Jry ■Mue iijpmnmifti: 

tion of dissociation functions 

Dibasic Acids —The treatment given above is applicable to any stage 
of ionization of a polybasic aad, provided its dissieiation constant differs 
by a factor of at least 10’ from those of the stages immediately preceding 
and followmg it the activity correction, equivalent to equataon (28), 
will however depend on the draiges earned by the imdissoeiated amd 
and the corre‘;pondmg amon If these are r — 1 and r, respectively, then 
according to the extended Debye-Hudcel equation 


A[f ~{r~ -f Cp 
= - 4(2r - 1)1^ A- Cp, 

so that equation (29) for the rth dissociation constant of a polybasic 
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According to the extended Deb^e-Huckel theorj? >t ^ possible to rmte 
Iog-^=-iV; + Ci. (28) 

®7e*. 

remembcnng that A" w a um^alenl ion and HA an nndissociated mole- 
cule, and so equation (27) becomes 

pH = pA. + log^^-g - + Cu, (29) 

pH - log + ;lVp » pA. + Cp 

I! the left-hand side o! this equation for a senes of acid-base mistutes is 
plotted against the lomc strength of the solution the intercept for p 
equal to lero \7o\ild give the value of pK# i e , - log A, 

The methods used for the determination of the pll of the solution 
will be described in the following chapter but in the meantime the ev alua 
tion of B and p will be considered M the h> drogen ion concentration of 
the solution is greater than 10^ g ion per liter, i c for an acid of medium 
strength, the h\ droxv 1 ion concentration fflon vnll be less than and 
SO can be neglected m comparLon with , B then becomes equal to 
b + mir* On the other hand, fora vcr> weak acid when the hj drogen 
von concentration « less than 10"** g -ion per bter, the quantity ms* may 
be ipored, so that B is equal to b -I- wioh For solutions of inter 
mediate hvdrogcn ion concentration i c between 10^ and I0"“ g wu 
per liter, ms* - itioh ii negligibl) small and B may be taken as equal 
to b Tbe \ alues of a and b arc known from the amounts of acid and 
^ ■ ffia^ and 

aa*lia* 

. » « wuJ; xiio i^udiltltj Qb* 

13 derived from the mea'nired pH, and 7 h* « calculated mth sufficient 
accurac) bj means of the simple Debje-Huckel equation The ionic 
strength p of the solution is given by b + mu* - woh , except at the 
beginnmg of the neutralization, however, when 6 is small, the value of y 
maj be taken as equal to 6 

The data obtained for acetic acid at 2o" are plotted m Fig 90, “ 
the results are seen to fall approximately on a straight line, and from 
the mtercept at zero lomc strength pK* is seen to he 4 72 The difference 
between this value and that given previous]} is to be attnbuted to an 
incorrect standardization of the pH scale (cf footnote, p 349) 

Instead of employing the graphical method described above, the 
general practice is to make use of equation (27) the quantities pH and 
B are obtained for each solution and the corresponding evaluated 
activity correction may be applied by means of equation (2S) since 
Walpole J Chem Soc 105 2jOI (1914) 
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A IS kno^^n, and C can be gues<5ed approximately or neglected as being 
small , alternaln ely, the tcntati\ e pi, a alues obtained by neglectmg the 
activity coefficients ma} be plotted againstaiunction of the ionic strength 
and extrapolated to infinite dilution 
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If 5 IS equal to la, and the solution is relatively dilute, so that the 
terms mvolvmg the lomc strength are small, equation (29) reduces to 

pH = pt. 

Preluded the pH of the system lies between 4 and 10, the quantity B 
IS virtually equal to h, and hence it follows that nhen li is equal to |a 
the pH of the solution is (approxunatel} ) equal to the pi-* of the acid 
In other nords, the pH of a half-neutralized solution of an acid, i e , of a 
solution contaming equivalent amounts of the acid and its salt, is equal 
to ■pka This fact IS frequently utilized for the approxunate determina- 
tion of dissociation functions 

Dibasic Acids —The treatment giv cn above is applicable to any stage 
of ionization of a pol} basic acid, pronded its dissociation constant differs 
by a factor of at least 10* from those of the stages immediately preceding 
and following it the activity coirectioa, equivalent to equation (28), 
will however depend on the charges earned by the undissociated acid 
and the corresponding anion If these are r — 1 and t, respecliv ely, then 
according to the extended Debye-Huckd equation 

log — — — — (r — + Cy 

= - A(2r - i)xt + Cy, 

so that equation (29) for Hie rth dissociation constant of a polybasic 
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acid becomes 

pn = pK", log ^ ^ ^ - 4(2r - 1 )n^ + Cy (30) 

IVhen the dL^'ociation constants of succcssi'e stages are relatncl) 
clo«c together a more complicated treatment bccomca necestan “ The 
dfc^ociation constants of the 6^*1 and «econd 'tagcs of a dibasic acid 
nj\ mav be written m a form analogous to that gi\en aboie, nz , 


„ Miri 7m , 

Kx = On — and 


£. = Ob — — (31) 

nim 7m 


If to a solution containing the acid IIjA at raolalitv a there are added h 
ff^uiraleKls of a strong monoacid base, MOH, the «olution will contam 
M% IIA', \ and OH ions, for clectncal neutralit\ therefore, 


uiii* + mn* = wiin + 2»ii *(■ mon t 


the term 2«1 a arising because the A“ ions earn two negatn e charges 
Replacing the concentration of M* ions, i e , wmS bj b, as m the pre\ious 
case this equation become? 

b -f Pin* *• niiu 4* 2 j71i— 4* rion (32) 

Further, the initial amount of the acid a will be equitalcnt to the total 
quantitj of un*Qcutralized H«\ and of HA” and ions present at an> 
instant, that b 

0 = mojA 4- ruiu* 4* mi““ (33) 

If a quantit' B u defined, as before, b\ 


5 “• b 4- wr* — Won t 

it can be shown that equations (31), (32) and (33) lead to the result 


an* 


B 

2a ~B 


Ik 

7b,a 


0--B 

*2a-B 


^ ^Ai 4" AiAi 

7m 


(34) 


It follows, therefore, that if the left hand ‘ade of thi? expression (Y) is 
plotted against the coefficient of A| m the fir^t terra on the nght hand 
Fide (JO, a straight !me of «Iopc K\ and intercept AjA", should remit 
The ci’aluation of B iniolrj^ the same principles as described m eonnee* 
tion mth monoba.'ic acids In the first «tage of neutralization, i e., when 
a > b, the lomc strength may be taken as b 4- ^ before, but m the 
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second stage, i e , ■when 6 > a, a sufficient approxunation is 26 — a 
Provided the solutions are reasonabb dilute the limiting lav of Debi e 
and Huckel ma} be used to deme and the ratio yx Hex, the 
actmt} coefficient of the undis^ciat«i molecules 7 h,a being taken as 
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unity The expenmenta! results obtained m this manner for adipic 
acid are shown m Fig 91 , ” the plot is seen to approximate ^ ery clo^elj 
to a straight line, the lalucs of Ki and K^Kt being 3 80 X 10 ® and 
1 43 X 10"^“ respectn cb , so that iCj is 3 76 X 10"® 

jU alternative treatment of equation (34) is to wnte it m the form 

X = + (35) 


where X and Y are defined by 


and 




B ta 

2a- B ys,x 


Y = 


a — B 
“"‘ai-B 


7A 

7llA 


The solutions of equation (35) are 
X 




Y 4- K 2 


and ^2 = 


X-KiY 

Kx 


If two pomts dunng the neutrdization are chosen, such that the quan- 
tities X and Y haie the values X' and Y' and X" and Y”, respectively, 
then it IS readily found that 

X' - X” X’Y” - X"Y' 

~ Y' — Y" ~~ X” — X' 


Speakman J Ckm Sac. Sdd (1940) 
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Since the X’s and Y’s can be evaluated, as already descnbed, the two 
dissociation constants of a dibasic acid can be determined from pairs of 
pH measurements 

The methods just described can be extended so as to be applicable 
to acids of higher basicity, irrespective of the ratio of successive dissocia- 
tion constants 

Colonmetnc Determination of Dissociation Constants — The colon- 
metno method for determining or comparing dissociation constants has 
been chiefly applied m connection with non-aqueous solvents, but it has 
also been used to study certain acids m aqueous solution It can be 
employed, in general, whenever the lomzcd and non ionized forms of an 
acid, or base, have different absorption spectra in the visible, i e , they 
ha\ e different visible colors, or m the near ultra-violet regions of the 
spectrum If the acid is a moderately strong one, e g , picnc acid, it will 
dissociate to a considerable extent when dissolved m iiater, and the 
amounts of un-iomzed form HA and of ions A"* will be of the same order, 
under these conditions an accurate determination of the dissociation 
constant is possible By means of prehminary studies on solutions which 
have been made either definitely acid, so as to suppress the ionization 
entirely, or definitely alkaline, so that the salt only is present and ioniza- 
tion IS complete, the “extinction coefficient'’ for light of a given wave 
length of the form HA or A“ can be detemiin(?d As a general rule the 
ions A" ha;o a more intense color and it is the extinction coefficient of 
tbs species which is actually measured Once this quantity is known, 
the amount of A" in any system, such as the solution of the acid m water, 
can be found, provided Beer’s law is applicable In a solution of the 
pure acid of concentration a m pure water, ch* is equal to Ca', while 
the concentration of undissociated acid cua is equal to a - cir or to 
0 “ Ca , hence if ca is determined colonmetncally, it is possible to evalu 
ate directly the concentration dissociation function Cii*ca /cpa This 
function, as already seen, depends on the lomc strength of the medium, 
but extrapolation to infimte dilution should give the true dissociation 
constant 

If the acid is too weak to yield an appreciable amount of A" ions 
when dissolved in pure w ater, eg,p nitrophenol, it is necessaiy to employ 
a modified procedure which is probably less accurate A definite quan- 
tity of the acid being studied is added to excess of a “buffer solution” 
(see Chap XI) of known pH, the pH chtBcn should be close to the 
expected pA'a of the acid, for under these conditions the resulting solution 
will contain approximately equal amounts of the undissociated acid HA 
and of A“ ions The amount of either IIA or A“, whichever is the more 
convenient, is then determined by studying the absorption of light of 


ident 
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suitable wai e length, the corresponding extinction coefScicnt having been 
obtained from separate experunents, as explained previously If ca is 
deternuned m this manner, Cha is known, since it is equal to c — ca j 
^^he^e c is the stoichiometric concentration of the acid In this way it is 
possible to calculate the ratio ca fcm, and since uh* is known from the pH 
of the solution, the function Ah+Ca /cha can be evaluated For many 
purposes this is sufficiently close to the dissociation constant to be em- 
nloyed where great accuracy js not required Altematn ely, the I'^alues 
of the function in different solutions may be exi-rapolated to zero ionic 
strength This method has been used to study acids w hich exhibit visible 
color changes m alkaline solutions, eg, mtrophenols,^® as well as for 
substances that aie colorless m boUi acid and alkaline media but have 
definite absoiption spectra in the ultra-violet region of the spectrum, 
e g , benzoic and phenylacetic acids ** 

Appronmate Methods for Bases.— The proceduies desenbed for de- 
teimining tho dissociation constants of acids can also be applied, in 
prmcipk, to bases, analogous equations are applicable except that hy- 
droxyl ions leplace hydrogen ions, and vice arsa, m ail the expressions 
Since the value of the product of ah* and uon is known to have a definite 
\alue at every temperature (cf Table LXI), it is possible to denve ooh* 
from On* obtained cxpomnentally 

Dissociation Constant Data— The dissociation constants at 25° of a 
number of acids and bases obtained by the methods desenbed above are 
recorded in Table LVII, the varying accuracy of the results is indicated, 
to some extent, by the number of significant figures quoted The pif« 
and pKb values are given m each case, smee these are more frequently 
employed m calculations than are the dissociation constants themselves 
Acids and bases having dissociation constants of about 10'^ i e , piiC is m 
the vicinity of 5, aie generally regarded as “weak,” but if the values are 
in the region of 10"®, i e , pX is about 9, they are referred to as “very 
weak ” If the dissociation constant is about 10"® or 10"b the acid or base 
IS said to be “modeiately strong," and at the other extreme, when the 
dissociation constant is 10~'^ or less, the term “extremely weak” is em- 
ployed 

Aprotic Solvents.— The colonmetnc method of studying dissociation 
constants has found a special apphcation in apiotic solvents such as 
benzene, these solvents exhibit neither acidic nor basic properties, and 
m they do not have the levelling effects observed with acids in proto- 

von Halban and Kortum, Z physik Ckm , ITOA, 351 (1934), 173A, 449 (1935), 
Kilpatrick ci aJ , d Am Cbm iSoc, 59, 572 (19^), 62, 3047 (1940), Phys Cbm, 
43 259 (1939) 

“Flexser Hammett and Dingwall, J Am Chm Soc, 57, 2103 (1935), Martin 
and Butler J Chm Soc 23G6 (1939) 

For further data see Hamed and Owen Chm Revs, 25 31 (1939), Dippy, fhiii, 
25, 151 (1939), Gano and Ingold,/ Chm 5oc, 2153 (1931), Jeffery and Vogel, 21 
(1935), 1766 (1936), German, Jeffery and Vogd, ifad , 1624 (1935), 1604 (1937) 
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TABLE LTII DI‘yMJClATlOV CONSTAST KXroVEVTS OT ACTDS AX'D flAStS AT 25* 
.Ufln*t««c Organte Andt 



pA. 


PK. 


3 751 

Bcnroic 

420 


4 75C 

o-Chlorobenroic 

292 


4S74 

in-Chlnrobenzoic 

382 

n-ButjTic 

4R20 

p-Chlnrobenzoic 

398 

tw-Dut)nc 

4 821 

p-Bromoben*oic 

397 

n-Vftlcnc 

4S6 

p-IIydroxybcnroic 

452 

Tnmcthj beetle 

au5 

p-Nitrobcnroic 

3 42 

Dicthybectic 

4 75 

P'Toluic 

437 

Chbroawtic 

2870 

rhcnybfftic , 

4 31 

Lflctic 

1 38G2 

Cinnamic (ns) I 

388 

Gycolic 

1 3831 

Cinnamic (Irons) 

444 

Acrylic 

425 

Phenol j 

9 92 


Dihastc Orgame Andi 


Arid 

i pAj 

pAi 

Aetd 

pAi 

PAi 

OttllC 

130 

42.80 

Pimclic 

451 

' 542 

Malonic 

2M 

5095 

Suberic 

4 53 

5 40 

Succinic 

4 20 1 

SCO 

Maleic 

200 

C27 

Glutane 

4 35 ' 

5 42 

Fumanc 

303 

448 

Adipic 

4 42 j 

541 

Fhthalic 

280 

542 


Datei 


Dw« 

pA» 

Ii»*« 

pAt 

Ammonia 

4 76 

Tnelhybmme 

320 

Melbylammc 

330 

Aniline 

030 

Dimeth} biiunc 

313 

Pcwylamine 

4 03 

Tnmcthjbmme 

413 

Diphenylamine 

13 1C 

Fthjbmine 

325 

Pyridine 

880 

Dicthjbminc 

200 

Pipcndme 

2 88 


Irwrganie Aodi 


Sulfunc (2nd stage) 


102 

Hydrogen sulfide 

72. 119 

Phosphoric 2 121, 

7.200, 

1232 

Hydrogen cyanide 

014 

Carbonic 

635, 

1025 

Bone 

921 


philic find ^\ith ba.'scs in protogcnic media (cf. pp. 300, 311), It i*! tlius 
possible to make a comparison of IhestrenRths of acids and bases without 
any interfering influence of the sohent. Suppose a certain amount of 
an acid IIA is dlasoUed in an aprotic solvent and a known quantity of a 
base B is added ; although neither add nor base can function alone, they 
can exercise tlicir respective functions when present together, so that an 
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acid-bise equilibrium of the familiar form 


IR + B^BH+ + A- 

acid base lad base 

IS established Application of the law of mass action to the equilibnum 
then gn es 


K = ^- 


/bB*/a 
ChaCb /ha/b 

If the essential dissociations of the acids HA and BH+ to yield protons, 


(36) 


IIA H+ + A- and BH+ ^ H+ + B, 

wheie represents a proton, aie considered, the fundamental dissocia- 
tion constants are 


Km. — ■ 


and 


Kbr* 


-I 

am* 


iW 


respectnely, companson of these quantities with the equilibnum con- 
stant of equation (36) shows that 


— 

Kbu* 


and hence is equal to the latio of the fundamental dissociation constants 
of the acids HA and the latter being the conjugate acid of the 
added base B 

If the color of the base B differs from that of its conjugate acid BH+, 
it is possible by hglit absorption expenmente to estimate the value of 
either cb or cdu+, smee the stoichiometnc composition of the solution is 
known, the concentrations of all the four species cha, ca , cb and cbh* can 
be thus estimated, and value of K m equation (36), apart from the activity 
coefficient factoi , can be eak'ula'icd In tbs my the approximate ratio 
of the dissociation constant of the acid HA to that of BH+ is obtamed 
The procedure is now repeated with an acid HA' using the same base B, 
and from the two values of K the ratio of the dissociation constants of 
HA and HA' can be found This method can be earned through for a 
number of acids, new bases being used as the senes is extended 

On account of the low dielectnc constante of aprotic solvents, con- 
siderable proportions of ion pairs and tnple ions are present, but spectro 
metric methods are unable to distinguish between these and single ions, 
the determinations of the amounts of free tom, which are required by 
the calculations, will thus be m error The activity coefficient factor, 
neglected m the above treatment, will also be of appreciable magmtude, 
but this can be dimmished if the base is a negatively charged ion B", 
* In these expressions ajj+ stands for the activity of protons 
** LaMcr and Downes J Am Chem Soc S3 888 (1931), 55 1840 (1933), Cketn 
Revs 13 47 (1933) 
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the actmty factor then be Mb //a/bh which in^ol\es a neutral 
molecule and a singly charged iod m both numerator and denominator, 
and hence i\ill not differ greatly from unity 

The Acidity Function —A property of highly acid solutions, which is 
of some interest m connection with catalysis, is the acidity function Ha 
it IS defined with reference to an added electrically neutral base B, and 
measures the tendency of the solution to transfer a proton to the base, 
thus 

ft- -log ^ (38) 

Jnn* 

There are reasons for believing that the fraction /b//bh* is practically 
constant for all bases of the same electneal type and so the acidity func 
tion maj be regarded as being independent of the nature of the base B 
Combination of equation (38) inth the usual definition of Ka, the con- 
\ entional dissociation constant of the acid BH'*’, gi\ es 

ft = pA'. + log— (39) 

Cbb* 

This equation pro\ides a method for eaaluatmg the acidity function of 
anj acid solution a small amount of a base B, for which pAsn* is known, 
is added to the guen solution and the ratio Cb/cbh* is estimated colon- 
metrically The acidity functions of a number of mi’rtures of perchlonc, 
sulfunc and formic acids w ith water ha\ e been determined m this manner 
By reversing the procedure, equation (39) may be used, m conjunc- 
tion with the known acidity functions of strongly acid media, to deter- 
rmne the dissociation constants of the conjugate acids of a senes of 
extremely weak bases The relative amounts of B and BH'*’ can be 
determined by suitable light absorption measurements The method 
*uas been app’iied to Vne stud) ol a number ot bases wbicn are mucii too 
weak to exhibit basic properties m water The results obtained m certain 
cases are given in Table LVIII , the figures m parentheses are the reference 
points for each sohent medium It is seen, therefore, that all the dis- 
sociation constants recorded are based on the p7v« value of 2 80 for the 
acid conjugate to aminoazobenzene, this being the normal result in 
aqueous solution The results in Table LVIII, which are seen to be inde- 
pendent of the acidic medium u«ed as the sohent, thus refer to dis- 
sociation constants of the aanous conjugate acids BH'*' in aqueous solu- 
tions The dissociation exponents pKj of the bases (B) themseh es can 
be denved by subtracting the corresponding pivc values, for BH'*', from 
pAtt,, 1 e , from 14 It is evident many of the bases included in 


16 67 (193o) 
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TABLE LVIir DISSOCIATtOV CONSTANTS (piCa) OF COIvJDGATB ACIDS 


- 

Solvent Medium 

HO -mo 

aso« - HjO 

HCIO« HiO 

ncoH 

Aminoazobenyene 

(2 80) 


— 

_ 

Bcnzeneazodiphenylamme 

152 


— 

— 

p Nitroamlme 

111 

(HI) 

(Ill) 

— 

0 Nitroaniline 

-017 

-013 

, -019 

(-01?) 

p Chloronitroaniline 

-091 

-085 

-0 91 

' -0 94 

p Nitrodiplienylammc 

— 

-238 

— 

-2 51 

2 4rDichloro 6 nitroanilme 1 

— 

-322 

-318 

-3 31 

p Nitroazobenzene 

— 

-33o 

-3 3o ' 

-3 29 

2 4-Dinitroaniline 

— 

-438 

-4 43 

— 

Benzftlacetophenone 

— 

-5 61 

— 

— 

Anthraqumone 

— 

-8b 

~ 

— 

2 4 6-Trinitroanilme 

— 

-929 




Table LVIII are extremely vi&)k, the dissociation constant ol 2 4 6 
tiiiiitroaoilme, for example, is as low as 5 X 10"^* 

Effect of Solvent on Dissociatioa Constants— The dissociation cqui 
librium, of an unchaiged acid HA in the solvent S can be represented as 

1IA + S;esm+A-, 

the dissociation piooess consequently invoKes tbe formation of a positive 
and a negative ion from two uncharged molecules Since the electio 
static attraction between two oppositely charged particles decreases with 
increasing dielectric constant of the medium, it is to be expected that, 
othei factors being more or less equal, an increase of the dielectric con- 
stant of the solvent will lesoH in an increase m the dissociation constant 
of an electrically neutral acid It has hcen found expeninentaUy, in 
agreement with expectation, that the dissociation constant of an un- 
charged carboxylic acid decieases by a factor of about 10® or 10® on 
passing from water to ethyf alcohol as solvent In the same way, the 
dissociation constant of an uncharged base is diminished by a factor of 
approximately 10® to 10^ foi the same change of solvent 

If the acid is a positive lon, e g , NHi", or the base is a negatn e ion, 
e g , CHsCO?, the process of dissociation does not involve the separation 
of charges, viz , 

NHi' + S = SH+ + NHa, 

Cn.CO$- + HS = CH3CO,H + S- 

The effect of changing the dielectric constant of the medium would thus 
be expected to be small and m fact iJie dissociation constants do nol 
differ very gieatly in water and m ethyl alcohol The value of ])Ka foi 
the ammonium ion acid, for example, is about 9 3m water and 11 0 u 
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mcth} 1 alcohol It should be noted that the foregoing arguments do 
not take into consideration the difTcrent tendencies of the soKent mole- 
cule to take up a proton, the conclusions arrived at are consequent!} 
more like!} to be applicable to a senes of similar soh ents, e g , hj drot} lie 
substances 


constants of a «cnes of acida otUi the 'value for a reference acid Con- 
sider the acid HA in the solvent S, the dissociation constant is given by 

y, Osn ua 

A« = f 
Ora 

^^hercas that for the reference acid HAo m the same solvent is 


Ko = 


Osfl*QA« 

<IHA, 


60 that, since SH'*' is the same m both cases, 
Kf Sa <iiU| 


Ao aA,ODA 


= A, 


where A' is the equilibnum constant of the reaction between the two 
acid base systems, y\z 

HA + Ao-TiA’ + HA, 

The standard free cnerg) change of tins process is then given by 

~AG’> = RT\nK 

= 230«7'logA, 

where log A, equal to log (Aj/A#) w equivalent to pAo — pA, 

This free cnerg} change may be regarded as consisting of a non* 
electrostatic term A(7a and an electrostatic term AG,! equivalent to the 
gam in electrostatic free energy resulting from the charging up of the ion 
A~ and the discharge of Aj jn the medium of dielectric constant D 
According to the Bom equation (sec p 249), the electrostatic free cnerg} 
increase per mole accompan}aog the ehai^g of a spkencal umvalent 
ion 13 given by 

A'** 

und so in the case under consideration, for charge and discharge of tlie 
ions A“ and respectiielj , 


AC,! 


^(1 l_ 

2flVr* 


;)■ 
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where va and ta, are the ladu of the conesponding sphcncal ions It 
follows, therefore, that 


RT^ 2DRT 



If the effective radii of the two ions remain approximately constant m a 
senes of solvents, it follows that 


■ 2iRT^d’ 


where o is a constant The plot of — log K, that is, of - log [KJKo], 
against 1/D, i e , the reciproc^ of the dielectric constant of the solvent 
should thus be a straight Ime, the intercept for 1/D equal to ^ero, i e , 
for infinite dielectric constant, should give a measure of the dissociation 
constant of the acid HA free fiom electrostatic effects 

Measurements of dissociation constants of carboxylic acids, e g , of 
substituted acetic and benzoic acids, using either acetic or benzoic acid 
as the reference substance HA, made m water, methyl and ethyl alcohols 
and ethylene glycol, arc m good agreement with expectation The 
plot of the values of - log {Ka}Ko) against 1/D is very close to a straight 
line for each acid, provided D is greater than about 25 The slope of the 
Ime, however varie« mth the nature of the acid, so that an acid which is 
stronger than another m one solvent may be weaker in a second solvent 
The comparison of the dissociation consiAuts of a senes of acids in a 
given solvent may consequently be misleading, since a different older of 
strengths would be obtamed in another solvent It has been suggested, 
therefore, that when comparing the dissociation constants of acids the 
values employed should be those extrapolated to infinite dielectric con 
stant, m this w ay the electrostatic effect, at least, of the solvent w ould be 

Attempts to verify the Imear relationship between - log K and 1/D 
by means of a senes of dioxane-water mixtures have brought to light 
considerable discrepancies “ The addition of dioxane to water results in 
a much greater decrease in the dissociation constant than would be 
expected from the change m tiie dielectric constant of the medium 
Since the oiganic acids studied are more soluble in dioxane than in water, 
at IS probable that molecules of the former solvent are preferentially 
oriented about the acid anion, the effectiie dielectric constant would 
then be less than m the bulk of &e solution It is thus possible to 

Wynne-Jones Proc Roy Soc I40A 440 (1933), Kilpatnck etal,J Am Chm 
Soc 59 572 (1937), 62 3051 (lOffl) J Phys Chem 43, 259 (1939), 45 454 466 472 
(1941), Lynch and LaMer, J Am Chem Soc 60, 1252 (1938), see also Hammett 
ikd 55> 96 (1937),/ Chm Pkys 4 613(1936) 

“ ElLott and IQfpatnck / Pkys Cte,45 472 (1941), see also, Hamed tbrd,i3, 
275 (1939) 
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account for the unexpectedly low dissociation constants m the dioxane- 
iiater mixtures 

Dissociation Constant and Temperature —The dissociation constants 
of uncharged acids do not \ary greatly nith temperature, as may be 
seen from the results recorded m Table LIX for a number of simple fatty 


table lec influence op temperature ov dissociation constant 


Acid 

0* 

10’ 

20’ 

30’ 

40’ 

50’ 

60’ 

Formic acid 

1638 

1728 

1765 

1768 

1716 

1650 

1 551 X 10-* 

Acetic acid 

1657 

1720 

17a3 

1750 

1703 

1633 

1 642 X 10-* 

Propionic acid 

1274 

1326 

133S 

1326 

1280 

1229 

1 160 X 10-* 

n Butyric acid 

1563 

1576 

1542 

1484 

1395 

1302 

1 199 X I0-* 


acids A closer examination of the figures, however, reveals the fact that 
m each case the dissociation constant at first increases and then decreases 
as the temperature is raised, this type of behavior has been found to be 
quite general, and Harnod and Embrec” showed that the temperature 
variation of dissociation constants could be represented by the general 
equation 

log Ka = log K» - p(f •* fl)*, 

where Ki is the dissociation constant of the acid at the temperature t, 
hi IS the maximum value, attamed at the temperature 0, and p is a 
constant It is an interesting fact that for a number of acids p has the 
same value, viz , 5 X 10"*, this means that if log - log Ki for a num- 
ber of acids IS plotted against the corresponding value of t - 6, the 
results all fall on a single parabolic curve The actual temperature at 
which the maximum value of the dissociation constant is attained de- 
pends on the nature of the acid, for acetic acid it is 22 6®, but higher 
and lower values have been found for other acids For some acids, e g , 
chloroacetic acid and the firet stage of pbosphonc acid, tho maximum 
dissociation coi^tant would be reached only at temperatures below the 
freezing point of water 

An alternative relationship ** 

IogX = A + ^-201og T, 

where A and B are constants, has been proposed by Pitzer to represent 
the dependence of dissociation constant on tho absolute temperature T 
This equation has a semi-theoretical basis, in; olving the erapmeal facts 

4 I' 


m the dissociation constant It was seen on page 334 that the division 
” Harned anc “ , " 

J FranHtn Itul , 

“ Pitzer, J / 

477 (193j), Wynr 
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of the free energy of dissociafaon of an acid into non-electrostatic and 
electrostatic terms leads to the expectation that log is related to the 
reciprocal of the dielectnc constant of the solvent Since 1/D for water 
increases with increasing tempraatuie, the value of log should de- 
crease, in addition to this efliect there is the normal tendency for the 
dissociation constant, regarded as the eqmhbnum constant of an endo- 
thermic reaction, to increase with, increasing temperature The simul- 
taneous operation of these two factors will lead to a maximum dissocia- 
tion constant at a particular temperature ^ 

Amphiprotic Solvents The Ionic Product —In an amphiprotic solvent 
both an acid and its conjugate base can function independently, for 
example if the acid is HA tlie conjugate base is A", and if the amphi- 
protic solvent IS SH, the acidic and basic equihbna aie 


and 


HA-f SH^SHt + A 
SH + A-^HA-l-S- 

acid base acid base 


respectively The ion SHt is the hydrogen ion, sometimes called the 
lyomum ion, in the given medium, and S" is the amon, or lyate ion, of the 
solvent The conventional dissociation constants of the acid HA and of 
its conjugate base A" are then written as 


_ Osh Ok , tt OhaOs 

Xa = and Kb = > 

Oha, Oi 

and the product is thus 

KoKb = osujOs , (40) 

which IS evidently a specific property of the solvent Since the solvent 
IS amphipiotic and can itself function as either an acid oi a base, the 
equilibnum 

SH-l-SH;:±SHt + S 

acid base acid base 

must ahajs exist, and if the activitj of the undissociated molecules of 
solvent IS taken as umty, it follows that the equilibnum constant Ks of 
this process is given by 

Ks =* OsH*Os , (41) 

the constant Ks defined m this manner bemg called the lomc product 
or ionization constant of the solvent It is sometimes referred to as the 
autoprotolysis constant, since it is a me^uie of the spontaneous tendency 
for the transfer of a proton from one molecule of soh ent to another to 

“Guraej / Chm Phys 6 499 (1938), Baughan lind 7 951 (1939), see also 
Magee Ri and EjTing t5id 9 419 (1941), LaMer and Brescia 3 Am Chetn Soc 62, 
617 (1940) 
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take place Comparison of equations (40) and (41) sho^\9 that 

AU'i = Ks, (42) 

and so the dissociation constant of a base is inversely proportional to 
that of its conjugate acid, and wee tersa the proportionalitj constant 
IS the ionic product of the soKent This is the quantitative expression 
of the conclusion reached earlier that the anion of a strong acid, which 
IS its conjugate base, will be weak, while the anion of a weak acid will 
be a moderately strong base, and similarly for the conjugate acids of 
strong and weak bases 

For certain purposes it is useful to define the dissociation constant of 
the solvent itself as an acid or base, by analogj with the conventional 
method of writing the dissociation constant of any acid or base, the 
actiMty of the solvent molecule taking part in the equilibrium is assumed 
to be unity In the equilibrium 

+ + S- 

ono molecule of SII ma} be regarded as functioning as the acid or base, 
whilo the other is the soKent molecule, the con\entional dissociation 
constant of either acid or base is then 


, , 03II,fls 

Afl “* Aj *s ' 

OSU 

= — 
flsn 


(43) 


For most purposes usn may be replaced by the molecular concentration 
of solvent molecules in the pure solvent, with water, for example, the 
concentration of water molecules in moles per liter is 1000/18 i e , 55 5 
so that the dissociation constant of lIjO as an acid or base is equal to the 
ronre prucftict of water tfn iderf 6j 5S S 

The Ionic Product of Water— An ionic product of particular interest 
13 that of water the autoprotolytic cquilibnum is 

and hence the ionic product A, roa> be defined by either of the following 
equivalent expressions, mz , 


Kv ~ an,o*flon ( 44 ) 

= mii,o*mon 7ii,o*7oii“ (44o) 

“ Cii^+CoH /r,o*/oii ( 446 ) 

By writing the ionic product m this manner it is tacitly a'^sumed that 
the activity of the water is alwajs unitj in solutions containing dissolv cd 
substances, how ei er, the activity is diminished and as defined abo\ o 
will not be constant but will increase The activity of water m any 
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solution may be taken as equal to p/po, where p is the vapor piessure of 
the solution and po that of the puie water at the same temperature, m 
a solution containing 1 g -ion per liter of solute, which is to be regarded 
as iciatn el} concentrated, the utivity of the water is about 0 98 The 
effect on K„ of the change m the activity of the water is thus not large 
in most cases 

The equihbnum lietween HsO'*’ and OH~ ions mil exist m pure water 
and m all aqueous solutions if the ionic stiength of the medium is low, 
the lomc activity coefficients maj be taken as unity, and hence the ionic 
product of water, now repiesent^ bj / is given by 

hu - CEfi*coR (or CH^Cbn ) (45) 

As mil be seen latei, the lalue of U is approximately 10““ at ordinary 
tempeiatiires, and this figure will be adopted for the present 

In an exactly neutral solution or m perfectly pure water, the con- 
centrations of hydrogen (H 3 O+) and hydroxyl ions must be equal, hence 
under these conditions, 

cn* ® coH = 10 “^ g -ion per liter, 

the product being 10"^^ as lequued The question of the exact sigmfi- 
cance of the expenmental value of pll will be considered m Chap X, 
but foi the present the pH of a solution may be defined, approximately, by 

pH « - log ch* 

It follows, therefore, that m pure water or m a neutral solution at ordi- 
nar) temperatures, tho pH is 7 If the quantit} pOH is defined in an 
analogous approximate manner, as — log cou , the value must also be 7 
m water 

By taking loganthms of equation (45), it can be shown that for any 
dilute aqueous solution 

pis, "V — pkw kA 

at ordinary temperatures, wheie pk„ is wntten for - log Iv, If the 
hydrogen ion concentration of a solution exceeds 10 "^ g -ion per liter, the 
pH IS less than 7 and the solution is said to be acid, the pOH is corre- 
spondmgly greater than 7 Similaily, m an alkaline solution, the hydro- 
gen ion concentration is less than 10 “^ g -ion per liter, but the hydroxyl 
ion concentration is greater than this value, the pH is greater than 7, 
but the pOH is smaller than this figure The relationships between pH, 
pOH, cn+ and Coh , at about 25®, may be suramanzed m the manner 
represented below 

CH+ 1 10 ' 10-’ 10 ^ 10 ' 10 MO ‘ 10 » 10 * lo-* 10 >“ 10 « 10 w 10 " 10 » 

con W M 10 « 10 “ 10 “ 10 « 10-* 10 MO MO MO MO ‘ 10 ^ lO"” 10 > 1 

pH 0 1 2 3 4 5 6 7 8 9 10 11 12 13 14 

pOH 14 13 12 11 10 9 8 7 6 5 4 3 2 1 0 

Noi 

— *■ tral ■* — 


-Acid 


•Alkaline- 
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It IS seen that the range of pH from zero to 14 covers the range of hydro- 


liter would have a negative pH, but values less than about - 1 in water 
are uncommon 

Determination of Ionic Product* Conductance Method —Since it 
contains a certain proportion of hydrogen and hydroxyl ions, even per- 
fectly pure water may be expected to have a definite conductance, the 
purest water hitherto reported waa obtained by Kohlrausch and Heyd- 
weiller*® after forty-eight distillations under reduced pressure The 
specific conductance of this water was found to be 0 043 X 10^ ohm*' 
cm at 18®, but it was believed that this still contained some impurity 
and the conductance of a I cm cube of perfectly pure water was esti- 
mated to be 00384 X 10^ ohra“* cm"* at 18® The equivalent con 
ductances of hydrogen and hydroxyl ions at the very small concentra- 
tions existing in pure water may be taken as equal to the accepted values 
at infinite dilution these are 315 2 and 173 8 ohms ^ cm respectively, 
at 18®, and hence the total conductance of 1 equiv of hydrogen and 
1 equiv of hydroxyl ions, at infinite dilution, should be 489 0 ohms"^ cm * 
It follows therefore, that 1 cc of water contains 


00384 X 10“^ 
489 0 


= 0 78 X 10 '® equiv per cc 


of hydrogen and hydroxyl ions, the concentrations m g -ion per liter are 
thus 0 78 X 10“^ and hence 

Iu,^Ch*coh (07SX10'')* 

= 0 61 X 10-" 

Since the activity coefficients of the ions m pure water cannot differ 
appreciably from unity, this result is probably very close to A„, the 
activity ionic product, at 18® The results m Table give the ob 


TABLE LX SPECIFIC CONDCCTAMCE AND IONIC PRODUCT OF WATER 


Temp 

0“ 

18“ 

25“ 

34“ 

60“ 

( 

0015 

0043 

0 062 

0095 

0 187 X 10-* ohm-» cm 


012 

061 

104 

20$ 

5 66 X 10 » 


served specific conductances and the xalues of Ka at several tempera- 
tures from 0° to 50® 

Conductance measurements have been used to determine the ionic 
products of the amphiprotic solvents ethyl alcohol, formic acid and 
acetic acid 

“Kohlrausch and Heydweiller Z jfhyttk Chm 14 317 (1894), Heydweiller, 
Am Phystk 28 503 (1909) 
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Electromotive Force Methods— The earliest dmf methods for 
evaluating the lomc product of water employed cells with liquid junc- 
tion, ” the E M F of the cell 


H2(1 atm ) I I{OH{0 01 n) (| HCI(0 01 n) | Ml atm ), 

from which it la supposed liat the hquid junction potential has been 
completely ehminated, is given by 




nr, aV 


(47) 


where oh* and Oh* represent the hj drogen ion activities m the nght-hand 
and left-hand solutions i e , m the 0 01 n hydrochlonc acid and 0 01 n 
potassium hydroxide respectively If ooh is the hydroi^ 1 ion activity 
in the latter solution, then 

= Ka, 



S43 
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Since cii'ciiH- is equal to the acl«ity of the oater bang assumed 
CDDStant, Jt foIloBS Hat 




„ /Sr, flr, on 

r P non' 

tiJ’, Sr, nci Rf, 

= A'-^lnA.-ylo— -yin 


TCI 

you' 


and rearrangement gi\ cs 


« p- , . Wet ET . „ ET , ycr 

f rnoa F F yon 

F{E-E^ ^ „ , Tci 

+ log'— == - Jog - log 

won Ton 


2 203/2r 


(50) 


The activity coefBcient fraction 7ct /tob' is Unify at infinite dJution, 
and so the value of the nght-hand side of equation (60) becomes equal 
to - log under these conditions. 
It follows, therefore, that if the left- 
hand side of this equation, for van 
joiis coDcentrationa of alinij hydroT- 
rde and chloride, is plotted against 
the mnic streagtb, the intercept for 
mfinitediItitionguea-%A*tf The 
value of £’*' is knovTi to be + 0 2224 
volt at 25^ and by making the as- 
sumption that RIOH and MCI are 
completely dissociated, as mil be the 
case m relatively dilute solutions, 
xhff-aad lde«fi^d uith 

Wj and w?, respectively. The rc'uilts 
sbomi in Fig 92 are for a sencs of 
cdJs contamng cesium (I), potiissiiiin 
jjj (If), Sodium (III), barium (IV), end 
lithium (V) chlondes together with 
Flow Detemination of the Ionic corresponding hydrovidcs; the 
product of flatef01anied,rtfli) agreement between tho values extra- 
polated to infinite dilution is tery 
striking The value of — log K„ is found to be 13 9955 at 25**, so that 
IS 1 OOS X 

Another method of obtaining the ionic product of water h to combine 
tliefiuF of the cell 



Hid atm ) 1 llCI(n!;) JlClfw:) AgCi(s) 1 Ag 
with that just considered; the EM.r of this cell is gi\en by the same 
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general equation, 


— — In OH'^aci 


(51) 


Combination of equations (49) and (ol) gives 
Rh flci 

RT fliH+intn , RT 7s^7ci 

p ^ MM "f* p In ’ 

p I 7ii*Tci 


(52) 


where the primed quantitie'^ refer to the cell contaimng hydroehlonc acid 
whereas tiiose luthout pnmes refer to the alkali hydroxide cell 

If the lome strengtlis in the two cells are kept equal, then pronded 
the solutions are relatively dilute the activity coefficient factor will be 
virtually unity, and the second term on the nght-hand side of equation 
(52) IS zero, hence under these conditions 


L- 


RT, 

"yrln f 

i mfinnci 


and making use of the fact that K„ is equal to nin*WoE 7 H* 7 on , this 
becomes 


RT, mu mci-woH , RT, 
F 


RT, 


= — In- +~rhyn*ioii ~~lnZ. (53) 

TlCl 1 P 


According to the extended Debye-Huckel equation, the value of log 7h*7oh 
may be represented bj - A"^ + Cy, wheie A is a known constant for 
water at the expenmental temperature, hence, equation (53), after re- 
arrangement, becomes 


F ma r ^ 

RT, 


- --^ln/C. + 2 303Cii, 


r{E - C') , mWa-TOoH , , .r , „ 
-jmr ~ + A - log & 


+ j;yCl. 


(54) 


The plot of the left-hand side of equation (54) against the loiue strength 
y should be, at least approximately, a straight line whose intercept for y 
equal to zero gives — log K„ As before the values of mn* mci , woh 
and Wci are estimated on the assumption that the electrol} tes IICl, hlCl 
and MOH are completely dissociated 

A large number of measurements of cells of the tj pes described, con- 
taining different halides, have been made by Earned and his collab- 
orators 01 er a senes of temperatures from 0° to 50®, the excellent agree- 
ment between the results obiamed in different cases may be taken as 

X 
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cndcnco of their accuracj A selection of the ^ alues of the ionic product 
of ^ater, don\cd from measurements of cells without liquid junction, 
IS quoted in Table LKI, the data m the last column may be taken as 
the most reliable values of the lomc product of «ater 


TABLE Ltl lOMC PnODCCT FROM CELLS COVTAIMNO VAIUOUfl HALIDES 


t 

NaQ 

Ka 

LiBr 

BaCIi 

Mean 

0* 

0113 

oils 

0113 

0112 

0 113 X 10-» 

10* 

0292 

0293 

0292 

0 280 

0292 

20* 

OCSl 

0681 

0681 

0681 

0 681 

2j* 

1007 

1008 

1007 

1009 

1008 

30* 

H70 

im 

1467 

1466 

1468 

40* 

2914 

2916 

— 

2920 

2917 

SO’ 

5482 

5 476 

— 

5 405 

5474 


Effect of Temperature on the Ionic Product of Water —The values of 
the ionic product m Table L\I are seen to increase with increasing 
temperature, at 100® the ionic product of water is about 50 X lO"*’ 
According to Harned and Hamer” the values between 0® and 35® may 
be expressed accurately by means of the equation 

4787 3 

log K, = - - 7 1321 log r - 0 010365r + 22 SOI 

From this expression it is possible, b> making use of the reaction iso- 
chore, i e , 

din fv __ aI/ 

to dome the heat change accompanying the ionization of water, the 
results at 0®, 20° and 25° are a« follows 

0° 20® 25® 

W5I urn 

These i alucs are stnctl^ applicable at infinite dilution, i e , in pure water 
It was seen on page 12, and it is obvious from the considerations 
discussed in the present chapter, that the neutralization of a strong acid 
b} a strong ba.se m aqueous solution is to be represented n.s 

HjO+-fOII *=HiO + n-0, 

w hich IS the same reaction as is inv oh ed in the ionization of water, except 
that it IS in the opposite direction The heats of neutralization obtained 
experimentally arc 14 71, 13 C9 and 1341 kcal at 0°, 20® and 25®, re- 
spectnely, the agreement with the xalues denved from A'» is excellent 
Although the relationship gi\cn aboxe for the dependence of on 
temperature ls only intended to hold o>cr a limited temperature range, 

”llAmcd and Hamer J An Chen &k, SS, 4190 (1933), sec also Ilamcd and 
Geary, hd 59 2032 (1037) 
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it shows nevertheless that the lomc product of •r ater, like the dissociation 
constants of acids, to which reference has aheady been made, should pass 
through a maximum at a relatively high temperature and then decrease 
Although the temperature at which the maximum value of iC„ is to be 
expected lies beyond the range of the recent accurate work on the ionic 
product of water, definite evidence for the existence of this mammum had 
been obtained several years ago by Noyes (1910) The temperature at 
which the maxunum lomc product was observed is about 220®, the value 
of Ku, being then about 4^ X 1(1"“ 

The Ionization of Water in Hahde Solutions —The cells employed 
for the determination of the lomc product of water have also been used 
to study the extent of dissociation of water m halide solutions “ Since 
IS equal to oh Aoh and or ooh /yh^ob is equal to ms+moH , equation 
(53) becomes, after rearrangement, 


F 


RT, 


In viB^n = R - E -y 


mEmhi mpH 

mci 


and so the molal ionization product mn*wioD m the halide solution present 
m the cells maj be evaluated directly from the b m p s E and E , and 
the molalities of the electrolytes The amounts of hydrogen and hy 
droxyl ions are equal in the pure halide solution consequently, the 
square root of wir^oh gives the concentration of these ions m g ions 



Fig 93 Vnnat on of moIal ionization product of water (Haraed cl al ) 

per 1000 g of water, produced by the lomzation of the w ater in the hahde 
solution The results for a number of ^kali halides at 25° are shown 
m Fig 93 it will be seen that, m general the extent of the ionization of 
water increases at first, then reaches a maximum and decreases with 
For reviews with full references seeHsmed J Franklin Iml 225 623 (1938), 
Horned and Owen Ckem Revs 25 31 (1939) 
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* +>,0 moA itn Wifh lithium salts the maxi- 

ihown m the diagram 
to find* the quantity 

Cn^coH MijO) 10, m}{*moK X rn^Toit /%,o, nhich includes the activity 
of the water, must remain constant m all aqueous solutions, and since 
the activity coefficients alwaj^ decrease and then increase as the ionic 
strength of the medium is increased (cf Fig 46), while aH,o, i e , p/po,* 
decreases steadily, it follows that the vanatioa of mH^on* must be of the 
form shown m Fig 93 In spite of the dependence of wn+won on the 
ionic strength of the solution, it la still satisfactory, for purposes of 
approximate computation, to tahe the ionic concentration product of 
water (fca) to be about 10"“ at ordinary temperature«i, provided the con- 
centration of electrolyte in the solution is not too great 

FBOBIEJiIS 

1 Show that accoriling to equation (10) the plot of Ac against 1/A should 
be a straight line, test the accuracy of this (approximate) result by means of 
the data for acetic acid on page 165 and for a crotonuJ acid in Problem 7 of 
Chap III 

2 Utilize the data referred to m Problem 1 to calculate the dissociation 


3 In their measurements of the cell 

Hj(Iatin) |HP(mi) KaP(m:) NaCI(m)) AgCIfs) [Ag, 

where HP represents propionic acid, Harned and Ehlers [7 Am Ckem Soc , 
S5, 2379 (1933)] made mi m* and m, equal and obtained the following e m f ’s 
at 25’ 


m E 

45PP X W'* 

8 716 063275 

12 812 0 62286 


tn E 

18mxw» 081311 

25 546 0 60522 

31 793 0 59958 


Evaluate the dissociation constant of propionic acid 

4 Walpole [/ Qhem Soc , lOS, 2W1 (1914)j measured the pH s of a scries 
of mixtures of i cc of 0 2 n acetic acid with 10 - ic cc of 0 2 n sodium acetate, 
and obtained the following results 

t 80 70 60 50 40 30 20 cc 

pH 405 427 445 463 480 499 523 

Calculate the dissociation constant of acetic acid by the use of equation (27), 
the activity coefficients of the acetate loiw being obtained by means of the 
simple Debye-Huckel equation Denve the dissociation constant by means 
of the graphical method described on p^e 324 

* Since pure water, vapor pressure pi la taken aa the standard state the activity of 
water in any solution of aqueous vapor pressire p mil be p/pe 
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5 Bennett, Brooks and Gladstone [/ Chem Soc , 1821 (1935)] obtained 
the following results in the titration of o fluoroplienol in 30 per cent alcohol 
at 25°, when 2 ; cc of 0 01 Jv sodium hydroude added to 50 cc of a 0 01 n 
solution of the phenol the pH’s were 

a: 10 15 20 25 30 40 cc 

pH 8 73 901 920 937 950 1000 

Calculate the dissociation constant of o-fluorophenoi, using the expression 
log/ = — 0 683^^ -f 2 Oy to obtain the activity coefficient of the anion 
The activity coefficient of the nndissociated acid may be taken as unity 

6 The follomng pH lalues were obtained by German and Vogel [/ Am 
Chm Soc , 58, 1546 (1936)] m the titration of lOQ cc of 0 005 molar succinic 
acid with 21 cc of 0 01 Jv sodium hydroxide at 25° 


s 

pH 

t 

pH 

200 

400 

600 

511 

30 0 

42S 

700 

539 

400 

4 56 

800 

5 68 

500 

484 

900 

6 03 


Determine the two dissociation constants of succmic acid by the gr'iphical 
method desenbed on page 326 

7 The E F of the cell 

H-(l atm) 1 KaOB(m) TNaCl(m) AgCHs) j Ag, 

with the sodium h}droM(lc and chloride at equal molahtie? was found by 
Roberts IJ An Chm Soc, 52, 3877 (1930)] to haie a con- ant ulue of 
1 0508 volt at 25* when the solutions were dilute Calculate 12“ ionic oioduct 
of water from this result 

8 The folloinDg emf’s were obtained at 25* by Ea::: - ssd Cop-<in 
[/ 4?n Chem Soc , 55, 2206 (1933)] for the cells 

(4) Hjaatra)|LiOH(001)LiCI(m) AjT* Ar 
(B) a(latm)lHa (0 01) LiClfni) AcC ' Am 


m Ea 

001 104979 

002 1 03175 

0 05 1 00755 0 4^3 

0 10 0 98883 

0 20 0 9S9a7 0-39 !s 

050 094277 C-OTZSs 

100 0 91992 "'T-ZOI 

200 088203 0,323-j 

3 00 0S715J nsr^^- 

1 00 0.834117 0517:- 

Utilize the method given on page 343 to df- — z-i ' 

these data Plot the vamtioQ of the moli. "2:71-7 1 .v 7 
strength of the solution. 



CHAPTER X 


THE DETERMINATION OF HYDROGEN IONS 

Standardization of pH Values —The hydrogen ion eiponent, pH, was 
originally defined by Sorensen (1909) as the “negative loganthm of the 
hydrogen ion concentration,” i e , as — log Cs*, most detenumations of 
pH are, ho’^ever, based ultimately on e m f measurements with hydro- 
gen electrodes, and the values obtamed are, theoretically, an indication 
of the hydrogen ion activity rather than of the concentration For this 
reason, it has become the practice in recent years to regard the pH as 
defined by 

pH s - log flif, (1) 

where H'*’ stands for the hydrogen ion, i e , lyonmm ion, m the particular 
solvent This definition, however, mvohcs the activity of a single ionic 
species and so can ha\e no strict thermodynamic significance, it follows, 
thereforo, that there is no method a\ailablefor the precise determination 
of pH defined m this manner It is desirable, nevertheless, to establish, 
if possible, an arbitrary pH scale that shall be reasonably consistent with 
certain thermodynamic quantities, such as dissociation constants, which 
are knonn exactly, within the limits of expenmental error The values 
obtamed w ith the aid of this scale will not, of course, be actual pH’s, 
since such quantities cannot be determmed, but they mil at least be data 
which if inserted in equations mvolvmg pH, i e , — log or*, will gn o 
results consistent with those determined by strict thermodynamic meth 
ods not involving individual ion activities 

The E M F of a cell free from hqmd junction potential, consisting of 
a hydrogen electrode and a reference electrode, should be given by 

RT 

E - Eui 

or, mtroducmg the definition of pH accordmg to equation (1), 

E = +2 303^pH 


where is the potential of the reference electrode on the hydrogen 
scale It follows, therefore, that 


pH = 


F(E - E„t) 
2 303Er 


( 2 ) 
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If the usual value for E„f of the reference electrode is empio} ed m this 
equation to denv e pH’s, the results are found to be inconsistent with 
othci determinations tiiat are thcrmodynamicallj exact A possible v ay 
out of this difScuity is to find a v aluc for Crd such tint its use m equation 
(2) gives pH values which are consistent with known thermodynamic 
dissociation constants Poi this purpose use is made of equation (29) of 
Chap IX, vnz , 

pll = pX. + log -A\'^+C\!, (3) 

which combmed with equation (2) gives 

r{E — Enf ) B I— 

„ 2303KT/' „ , , B , rV „ , 2 303Sr„ 

E - • J + log ~ -A Vy j = Href + ~J — C\} (4) 

A senes of mixtures, at different total concentrations, of an acid, 
u hose dissociation constant is known exactly, e g , from observ ations on 
cells without liquid junction, and its salt are made up, thus giving a 
senes of values for H and a - B The b m p s of the cells consisting of 
a hydrogen electrode in this solution comlimed with a reference electrode 
are measured, a saturated solution of potassium chlonde is used as a salt 
bndge between the expenmentel solution and the one contained in the 
reference electrode The E values obtained m this manner, together 
with B and a - B, calculated from the known composition of the acid- 
salt mixture (cf p 324), and the p/f« of the acid, permit the left-hand 
side of equation (4) to be ev aluated for a number of solutions of different 
ionic strengths The results plotted against the lome strength should 
fall on a straight line, the intercept for zero ionic strength givmg the 
required quantity Erd In order for this result to have any sigmficance 
vt, he coiastanA Cor z. oimher of SAliitaAos. onvpjnn^ 

a range of pH values and involving different acids, this has m fact been 
found to be the case m the pH range of 4 to 9, and hence a pH scale 
consistent with the known pX„ values for a number of acids is possible ^ 

The conclusions reached from this work may be stated m terms of 
the potentials of the reference electrodes, for example, the value of 
Brst of the 0 1 is KCI calomel electrode for the purpose of determming 
pH’s by means of equation (2) is 0 3358 v olt * at 25" In vnew of possible 
vanations m the salt bndge from one set of exTienments to another, it is 
preferable to utilize these potentials to determine the pH values of a 
number of reproducible buffer solutions (cf p 410) winch can form a 

'Hitchcock and Taylor / Am Chan Soc S9 1812 (1937) 60 2710 {1938), 
Maclones Belcher and Shedlovaky, tbid 60 1094 (1938), see also, Cohn Heyroth 
and Menkin Und 50 696 (1928) 

* This may be compared mtb 0 3338 volt given on page 232 employed in earher 
pH work 
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scale ot reference The results obtained in this manner are recorded m 
Table IXII for temperatures of 25“ and 38“, they are probably correct 

TABLE LXII STANDABD JATIOV OF pH VALTIEa OP HEFEItENCE SOLtlTIONS 


Solution 

2o" 

35* 

0 1 N IICl 

1085 

1082 

0 1 V Potassium tetrovalate 

14S0 

1495 

OOInHCI and009NKCl 

2075 

2075 

00m Potassium acid phthalate 

4 00o 

4 020 

0 1 N Acetic acid and 0 1 n Sodium acetate 

4 WO 

4 650 

0 0'’5 M KHiPO, and 0 025 m NatHPO, 

6855 

6 835 

0 05 u NaiBiO? lOHjO 

9 ISO 

9 070 


to ± 0 01 pH unit Vn itli this senes of reference solutions it is possible 
to standardize a convenient combination of hydrogen and reference elec 
trodes the required pH of any solution may thus be determined The 
pH s obtained m this way are such that if inserted in equation (3), they 
will give a pAa value which should not differ greatly from one obtained 
by a completely thermodynamic procedure These pH values can then 
bo used in connection with equations (20) and (34) of Chap IX to give 
reasonably accurate dissociation constants 

Reversible Hydrogen Electrodes— In previous references to the hy- 
drogen electrode it has been staled bneffy that it consists of a platinum 
electrode m contact with hydrogen gas, the details of the construction 
of this electrode will be considered here In addition to the hydrogen 
gas electrode a number of other electrodes are known which behave 
reversibly with respect to hydrogen ions Any one of these can be used 
for the determination of pH values although the electrode involving 
hydrogen gas at 1 atm pressure is the standard to which others arc 
referred 

I The Hydrogen Gas Electrode —The liydrogen gas electrode con- 
sists of a small platinum sheet or wire coated with finely divided platinum 
black by electrolysis of a solution of chloroplatmic acid containing a 
small proportion of lead acetate (cf p 35) The platinum foil or wire, 
attached to a suitable connecting wire, is inserted in the expenraental 
solution through which a stream of hydrogen is passed at atmosphenc 
pressure The position of the electrode in the solution is arranged so 
that it IS partly in the solution and partly in the atmosphere of hydrogen 
gas A number of forms of electrode vessel, suitable for a variety of 
uses have been employed for the purpose of setting up hydrogen gas 
electrodes some of these are depicted in Fig 94 A simple and con- 
vement type of hydrogen electrode is that usually associated with the 
name of Hildebrand * shown m Fig 95, a rectangular sheet of platinum, 

* Hildebrand / Am Ckm iSk 35 847 (1913) for further details concerning 
hydrogen electrodes see Clark ‘ The Determination of Hydrogen Ions 1928 Bntton 
‘ Hydrogen Ions 1932 Glasstone The Hectrochemistry of Solutions 1937 p 375 
See also Hamer and Acree J Res Nat Bur Standards 23 647 (1939) 
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of about 1 to 3 sq cm exposed area, ahich is subsequently platinized, is 
u elded to a short length of platinum Tiire sealed into a glass tube con- 
taining mercury This tube is sealed mto another, closed at the top, 
but widenmg out mto a bell shape m the region surrounding the platinum 



sheet, a side connection is provided for the inlet of hydrogen gas A 
number of holes, or slits, are made m the bell-shaped portion of the tube 
at a level midway up the platmum, so that when the electrode is inserted 
m a solution and hydrogen passed m through the side tube the platmum 
sheet IS half iramereed m hquid and half surrounded by gas This 
arrangement permits the rapid attainment of equilibrium between the 
electrode material, the hydrogen gas and tiic solution The time taken 
to reach this state of equihbnum depends, among other factors, on the 
nature of the solution, the thickness of the deposit, and on the previous 
history of the electrode As a genend rule an electiodc that is func- 
tiomng m a satisfactory mannei will give a steady potential withm five 
or ten minutes of commencing the passage of hydrogen The use of a 
platinum sheet m the Hildebrand electrode is not essential, and many 
workers prefer to use a simple wire of 2 oi 3 cm m length, straight or 
coiled, for such an clectiode attains equihbnum rapidly, although it has 
a somewhat higher resistance than the form represented m Fig 95 The 
hydrogen gas should be purified by bubbling it through alkaline per- 
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manganate and alkaline pjrogallol solutions to remo\e oY 3 gen and other 
impunties wl ich ma) influence the functioning of the h) drogen electrode 

^Uatever form of electrode vessel is emplojed, the fundamental 
principle of the operation is aluajs the same The hydrogen gas is 
adsorbed bj the finelj dmded plktmum and this permits the rapid 
establishment of equil brium between molecular hydrogen on the one 
hand, and hydrogen ions in solution and electrons, on the other hand, 
thus 

- jHj(Pt) + HiO H,0+ + * 

This equilibrium can be attained rapidly from cither direction, and so 
the electrode behaves as one that is re\eraible with respect to hydrogen 
ions 

The hj drogen gas electrode behaves erratically in the presence of 
arhcnic, mercury and sulfur compounds, which are known to be catalytic 
poisons they probably function by being preferentially adsorbed on the 
platinum, thus preventing the establishment of equihbnum An elec- 
trode w hose operation is affected in this manner ts said to be ‘ pousoned ’ , 
if it cannot be regenerated by heating with concentrated hydrochloric 
acid, the platinum black should be removed by means of aqua regia and 
the electrode should be replatinized The h> drogen gas electrode cannot 
be einplo>ed in solutions containing oxidizing agents, such os nitrates, 
chlorates permanganates and feme salts, or other substance? capable of 
reduction, eg, unsaturated and other reducible organic compounds, 
alkaloids, etc The electrode docs not function in a satisfactory manner 
in solutions contaming noble metals, e g , gold, silver and merciir} , since 
they tend to be replaced by hydrogen (cf p 253), neither can it be used 
in the presence of lead, cadmium and thallous salts In spite of theso 
limitations the hydrogen gas electrode has been cxtensuely employed 
for precise measurements in cells with or without liquid junction, such 
as fW mentioned Id Chaps VfandlX The electrode has been 
found to give fairly satisfactory results in non aqueous solvents such as 
alcohols, acetone, benzene and liquid ammonia 

Since the standard state of hydrogen is the gas at 7C0 mm pressure, 
it would be desirable to employ the gas at this pressure, even if the 
hydrogen were actually passed m at this pressure, which would not be 
easy to arrange, the partial pressure w the electrode vessel would bo 
somewhat less because of the vapor pressure of the water A correction 
for the pressure difference shouM therefore be made m accordance with 
equation (50) of Chap VI, the correction is, however, small as is shown 
by the values calculated from this equation and recorded in Table LXIII 
The results are given for a senes of temperatures and for three gas 
pressures, the corrections are those which must be added, or subtracted 
if marked by a negative sign, to gne the potential of the electrode with 
hydrogen gas at a partial pressure of 760 mm 
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TABLE LXni PRESSOHE 

CORBECnONS FOB HTDBOOEN 

ELECTRODE D, 

MILLIVOLTS 

Temperature 

la* 

20* 

2a* 

30* 

Vapor Pressure 

Gas Pressure 

128 

15 d 

237 

31 7 mm 

740 mm 

054 

061 

0 75 

092 

760 mm 

020 

026 

038 

056 

780 mm 

-013 

-008 

004 

0 20 


n The Oxygen Electrode — The potential of an oxygen electrode, 
expressed m the form of equation (96) of Chap VII, is 


^ “ So OH + GoH 1 (5) 

and since Coh may be replaced by where /C is the lomc product 
of water, it follon s that 

E ~ Soj u* “ {^) 

The oxygen electiode should thus, in theory, function as if it were re 
versible with respect to hydrogen ions 

Attempts have been made to set up oxygen electrodes m a manner 
similar to that adopted for the hydrogen gas electrode, as descnbed 
above, the results, however, have been found to be unreliable The 
potential rises rapidly at first but this is followed by a dnft lastmg several 
days The value reached finally is lower than that expected from the 
calculated standard potential of oxygen (cf p 243) and the known pH 
of the solution The use of either indium or smooth platinum instead of 
platinized platmura does not bnng the potential appreciably nearer the 
theoretical reversible value, although the use of platinized gold has been 
recommended It is evident that the oxygen gas electrode m its usual 
form does not function reversibly, the difference of potential when the 
equilibrium 

i02 + H20 + 2€^20H- 

is attained is less than would be expected, and this means that the direct 
reaction, as represented by this equation, is retarded in some maimer not 
yet clearly understood 

In spite of its irreversibihty, the oxygen electrode was at one time 
used for the approximate companson of pH values m solutions contammg 
oxidizing substances, m which the hydrogen gas electrode would not 
function satisfactorily In ordCT for the rcsulte to have any significance 
the particular oxygen electrode employed was standardized by means of 
a hydrogen electrode m a solution m which the latter could be employed 
The oxygen electrode, with air as the source of oxygen, has also been 
used for potentiometnc titration purposes, m work of this kind the actual 
potential or pH is immatenal, for all that k required is an indication of 
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the point at which the potential undergoes rapid change * In recent 
years the difficulty of measuring pH’s m dilutions containing reducible 
substances has been largely overcome by the wide adoption of the glass 
electrode which is desenbed below 

HI. The Qumhydrone Electrode.— It was seen in Chap VIII that a 
mixture of quitione (Q) and hydroqumone (HiQ) in the presence of 
hydrogen ions constitubs a reversible oxidation-reduction system, and 
the potential of such a system is given by equation (4) page 270, as 


„ „„ RT, R1 , 


( 7 ) 


It IS seen, therefore, that the potential of the qumone-hydroquinone 
system depends on the hydrogen ion activity of the system For the 
purpose of pH determination the solution b saturated with qulnhydrone, 
which is an eqmmolecular compound of quinone and hydroqumone, in 
this manner the ratio of the concentrations cq to cii ,<5 js maintained at 
unity, and if the ionic strength of the solution is relatively low the ratio 
of the activities, i e , aqjau,^ may be regarded as constant The first two 
terms on the right hand side of equation (7) may thus be combined to 
give 

B-£5-ylnoa‘ (8) 


= 4- 2 303^ logon* (8o) 

RT 

= £®Q + 2303ypH (86) 


By using the method of standardization described at the beginning of 
this chapter, the value of fq is found at f* to be 

£q= - 0 6994 + 000074(f-25) 

This method of expressing the results is of little \ alue for practical pur- 
poses, the particular reference electrode and salt bridge employed should 
be standardized by means of equation (2) using one of the reference 
solutions in Table LXII If the reference electrode is a calomel electrode 
with 0 1 N potassium chlonde, and a bridge of a saturated solution of this 
electrolyte is employed, it has been found possible to express the expen- 
mental data by means of the equation 

) = - 0 3636 + 0 0070(1 - 25) 

This is the potential of the qumhydrone electrode against the Hg, HgjCh, 

• Furman J Arn Chem. Soc , 44, 12 (1922), Tmm Electrochm Soc 43, 79 (1933), 
Britton, / Chem Soc 127,1896 2148(1925) Richir^ / Phys Chem 32,990 (1928) 
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KCI(0 1 n) electrode when the former conteins a solution of hydrogen 
ions of unit activity, i e , ite pH is zero ^ 

The quinhydrone electrode is easily set up by adding a small quantity 
of tne sparingly soluble quinhj drone, which can be obtained commer- 
cial!}, to the expcninental solution so as to saturate it, this solution is 
shaken gently and then an mdicatmg electrode of platmum or gold is 
inserted The surface of the electo)de metal should be clean and free 
from grease, it is first treated \iith hot chromic acid mixtuie, washed 
well u ith distilled v atei , and finally dned by heatmg in an alcohol flame 
Gentle agitation of the solution by means of a stream of mtrogen gas is 
sometimes advantageous The electrode gives accurate results in solu- 
tions of pH less than 8, m more alkabnc solutions errors arise, first, 
because of oxidation of the hydioqumone by oxygen of the air, and 
second, on account of the ionization of the hydroqumone as an acid 
(cf p 291) Oxidizing or reducing agents capable of reacting rapidly 
with qumone or hydioqumone aie hable to disturb the normal ratio of 
these substances, and so will affect the potential The quinhj drone 
electrode can be used m the presence of the ions of many metals which 
have a deletcnous effect on the hydiogen gas electrode, but ammonium 
salts exert a harmful influence The potential of the quinhydrone elec- 
trode IS affected to some extent by all salts and even by non-electrolytes, 
this “salt effect” is to be attnbuted to the varying influence of the salts, 
etc , on the activities of the qumone and hydroqumone, although the 
ratio Cg/cnjQ remains constant, therefore, this is not necessarily true for 
Qq/ch q upon ^hich the electrode potential actually depends The "salt 
erroi” is pioportional to the concentration of electrolyte, within reason- 
able limits , Its value, which may be positive or negative, according to the 
nature of the "salt,” is about + 0 02 to ~ 0 05 pH unit per equiv per 
hter of electrolyte Provided the solution is more dilute than about 
0 1 N, the "salt error” is therefore negligible for most purposes The 
quinhydrone electrode has an appreciable “protein error,” and so cannot 
be employed to give reliable pH values m solutions containing proteins 
or certain of their degradation products ® 

The quinhydrone electrode has been adapted for pH measurements 
m non-aqueous media, such as alcohols, acetone, formic acid, benzene 
and liquid ammonia For the detenmnation of hydrogen ion activities 
m solutions m pure acetic acid a form of qurnhydrone electrode involving 
tetrachloroqumone (chloranil) and its hydroqumone has been used ” 

^Earned and Wnght, J Am Chem Soc, 55, 4849 (1933), Hovorka and Deanng, 
tkd 57, 446 (1935) 

* For general references, see GJasstene, “The Electrochemistry of Solutions,” 1937, 
p 378 

® Conanfc elal,J Am Chem Soe , 47 1959 (1925), 49, 3047 (1927), Heston and 
Hall, ibid, 56, 1462 (1934) 



356 


THE DETERMINATION OF HYDROGEN IONS 


IV. Tbe Antimony Electrode— The sO'Called "antimony electrode" 
IS really an electrode consisting of antmionj and its tnoxide, the reaction 
being 

2Sb(a) + 3H,0 = SbsO,(s) + 6H+ + 6«, 
so that the potential is given by 

E = Bi^Oj In flH*j (9) 

the activities of the solid antimony and antimony tnoxide and of the 
water, being taken as unity The potential of the Sb, SbsOs electrode 
should thus depend on the hydrogen ion activity of the solution m t^hich 
it IS placed The electrode is generally prepared by casting a stick of 
antimony m the presence of air, m this way it becomes sufficiently oxi- 
dired for the further addition of oxide to be unnecessary A wire is 
attached to one end of the rod of antimony obtained in this manner, 
while the other is inserted m the experimental solution its potential is 
then measured against a convenient reference electrode As the poten 
tials differ from one electrode to another, it is necessary that each anti- 
mony electrode should be standardised by means of one of the solutions 
in Table LXII The antimony electrode behaves, at least approximately, 
according to equation (9) over the range of pH from 2 to 7, but m more 
acid or more alkaline solutions deviations occur, these discrepancies are 
probably connected with the solubility of the antimony oxide in such 
solutions Since no special technique is required for setting up or meas- 
unng the potential of the antimony electrode and it is not easily poisoned, 
It has advantages o\ er other forms of hydrogen electrode It is, there 
fore, ;ery convenient uhere approximate i^ults are adequate, but it is 
not recommended for precision work ’’ 

V The Glass Electrode — One of tbe most amportant advances of 
recent years in connection with tbe determination of pH's is the de\ elop 
ment which has taken place m the use of the glass electrode It has long 
been knoivji that a potential difference is set up at the interface between 
glass and a solution in contact with it which is dependent on the pH of 
the latter, * this dependence has been found to correspond to the familiar 
equation for a reversible hydrogen electrode viz , 

( 10 ) 

^Kolthoff and Hartong Rtc. irat cftiin H 113 (1923), Roberts and Fenwick 
J An Chem. Soc 50 2125 (192S), Parka and Beard ibid, 54 856 (193'’) Perley 
Ind Eng Chem (Anal Ed) 11 316 (1939), Hovorkaand Chapman / An Chm Soc 
03 955 (1941) 

* For references to cxpenmcntal methods seeGbstetone Ann Rep Chem Soe 30 
2«3 (1933), Muller and Dur Chen Z EZrllnjcfcn , 41 559 (1935), 42 31 730 (1936) 
Schwabe t6id 4! 681 (1935) For complete review see Dole The Glass Electrode, 
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\\ here ITq is tlie "standard potential for the particular glass emploj 
1 e , the potential 11 hen m contact with a solution of hj dragon ions at i 
acti\ it} It is ei ident, therefore, that measurements of the potei 
of the so called "glass electiodc can be utilized for the determuiatio 
pH values 

\y In its simplest form the glass electrode consists of a tube termina 
in a thin, walled bulb, as shonn at A, m Fig 96 the glass most suit 
for the purpose (Cormng 015) 
contains about 72 per cent 
22 per cent Na 0 and 6 per cent 
CaO, it has a relatnidy low melt 
mg point and a high dectneal con- 
ductivnty The bulb contams a 
solution of constant hydrogen ion 
concentration and an dectrode of 
definite potential, a silver chloride 
electrode m 01 n hjdrocbloric 
acid or a platinum we inserted 
in a buffer solution, eg, 005 
molar potassium acid phthalatc, 
saturated mth quinhydrouc is 
generally used The bulb is inserted in the experimental solution 
so that the glass electrode consists of the svstem 

Ag } AgCl(s) 0 1 \ HCl { glass 1 expenmental solution, 

if silver silver chloride is the inner electrode of constant potential 
potential of the gla«s electrode is then measured by combining it 
a suitable reference electrode, such as the calomel electrode C m III 
the inner electrode of the gla*=8 electrode system serving to make 
tncal connection 

Owing to the very high resistance of the glass, viz , 10 to 100 m 
ohms, special methods have to be emplo) ed for determining the i 
of the cell , these geneially mvolvc the use of an electrometer or of vac 
tube circuits, as desenbed on page 192 Some workers have succes; 
prepared thin-walled glass electrodes of relatively large area and hei 
comparatn ely low resistance, in these cases it has been found po 
to make e m r measurements without special apparatus, by us 
reasonably sensitive galvanometer as the mdicatmg instrument i: 
potentiometer circuit Yanous forms of glass electrode have beei 
ployed for different purposes, but the simple bulb type described j 
can easily be made m a form that is not too fragile and yet has 
very high resistance Several commercial forms of apparatus a« 
available wbch employ robust ^ass electrodes, by using some fo 
electrometer tnode vacuum tube (p 193), it is possible to measui 
potential to about 0 0005 volt, i e , 0 01 pH unit, without difficulty 
accuracy of ± 0 002 pH unit has been claimed for special meai 
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Circuits, but it 15 doubtful whether the pH scale has been established with 
this degree of precision 

If both internal and e^temaI surfaces of the glass electrode were 
identical, it is obvious from equation (10) that tho potential of the elec 
trode system ^vould be determined simply by the difference of pH of the 
solutions on the two sides of the glass membrane, apart from the potential 
of the inner electrode e g , Ag, AgCI This expectation can be tested 
by measuring the E u f of a ceU m which the solution is the same inude 
and outside the glass bulb and the reference electrode is the same as the 
inner electrode, thus 

Ag I AgCKe) 0 1 N HCI 1 glass [ 0 1 pr HCl AgCl(s) | Ag 

The E u p of this cell should be rero, but in practice the value is found 
to be of the order of ± 2 millivolts, for a good electrode This small 
difference is called the asymmetry potential of the glass electrode, it is 
probably due to differences in the strain of the inner and outer surfaces 
of the glass membrane It is necessary, therefore, to standardize each 
glass electrode by means of a senes of buffer solutions of known pH, in 
this way the \alue of Ea tn ecpiation (10) for the particular electrode is 
found 


m which It IS placed is attained rapidly '-'The potent al satisfies equation 
(10) for a reversible hydrogen electrode very closely in the pH range of 
1 to 9, and with fair accuracy up to pH 12,* pronded there is no large 
concentration of salts in the solution At pH s greater than 9 appreciable 
salt effects become evident which incre^e with increasing pH, i e 
mcroasing alkalinity, of the solution, the magnitude of the salt effects in 
such solutions dejiends .primarilv on the nature of the cations .present 
but it IS of the order of 6 1 to 0 2 unit in the vicinity of pH 11 for 0 1 to 
1 N solutions of the salt In very acid solutions, of pH less than unity 
other salt effects, determined mainly by the anions, are obsen ed Apart 
from these limitations, the glass elective has the outstanding advantage 
that it can be employed m aqueous solutions of almost any kind, the 
electrode cannot be poisoned, neither is it affected by oxidizing or rC' 
duemg substances or by organic compounds It can be used in un 
buffered solutions and can be adapted for measurements with very small 
quantities of liquid The glass electrode does not function satisfactorily 
m pure ethyl alcohol or in acetic acid, but it has been cmploj ed m mix 
turns of these substances with water* 7 

* The accuracy may be ’ ' 

’Hughes J Chm Soc 
(1930), Macinnea and Bel 
54 3095 (1932), for revier 
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There is no completely satisfactory explanation of why a glass elec- 
trode functions as a reversible hydrogen electrode, but it is probable that 
the hjdrogen ions in the solution exchange, to some extent, with the 
sodium ions on the surface of the glass membiane The result is that a 
potential, similar to a liquid junction potential, is set up at each surface 
of the glass, if no ions othei than hydrogen lon^, and their associated 
water molecules, are able to enter the glass, the fiee energy change accom- 
panjing the transfer of 1 g -ion of hydrogen ion from the solution on one 
side of the membrane, where the aetavily is au*, to the other side, where 
the activity is a^*, is then 

AG = RTh^ + xRTh^< 

Or* flH,0 


vhere x is the number of molecules of uater associated vifch each hydro- 
gen ion m the transfer, Oh.o and oSjO are the activities of the water m 
the two solutions The potential across the glass membrane is conse- 
quently given by 


Eq 



+ 


xRT. ChjO 


(H) 


If the solutions are sufficiently dilute, the actmtics of the ^ater are the 
same on both sides of the membrane, the second term on the nght-hand 
side of equation (11) then becomes zero By retaining the hydiogon 
ion activity, e g , cq*, constant on one side of the membrane, equation 
(11) reduces to the same form as (10) If the activity of the watei is 
altered by the addition of alcohol or of appreciable amounts of salts or 
acids, equation (10) is no longer applicable, and deviations from the ideal 
reversible behavior of the glass electrode aie obsoived The salt errors 
found m relatively alkaline solutions, of pH gr^itei than 9, are piobably 
due to the fact that at these low hydrogen ion concentrations other 
cations present m the solution are transferred acioss the glass membrane 
to some extent Under these conditions equation (11) is no longer valid, 
and so the glass electrode cannot behave in accordance vith the require- 
ments of equation (10) 

Acid-Base Indicators —An acid-base mdicator is a substance, which, 
within certain limits, vanes in color according to the hydrogen ion con- 
centration, 01 activity, of its environment, it is tims possible to determine 
the pH of a solution by observing the color of a suitable indicator when 
placed in that solution Investigation into tlic chemistry of substances 
which function as acid-ba&e indicators has slioivn that they are capable 
of existing in two or more tautomenc forms having different structures 
and different colors In one or other of these forms the molecule is 
capable of functioning as a weak acid or base, and it is this property, 

3«Dole, J Am Chm Soc S3, 4260 (1930), 54 2120, 3095 (1932), “Experimental 
and Theoretical Electroehemjstty,” 1935, Chap XXV, 'The Glass Electrode ’’ 1941, 
Haugaard, J Phys Chm , 45, 1^ (1941) 
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together « »th the difTcrcnce in color of the tautomcnc states, that permits 
the u'io of the gi^ en compound aa an acid base indicator " 

If HIni represents the un lomzed, colorless form of an indicator that 
IS acidic in character, its ionization will be represented by 

colorlcw colorless 


the ijwon In" haMD^ the sanje stimcturc and cobras the molecule Him 
Application of the la^\ of mass action to this equilibrium gues the dis* 
sociat on constant of the acid as 


aH*uta, 

URUi 


( 12 ) 


Tlie colorless ion Inf be m equilibrium with its tautomeric form Inr, 
thus 

Inj Inj, 
co!oric« colored 


but the htter, hanng a different structure from that of Inr, ''iH have a 
different color, and the constant of the tautomene cquilibnum {Ki) wll 
bo given b) 


A. 


Oloj 

0|i.t 


(13) 


Finally, the colored Inj" ions will be in eqailibnum with hydrogen ions 
and the colored un-ionized molecules HIdj, thus 


Him + 11,0?^ 11,0+ + Inr, 

colored colored 


the dissociation coastant of the acid Hln, is then 


,, Ok Ok 

A, - 

unisi 

Comb nation of equations (12), (13) and (M) gives 


(14) 


<J^ll*(gln +q|n,) AiA|(l -f- Af) 
(oniB, + onu,) Ki + A’iA» 


where Ain i'? a composite constant involving A’l, A, and hi, it follows, 
therefore, from equation (15) that 


On* « Ku 


(gniBi 4“ umti,) 
(orer + gi>»r) 


(IG) 


If the ionic strength of the medium is relatively low, the activities of 
nini, IIIuj, Inr and Inr maj be replaced b) their rcpcctive conccn- 


'* lor R full dumjion cf the piDpcrtiesof indicaton, Me IvoIthoII end nowfiblum, 
' Acid Base Indicators ' 1937 
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trations, so that equation (16) becomes 


Oh* = 


hn 


CHIn, + Cnia, 
+ Cib, 


(1 


where the approximate “constant” /in, kno\^n as the indicator constai 
replaces Kin 

If a particular compound is to be satisfactory as an acid-base or p 
indicator, the numerator and denominator m equation (17) must con 
spond to two distinct colors a change m the hydrogen ion activity mu 
clearly be accompanied by an alteration in the ratio of numerator 
denominator, and unless these represent tuo markedly different cole 
the system as a 7, hole wiU undergo no noticeable change of color Sm 
HIni and HInj have different colors, on the one hand, and Inr and Ii 
are also different, but the same as HIni and Hlnj, respectively, it 
evident that m order to satisfy the condition given abo\ e it is necessa 
that the un-iomzed molecules must be almost completely m the for 
HIqi, or Hln?, and the ions must be almost cxclusi^ cly m the other fori 
It follous from equation (13) that if the tautomenc constant Kt is smi 
the ions Inr nill predominate o\ er In? , further, if KilKz is large, so th 
HIni is a much stronger acid than Him, it follows that the un-iomzi 
molecules Hln? mil greatly exceed those of HIni These aie, m fact, t' 
conditions required to make the substance under consideration a sat 
factory indicator An alternative possibility which is equally satisfacto 
IS that Ki should be large while KifKj is small, tlie ionized form will th 
consist mainly of Inr ^bile the un-iomzcd molecules will be chiefly m t 
HIni form For a satisfactory* indicator, therefoie, equation (17) mi 
be written as 


Off* = kin 


Un ionized form 
Ionized form 


(1 



where a is the fraction of the total indicator present m the ionized for 
The actual color exhibited by the indicator will, of course, depend on t 
ratio of the un-ionized to the ionized form, smee these have differc 
colors, hence it follows from equation ( 18 ) that it wtII be directly relat 
to the hydrogen ion acti\ity, or concentration, of the medium In 
acid solution, i e , cu* is high, the concentration of un-iomzed foim mi 
increase, according to equation (18), and the indicator will e\hibit 1 
color associated with the mam HIn form, in an alkahne medium, on 1 
other hand, the ionized form must predommate and the color will be tl 
of the chief In“ species 

A few indicators are bases in the state m which they are norma 
employed, an example is methyl orange, which is the sodium salt 
p-dimethylammoazobenzene sulfomc amd, the mdicator action being c 
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to the basic d mcthjlamino-group, j e, — X(CIIj}j There is no reitson, 
howe^er.^hj the conjugate acid, mz, - NH(CHj)t, should not be con- 
sidered as the indicator, although this is not the form m ^\hich it is asiially 
fiupplictl In Mew of the fact that the properties of aqueous solutions 
are im ariabi} expressed in terms of pH, and not of pOH, it is com enient 
to treat all indicators as acids ]f the indicator in its familiar form 
I M Kn « ♦! en IKa svafom 19 tfCatod OS if it COHSlStod of itS 

jf course, consist of conjugate 
in a sense sornewhat arbitrary 
to others as bases The par- 
ticular term employed refers to the nature of the subst'incc in the form 
m which it 13 usually encountered, methyl orange is generally employed 
as the eodmra salt of the sulfonic acid of the free base and hence it is 
called a hasic indicator, but if it were used as the hydrochloride, or other 
salt, of the base it w ould be called an acid indicator In the subsequent 
treatment all indicators mil for simplicity and uniformity be treated 
as acids 

fcdicator fiange —If aa on page 287, it is assumed that the color of 
the lomted form In is barely visible uhtai 9 per cent of the total mdi 
cator is m this form i e , when o is 0 09, it follows from equation (19) 
that the limiting hy drogen ion actmly at which the indicator will show 
its acid color duo to Hln, will be given by 

1 091 

aii» « iOUa, 

pH ft* pXu - 1 (20) 

where pit# is tie indicator erponent, defined in the usual manner as 
- log kit On the other hand when 91 per cent of the indicator is in the 
ionized form i c , a is 0 91, the color of tJie un*Jonircd form mil be 
Virtually undetectable m the mixture, and so the color will be that of the 
alkaline form, the pll at which the indicator shows its full alkaline color 
IS then obtained from equation (19), thus 

009 I 

««• = A,. — 

pH « pAin + 1 (21) 

It IS seen, therefore, that as the pH of a solution is increased by the 
addition of alkali, the color of an indicator begins to change visibly at a 
pH approximately equal to pli, - 1 and is completely changed, as far 
as the eye can detect, at a pH of about pfu + 1 The clTcctivc traasi 
tion internal of an indicator is thus seij roughly two pH units, one on 
each side of the pH equal to p/j* of the indicator Since vanous ifdi- 
cators have different values of kjnt the range of pH over which the color 
changes will vary from one indicator to another 



^Tien the indicator is ionized to an extent of 50 per cent, i e , a is 0 5, 
it IS seen from equation (IQ) that 

Ah = / In, 

pH = pli„ (22) 

The indicator ill thus consist of equal amounts of the ionized and un- 
ionized forms, and hence will show its exact intermediate color, when 
the h}drogen ion activity, or concentration, is equal to the mdicator 
constant 

Determmation of Indicator Constants— A simple method of evalu- 
ating the constant of an indicator is to make use of equation (22) Two 
solutions containmg the same amount of indicator, one in the completely 
acid fonn and the other m the alkalme form, are supenmposed the net 
color IS equivalent to that of the total amount of indicator with equal 
portions m the ionized and un ionized forms A senes of buffer solutions 
of knowTi pH (see Chap XI) are then prepared and a quantity of mdi- 
cator, twice that present m each of the Uo supeninposed solutions, is 
added the colors are then compared with that of the latter until a match 
IS obtamed The matching buffer solution consequently contains equal 
amounts of ionized and un lomzed indicator and so its pH is equal to the 
required pi,in 

The general procedure is to utilize equation (19) and to determme 
the proportion of un ionized to lomzed form of the indicator m a solution 
of known pH, the most accurate method is to measure this ratio by a 
speetrophotometne method similar to th^ described on page 328 If 
tie substance is a one color mdicator, that is to say it is colored m one 
(ionized) form and colorless in the other (un ionized) form, e g , phcnol- 
phthalem and p nitrophenol, it generally has one sharp absorption band 
m the visible spectrum by measurmg the crtmction coefficient when the 
substance is completely m it« colored form, c g m alkaline solution, it is 
possible by utilizing Beer’s law (cf p 328 footnote), to determme the 
concentration of colored form m any solution of known pH from the 
extent of light absorption by the mdicatoim that solution (cf Tig 100) 
From the total amount of mdicator present the ratio (1 -- «)/« can be 
evaluated and hence lu can be obtained The pnnciplc of this method 
of determimng the indicator constant is identical with that described 
on page 329 for the dissociation constant of an acid, ha is m fact the 
apparent dissociation constant of the indicator, assuming it to consist 
of a single un lomzcd form Hln and an lomzed form In“ with a different 
color 

A two color indicator will, in general, have tvo absorption bands, 
one for each colored form, by studymg the extent of absorption in these 
bands m a solution of definite pH, as compared with the values in a com- 
pletely acid and a completely all^ne solution, it is possible to calculate 
directly the ratio of the amounts of un ionized and ionized forms m the 
given solution 
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Instead of utilizing spcctrophotoraetnc devices the ratio of the 
amounts of lomzed to un-ioni 2 »d indicator can bo estimated, although 
less accurately, by visual means With a one color indicator the fraction 
of ionized, generally colored, form is determined by comparing the color 
intensity with that of a solution contaimng ^ anous knoii n amounts of 
indicator which have been completclj transformed by the addition of 
alkali With a two color indicator it is necessary to supenrapose the 
acid and alkaline colors in different amounts until a match is obtained 
The precision of the measurements can be greatly improved by the uso 
of a commercial form of colonmeter specially designed for the matching 
of colors 

The values of pAia for a number of useful indicators, together with 
the pH ranges in which they can be employed and their characteristic 
colors m acid and alkaline solutions, are recorded in Table LXIY 

TABLE LXIV MErOL INDICAT0B8 AKD TREIB CHABACTERtBTIC PR0PEHTIE3 

Color ClianRe 


Indicator 

pAin 

pH Range 

Acid 

Alkaline 

Thymol blue 

ISl 

12 28 

Red 

Yellow 

Methyl orange 

37 

31 44 

Red 

"iellow 

Bromphenol blue 

393 

30-46 

Yellow 

Blue 

firomcresol green 

4 67 

38-5 4 

■iellow 

Blue 

Methyl red 

51 

42 63 

Red 

Yellow 

Chlorphenol red 

593 

48 04 

Yellow 

Red 

Bromphenol red 

616 

52 68 

lellow 

Red 

Bromcreeol purple 

63 

52 68 

■iellow 

Purple 

Bromthymol blue 

70 

60-76 

Yellow 

Blue 

p*Nitrophenol 

71 

56 76 

Colorless 

Yellow 

Phenol red 

79 

68 84 

Yellow 

Red 

Creeol red 

83 

72- 88 

"iellow 

Red 

Metacresol purple 

832 

74 90 

Yellow 

Purple 

Thymol blue 

89 

80 96 

"iellow 

Blue 

Cresolphthalein 

94 

82-98 

Colorlees 

Red 

fRenoj^Athaibin 

Si 

83 Wtf 

Cbforl'ess 

Reef 

Thymolphthalein 

94 

92 106 

Colorless 

Blue 

Alizarine yellow 

— 

100-120 

Yellow 

Lilac 

Nitranune 

- 

110 130 

Colorless 

Orange-brown 


Determination of pH With Buffer Solutions —If a series of buffer 
solutions of knoTO pH, which must he m the region of the pH to be 
determined is available the estimation of the unknown pH is a relatively 
simple matter It is first necessary to choose, by preliminary expen 
ments, an indicator that exhibits a definite intermediate color in the 
solution under examination The color produced is then compared with 
that given by the same amount of the indicator in the \ anous solutions 
of known pH In the absence of a “salt error,” to which reference will 
be made later, the pH of the unknown solution will be the same as that 
of the buffer solution m which the indicator exhibits the same color 
Provided a sufficient number of solutions of known pH are available, this 
method can give results which are correct to about 0 05 pH unit 



BJERRUMS WEDGE METHOD 


365 


When colored solutions are bemg studied, allowance must be made 
for the supenmposition of the color on to that of the indicator, this may 
be done by means of the arrangement show m 
plan in Fig 97 The colored expenmental solu- 
tion, to which a definite amount of mdicator has 
been added, is placed m the tube A. and pure 
water is placed m 5, the tube C contains the test 
solution -without mdicatoi, and D contams the 
buffer solution of knoim pH together -with the 
same amount of indicator as in A The solution 
m D IS ^ aned until the color of C and D super- 
imposed IS tbe same as that of A and B super- 
imposed The j)H of the solution m A is then the 
same as that in D 

Determination of pH Without Buffer Solutions —Provided the con 
stant of an mdicator is known, it is possible to determme the pH of an 
unknown solution ivithout the use of buffer solutions, the methods are 
the same in pnnciple as those employed for the evaluation of the mdi- 
cator constant, except that in one case the pH of the solution is supposed 
to be known while p/ in is determined and m the other the reverse is true 
For this purpose, equation (18), after taking loganthms, may be written as 
„ , , , lomzedform 

p - p iQ + og un-ionized form 

. Color due to alkaline form 
= pl,. + log Color to acid form ' 

The problem of determining pH values thus reduces to that of measuring 
the ratio of the tvo extreme colors exhibited by a particular indicator m 
the given solution 

I Bjemim’s Wedge Method '^A rectangular glass box is divided 
into two wedge-shaped compartments by the insertion of a sheet of glass 
diagonally, or two separate wedges are 
cemented together by Canada balsam to 
give a vessel of the form shoivn m plan 
m Fig 98 A solution of the indicator 
which has been made definitely acid is 
placed m one wedge, and one that is 
dcfimtely alkaline is placed m the other 
By viewing the combination from the 
front a gradation of colors, from the acid 
to the alkaline forms of the mdicator, 
cmi be seen as a result of the superposi 
tion of steadily decreasing amounts of acid color on increasing amounts 

Bjerrum Ahren s Sammlung 1914 No 21, Kolthoff Rec (rav d,wi 43 144 
(1924) McCrae Analy$t Si 287 (1926) 


Alkaline form (1— a) 

10 0 76 0 60 025 0 


A 


Ac d form (a) 

Fig 98 Repre'^entation of 
Bjerrum wedge 



© 0 
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Fig 97 Indicator 
roefl5uremenfcs with 
colored solutions 
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of the alkaline color The test solution is placed m a narroT\ glass 
l)OX of the same thickness as the combined wedges (Tig 98, A) and the 
indicator is added so that its concentration is the same as m the 
wedges A position is then found at which the color of the test solution 
matches that of the supenraposed acid and alkaline colors, the ratio of 
the depths of the wedge solutions at this point thus gives the ratio of the 
colors required for equation (23) If the sides of the box are graduated, 
as ohown the depths of the two solutions can be obtained and the corro 
sponding pH e\aluatcd The double-wedge can of course be calibrated 
so that the logarithmic term i e , the second term on the nght-hand side, 
of equation (23) can be read off directly 

n Colonmeter Method —One of the simplest forms of colorimeter 
is ‘ihown in Fig 99 the experimental solution is placed in the xessel A 
and an amount of indicator, giving a known concentration, is added, the 
ixed flat-bottomed tube B contains water 
to a definite height The fixed tube C, ar« 
ranged at the same lc\ el as B, also contains 
water to the same height as m B Surround 
ingCisamoxable lube Dm which is placed 
the acid form of the indicator, nod this is 
surrounded by the vessel E containing the in* 
dicator m its alkalme lorm, the concenlra 
tioQ of the indicator m D&lAEib the same 
asmthetestsoIutionmA The inner tube 
D 13 moved up and down until the color as 
seen through C, D and £ is the same as that 
seen through D and A , the ratio of the alkaline color to the acid color in 
A 13 then given by the ratio of the heights hifk, so that the pH can bo 
calculated if those heights arc measured If the test solution w colored, 
the water in C is replaced by the lest solution to an equal depth, ita 
color 13 then supenmposed on that of the indicator in each case By 
the use of special colonractcrs it is possible to match the colors wath 
such precision that pll talucs can be estimated with an accuracy of 
0 01 unit 

HI. Spectfophotometnc Method **— The use of absorption spectra 
permits an accurate estimate to be made of the ratio of the amounts of 
the two colors in a gitcn Bolution, the method is the same m principle 
M that already referred to on pages 328 and 3G3 In order to show the 
magnitude of the effect on the absorption of light resulting from a change 
of pH, the transmission curves obtained for bromcrcsol green m solutions 
of \ anous pH’s are shown in Fig 100 It is evident that once the extent 
of the absorption produced by the completely alkaline form of the ind 

“Urode J Am Ckm Soc « 6Sl (192t), Holmes M « 2232 (102}) HoImM 
and Snyder ibid 47, 221, 220 (1925), Vlfa Compl rend , 180, 584 (1925), Fortune and 
MeOoa J Am, Chm See,, 60 2007 (IllM) 


Fio 99 Colonmeter for 
pH detcrnuoaticoa 
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cator IS taOTO, the proportion present m a given solution, and hence the 
pH, can be estimated with fail accuracy 


pH 



Fig 100 Light absorption of bromcrcsol green (Fortune and Mellon) 

Enors m Measurements with Indicators —Three chief sources of 
error m connection w ith pH detcrmmations b) means of mdicators may 
be mentioned “ In the first place, if the test solution is not buficred, 
e g , solutions of verj weak acids or bases or of neutral salts of strong 
acids and bases, the addition of the indicator may produce an appreciable 
change of pH, this source of erroi ma} be minimired b> employing small 
amounts of indicator which have been prenously adjusted, as a result of 
preliminary experiments, to haie approximately the same pH as the test 
solution Such indicator solutions are said to be isohydnc with the test 
solution 

Tlie second possible cause of erroneous results is the presence of 
proteins, as a general rule, indicator methods are not satisfactory for the 
determination of pH in protein solutions The eiTor laries with the 
nature of the indicator, it is usually less foi low molecular weight com- 
pounds than for complex molecules 

Appreciable quantities of neutral salts produce color changes m an 
indicator that are not due to an alteration of pH and hence lead to erro- 
neous results This effect of neutral salts is due to two factors, at least, 
m the first place, the salt may affect the hght absorbing properties of one 
or both forms of the indicator, and, m the second place, the altered 
ionic strength changes the activity of the indicator species In deriving 
equation (17) the activities of tiie un-iomzed and lomzed forms of the 
mdicator were taken to be the same as the respective concentrations, 
this can only be reasonably true if the lomc strength of the solution is 

McCnimb and Kenny J Soc CAe»n Ind 49 42oT (1930), Kolthoff and Rosen 
blum ' Acid Base Indicators ’ 1937 Chap 2 
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low otherwise equation (19) should be written 



/nin 


where /bih and /m are the activity coefBcients of the un-iowzcd and 
ionized species, respectively Taling loganthms, this equation can be 
put in the form 

pH = pKu + log -f log ~ » 

1 ~ Z* Jhib 

and the use of the extended Debye Huckel equation for log (/in*//Hiii) 
then gives 

pH = pAi, + log Vp 4- Cp (24) 

L ~ H 


For a gucn color tint, i e , corresponding to a definite value of o:/(l - a), 
the actual pH will clearly depend on the % alue of the ionic strength of 
the solution, at low ionic strengths e g , less than about 0 01, the neutral 
salt error is negligible for most purposes 

The actual neutral salt error is less than estimated by equation (24) 
because the experimental values of pKh are generally based on deter- 
minations made m buffer solutions of appreciable ionic strength For 
equation (24) to be strictly applicable the indicator exponent pA^ should 
be the true thermodynamic value obtained by extrapolation to infinite 
dilution 

Universal Indicators —Since the pH range over which a given mdi 
eator can be employed is limited, it is always necessary, as mentioned 
above, to carry out preliminary measurements with an unknown solution 
m order to find the approximate pH, with this information available 
th mst mtaisk niefrcafor can 6e efiosen Tor itfte purpose af mtag 
these preliminary observations the so-called universal indicators ha^e 
been found useful they consist of matures of four or five indicators, 
suitably chosen so that they do not interfere with each other to any 
extent, which show a senes of color changes o^ er a range of pH from 
about 3 to 11 A convenient and simple form of umversal indicator can 
be prepared by mixing equal volumes of 0 1 per cent solutions of methyl 
red, a-naphtholphthalein, thymolphthalein, phenolphthalem and brom- 
thymol blue, the colors at different pH ralues are given below 

pH 4 5 6 7 8 9 10 11 

Color Red Orange- Yellow Green- Green Blue- Blue- R«d 

red yellow green violet violet 

“ Carr, Andysl 47 198 (1922), Clark “Tbs Detenmnation of Hydrogen Ions " 
1928 p 97, Bntton “Hydrogen Ions,” 1932, p 286, Kolthoff and Rosenblum ‘ Acid 
Base Indicators ’ 1937, p 170 



CHAPTER XI 

NETJTRALIZATIOK AND HYDROLYSIS 

l^es of NcutfaIiza(ion — Tie Icrm neutralization is generally ap- 
plied to the reaction of one equivalent of an acid mth one equnalcnt of 
base, if the terms “acid” and “base” are emplojcd in the sense of the 
general defimtioos given m Chap IX, the products are not necessanly a 
salt and irater, as in the eWical concept of acids and bases, but they 
arc the conjugate base and acid, respectively, of the reacting acid and 
base Tor the reaction between comcntional acids, such as hjdro' 
chlonc, acetic, etc , and strong bases, such as hydroxides in uatcr or 
alkjloxidosm alcohols there is no difference between the new' ’ ‘ 
points of Mei', It IS, hoive\er, preferable to discuss all ^ 
from the general standpoint provided by the modem the 
bases According to this the following reactions arc 
neutralization 

nci + (Na^)OCtIlr = (Na+ICl- + i 

CfI,C0,H + (Na+)0H- « (Na+)CH,COr + 

nci + RNII, = Cl- + 

nci + (Nft+)CH|C0? = (Na+)a- 

RNII^(Cl-) + (Na+)0H- « RNlh 

Acidi BasPj Base, 

The last bo reactions are of special interest 
category usually known as “displacement rp i 
two a strong acid, hydrochlonc acid, displaces a 
from its salt, while in the second a weak base, c g , 
is displaced from its h) drochlondc by a strong 
later that a much better understanding of these proc 
by treating them as neutralizations, winch m fact 
IS uiedin its wider sense 

Incomplete Neutralization: Lyolysis— The va 
zation occurs, when one equivalent of acid and h 
on the nature of the acid, the base and the solvf 
the base ls B and SH w an araphiprotic boKv 
function Cither as an acid or as a base, the neutra 

HA + B;^Bm + A- 

takes place, but in addition since the sohent is a 
esse^ in\ohing it can occur, thus 

(a) Bri^ + SH^SIIi- + i 

Acid B«e Acid ^ 
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and 

W SH + A-?±HA + S- (lb) 

Acid Base Aeid Ba'^c 

In the first of these the free base B is re formed whde m the second the 
free acid HA is regenerated, it follows therefore, that the processes 
(a) and (b) militate against complete neutralization This partial re 
versal of neutralization, or the prea ention of complete neutralization, is 
called bj the general name of lyolysis or solvolysis , m the particular case 
of water as solvent the term used is hydrolysis 

Conditions for Complete Neutralization —In order that neutraliza- 
tion may be virtuallj complete it is nece'^sarj that the lyolj sis reactions 
should be reduced as far as possible For reaction (o) to be suppressed 
it is necessary that B should be a much stronger base than the solvent 
SH, so that the equilibrium lies to the left Further, the actual neutrali- 
zation reaction equilibnum must he to the nght if it is to be practically 
complete, this means that B must be a stronger base than the anion A“ 
For the complete neutralization, therefore, the order of basic strengths 
must be 

A <B>Sn 

If B IS a weak base, it is necessarj that A should be still weaker, it has 
been seen (p 307) that a strong acid will ha\e a \ery weak conjugate 
base, and hence this condition is satisfied if HA is a very strong acid 
It IS also necessary that the solvent should be a very weak base, and this 
can be achieved by using a strongly protogemc, i e , acidic, medium 
It has been found, m agreement with these conclusions, that extremely 
weak bases, e g , acetoMme, can be neutrahzed completely by means of 
perchionc acid, the strongest known acid, in acetic acid as solvent In 
water, hydrolj sis of the type (o) is so considerable that neutralization of 
acetoxime, even by means of a strong acid, occurs to a negbgible extent 
only 

By similar arguments it can be shown, from a consideration of the 
lyolytic equilibnum (6), that if an acid HA is to be neutrahzed com 
pletely, the condition is that the order of acid strengths must be 

BH+ < HA > SH 

To neutralize completely a weak acid HA it is necessar} , therefore, to 
use a very strong base, so that its conjugate acid BH+ is extremely w eak, 
and to work m a protophihe medium, such as ether, acetomtrile or, 
preferably, liquid amraoma 

It wiU be evident from the conclusions reached that the lyolysis 
process (a) is due pnmanly to the weakness of the base B, whereas the 
process (b) results from the weakness of the acid HA If both acid and 
base are weak m the particular solvent, then both types of lyolysis can 
occur, and complete neutralization is oidy possible in an aprotic solvent, 



CHAPTER XI 

NEUTRALIZATION AND HYDROLYSIS 

Types of Neiitralizatioii —The term neutralization is generally ap 
plied to the reaction of one equivalent of an acid with one equivalent of 
base if the terms ‘acid” and "base’ are emplojed m the sense of the 
general definitions given in Chap IX, the products are not necessarily a 
salt and water, as in the classical concept of acids and bases, but they 
are the conjugate base and acid, respectively, of the reacting acid and 
base For the reaction between conventional acids such as hydro- 
chlonc, acetic, etc and strong bases, such as hydroxides m nater or 
alkyloxides m alcohols, there is no difference between the new and the old 
points of view it is, however, preferable to discuss all neutralizations 
from the general standpoint provided by the modem theory of acids and 
bases According to this the following reactions are all examples of 
neutralization 

IICl -f (Na*)0C)H5- = (Na+)CI' + C,HsOH 

CHjCOjH + (Na^)OH- « (Na^)CHiCO? + FLO 

IICl + RNHj = Cl + MHt 

HCI + (Na+)CH,CO? = {Na+)C1- + CHiCO^H 

RNH?(C1 ) + (Na+)OH » RNH, + H^O + (Na+CI") 

Aeidi Ba^ei Acidi 

The last two reactions are of special interest, since they belong to the 
category usually kno^^n as “displacement reactions”, in the first of the 
two a strong acid, hydrochlone acid, displaces a weak acid acetic acid, 
from its salt, while in the second a weak base, e g , ammonia or an amine, 
is displaced from its hydrochloride by a strong base It will be seen 
later that a much better understanding of these processes can be obtained 
by treating them as neutralizations, w'hich in fact they are if this term 
IS used m its wider sense 

Incomplete Neutralization* Lyolysts— The extent to which neutral- 
ration occurs, when one equivalent of a«d and base are mixed, depends 
on the nature of the acid, the base and the solvent If the acid is HA, 
the base is B and SH is an amphiprotic soh ent, i e , one which can 
function either as an acid or as a base, the neutralization reaction 
+ A- 

takes place, but m addition, since the solvent is amphiprotic, two proc 
e’sscs involving it can occur, thus 

(a) BH+ + SH?iSH^ + B, 

Acid Base Acd Base 
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and 

(b) SH + A ;±HA + S- (lb) 

Acid Bare Acid Base 

In the first of these the free base B is re-formed Tihile m the second the 
free acid HA is regenerated, it follows therefore, that the processes 
(a) and (5) militate against complete neutrahzation This partial re- 
1 ersal of neutralization, or the prei entaon of complete neutralization, is 
called by the genei al name of lyolysis or solvolysis , in the particular case 
of water as solvent, the term used is hydrolysis 

Conditions for Complete Neutralizabon. — In order that neutrahza- 
tion may be iirtuallj complete it is neces‘=aiy that the I 5 olysis reactions 
should be reduced as far as po'^ble For reaction (a) to be suppressed 
it IS necessar} that B should be a much stronger base than the soh ent 
SH, 'io that the equilibrium h^ to the left Further, the actual neutrali- 
zation reaction equihbnum must he to the nght if it is to be practically 
complete, this means that B must be a stronger base than the amon A" 
For the complete neutrahzation, therefore, the order of basic strengths 
must be 

A- < B > SH 

If B IS a weak base, it is necessary that A" should be still weaker, it has 
been seen (p 307) that a strong acid will have a lerj weak conjugate 
base, and hence this condition is satisfied if HA is a very strong acid 
It IS al^o necessar} that the sol\ ent should be a very w eak base, and this 
can be achiet ed bv using a strongly protogeme, 1 e , acidic, medium 
It has been found, m agreement with the«e conclusions, that extremely 
weak bases, e g , acetoxirne can be neutralized completely by means of 
perehlonc acid, the strongest known acid, in acetic acid as solvent In 
water, hydrol} sis of the tvpe (a) is so considerable that neutrahzation of 
acetoxirne, even by means of a strong acid, occurs to a neghgible extent 
onl} 

B} similar arguments it can be shown, from a consideration of the 
1} olytic equilibrium ( 6 ), that if an acid HA is to be neutralized com 
pletfil} , the condition is that the order of acid strengths must be 

BH"- < HA > SH 

To neutrahze completely a weak acid HA it is necessarj, therefore, to 
use a very strong base, so that its conjugate acid BH+ is extremely weak, 
and to work m a protophific medium, such as ether, acetomtnle or, 
preferably, hquid ammoma 

It will be eindent from the conclusions reached that the lyolysis 
process (a) is due pnmanly to the weakness of the base B, whereas the 
process (&) results from the weakness of the acid HA If both acid and 
base are weak in the particular solvmit, then both types of lyolysis can 
occur, and complete neutrahzation is oidy possible m an aprotic solvent, 
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provided the proton donating tendency of tho acid HA is considerably 
greater than that of or the proton affinity of the base B is greater 
than that of A" (cf p 331) If the medium is exclusively protophdic, 
e g , acetomtrilo, then only the (a) type of lyolysis namely that involving 
a weak base, is possible, weal acida should be completely neutralized 
provided a strong base is used Similarly, in an exclusively protogcnic 
solvent, e g , hydrogen fluonde, the (ft) type of lyolysis only can occur, 
a weak base can thus be completely neutralized in such a medium if a 
sufficiently strong ficid is employed 

Hydrolysis of Salts— The subject of lyolysis or hydroljsis, m the 
event of water being the solvent, can be treated from two angles, in the 
general treatment already given it has been considered from the point of 
view of incomplete neutralization, and a return will be made later to this 
aspect of the subject Another approach to the phenomena of hydrolysis 
IS to study the equihbna resulting when a salt is dissolved in the given 
solvent, the situation is, of course, exactly the same as that which anses 
when an equivalent of the particular acid constitut ng the salt is neu 
tralized by an equivalent of the base This particular aspect of the 
subject of hydrolysis will ho treated here, it is convement to consider the 
matenal with special reference to the salt of (a) a weak acid, (6) a weak 
base and (c) a weak acid and weak base The first two of these are 
often referred to as salts of “one sided" weakness, and the latter as a 
salt of ‘ two-sided’ weakness Salts of strong acids and strong bases 
do not undeigo hydrolytic reaction with the solvent, because the con- 
jugate base and acid, respectively, arc extremely weak, such salts, there- 
fore, Mill not be discussed in this section, but reference will be made 
below to the neutralization of a strong acid by a strong base 

I Salt of Weak Acid and Strong Base —When a salt e g , NaA, of a 
weak acid HA is dissolved in water, it may be regarded as undergoing 
complete dissociation into Na+ and A" ions, provided the solution is not 
too concentrated Since HA is a weak acid the conjugate base A- will 
bo moderately strong, hence the latter will react with the solvent mole- 
cules (HjO) giving the typo of hydrolytic equilibnum represented by 
equation (1ft), m the particular case of water as solvent, this may be 
wntten 

A- + H,0;±HA + 0H' 

Unhydro Free JVee 

lyzed salt acid baao 

The hydrolysis of the salt thus results m the partial reformation of the free 
veak acid HA and of the strong base (Na'*')OH“ from which the salt 
was constituted As a consequence of the weakness of tho acid HA, there- 
fore, there is a partial reversal of neutndization, and the term hydrolysis 
IS often defined m this sense It will be observed that the hydrolytic 
process results m the formation of OH" ions, and this must obviously be 
accompanied by a decrease of hydrogen ion concentration (cf p 339), 
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the salt of a weak acid and a stroi^ base thus reacts alkaline on account 
of hydrolysis This accounts for the ■well-known fact that such salts as 
the cyanides, acetates, borates, phosphates, etc , of the alkali metals are 
defimtely alkaline in solution 

Application of the Ian of mass action to the hydrolytic equihbnum 
gives the hydrolysis constant (Xj) of the salt as 




flHAflQlI 

as. 


( 2 ) 


the activity of the watei being, as usual, taken as unity The ionic 
product of w'ltci (Kur) and the dissociation constant (Ka) of the acid and 
HA aie defined bj 

7/ J rr 

= fln floii and Ka = > 

Oha 


hence, it follons immediately fiom these expressions and equation (2) 
that 

JC. = ^ (3) 

The hydrolysis constant is thus inversely proportional to the dissociation 
constant of the weak acid, * the iieaker the acid the greater is the hy- 
drolysis constant of the salt 

If the activities are replaced by the product of the concentration and 
activity coefficient m each case, equation (2) becomes 


ChaCqh fwifoii 
Ca /a 


( 4 ) 


In solutions of low lomc strength the activity coefficient /ha of the un- 
dissociated molecules is very close to unity, and, further, the ratio of the 
activity coefficients of the two univalent ions, i c , /oh //a , is then also 
umty, by the Debye-Huckel limiting law , equation (4), therefore, reduces 
to the less exact form 

, ChaCoh /-V 

h > ( 5 ) 

Ca 

which IS particularly appbcable to dilute solutions As m other cases, 
the thermodynamic constant Kk has been replaced by the approximate 
“constant," h 

The degree of hydrolysis (x) is defined as the fraction of each mole 
of salt that is hydrolyzed when equilibrium is attained If c is the 
stoichiometric, i e , total, concentration of the salt NaA m the solution, 
the concentration of unhydrolyzed salt ■will be c(l — z) , since this may 
be regarded as completely dissociated mto Na"^ and A“ ions, it is possible 

* It should be noted that the bydroly^ constant is equal to the dissociation con- 
stant of the base A which is conjugate to the amd HA 
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to ^nte 


ca - «{1 - i) 


In the hydrolytic reaction, equivalent amounts of OH" and HA are 
formed and if the dissociation of the latter is neglected, since it is likely 
to be very small especially m the presence of the large concentration of 
A ions it follows that coH and cha must be equal, further, both of these 
must be equal to cz, where s is the fraction of the salt hydrolyzed , hence, 


COH * = W 


Substitution of these values for Ca and <bs m equation (5] gives 


h 


J “ jr’ 


X = 



( 6 ) 

(7) 


From equation (7) it is possible to calculate the degree of hydrolysis at 
any des red concentration, pronded the hydrolysis constant of the salt, 
or the di'socation constant of the acid [cf equation (3)], is known 
If kft IS small, e g , for the salt of a moderately strong acid, at not too small 
a concentration equation (7) reduces to 



so that the degree of hydrolysis is approximately proportional to the 
square root of the hydrolysis consUnt and inversely proportional to the 
square root of the concentration of the salt ajlution The result of equa 
tioD (8) may be expressed in a sbghtlv different form by making use of 
equation (3) which may be wntten, for the present purpose, asi* « 
thus, 



If two salts of different weak acids are compared at the same concen- 
tration, it is seen that 



so that the degree of hydrolysis of each is inversely proportional to the 
square-root of the dissociation constant of the acid, hence the weaker 
tha acid the greater the degree of hydrolysis at a particular concentra- 
tion For a given salt, equation (9) shows the degree of hydrolysis to 
increase with decreasing concentration 

By making use of equation (7) or (8) it is possible to calculate the 
degree of hydrolysis of the salt of a strong base and a weak acid of known 
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dissociation constant at any desiied concentration The results of such 
calculations are given m Table liSV, the temperature is assumed to be 

TABLE TAV DEGIIEE OF IirDROI/TSIS OP SAI/tS OP WEAE ACIDS A^D STROVG BABES 
AT 25® 


Concentration of Solution 


L 

h 

0001 N 

001 1 . 

ou 

IOn 

10 < 

10 » 

33XI0< 

10 * 

32 X 10 ’ 

10 5 

io-« 

10 » 

32X10’ 

10 » 

3 2 X 10-< 

10 < 

10 * 

10-« 

32x10^ 

10-" 

3 2 X lO-’ 

10-’ 

10 

10 ' 

027 

0095 

3 2 X lO-" 

10-^ 


about 25°, so that U can be taken as 10"*^ It is seen that the degree of 
hydrolysis increases aith decreasing strength of the acid and decieasmg 
concentration of the solution In a 0 001 n solution, the sodium salt of 
an acid of dissociation constant equal to 10"*®, e g , a phenol, is hydro- 
lyzed to an e\tent of 27 per cent It raaj be noted that equations (7) 
and (8) give almost identical values for the degree of hydrol}sis m 
Table LXV, except for the tno most dilute solutions of the salt of the 
acid of la equal to 10"*® In these cases the appioximate equation (8) 
M ould give 0 32 and 0 10, instead of 0 27 and 0 095 given in the table 
It has been seen above that con is equal to cx, and since the product 
of cn* and coh is U, it follows that 


Cn* = 


cx 


and introducing the value of x from equation (9), the result is 


Cr* = 




( 11 ) 


Takmg loganthms and changing the signs throughout, this becomes 

- log cii^ = - l\ogl„ ~ \ log la -¥7 log c (12) 

As an approximation, - log ch* may be replaced by pH, and using the 
analogous exponent forms for ~\ogU, and - log ka, it follow s that 

pH = J pi:„ + i pU + z log c (12a) 

It IS seen, therefore, that the pH, or aJkahmty, of a solution of the salt 
of a weak acid and strong base increases with decreasing acid strength, 
le, mci easing pfca, and mcreasmg concentration Attention may be 
called to the fact that although the degree of hydrolysis decreases with 
increasing concentration of the salt, the pH, or alkalinity, increases 
The pH values m Table LXVI have been cdculated for dissociation con- 
stants and salt concentrations correspondmg to those m Table LXV, 
equation (12) is satisfactory in all eases for which (8) is applicable, but 



370 


NEUTRALIZATIOV AVD HYDROLYSIS 


TABLE LXVI VALCBS OT pH W HflUmONS OP SALTS OP WEAK nCIDS A.VD ffTROSO 
BASES AT 2jI* 

Concentration of Solution 


h 

h 

0001 X 

OOU 

OlB 

IOn 


10-w 

75 

80 

85 

90 

KM 

lo-* 

85 

90 

95 

100 

KM 

KM 

95 

100 

105 

no 

10 » 

10 ‘ 

104 

no 

115 

120 


m the others use has been made of the x values m Table LXV together 
«ith equation (11) Since the pH of a neutral solution is about 7 0 at 
25®, it follo^vs that the solutions of salts of weaL acids can be considerably 
alkaline in reaction 

It was seen in Chap IX that the dissociation constant of an acid 
undergoes relatively little change nitb temperature between 0® and 100®, 
on the other hand the lomc product of water increases nearly five hundred- 
fold It IS evident, therefore, from equation (3) that the hydrolysis 
constant will increase markedly with increasing temperature, the degree 
of hydrolysis and the pH at any given concentration of salt will thus in 
crease at the same time 

n Salt of Weak Base and Strong Acid —When the base B is iveak, 
the conjugate acid BH'*’ have appreciable strength and hence it will 
tend to react with the solvent m accordance with the hydrolytic equi- 
libnum (la) It follows, therefore, that if the salt of a weak base and 
a strong acid is dissolved m water there wJI be a partial reversal of 
neutral zation, some of the acid HjO* and the weak base B being re- 
generated, in other words, the salt is hydrolyzed m solution If tho 
weak ba^e w of the type RNH*, eg, ammonia or an amne, the con- 
jugate acid IS RNH^' and when the salt, eg, RNHjCl, is dissolved m 
water it dissociates iirtually completely to >ield RNHf and Cl' ions, 
the former of which establish the hydrolytic equilibnum 

RXHl- + HxO ^ H,0+ + RNH, 

When the weak base is a metallic hvdroxide, it is probable that the 
conjugate acid is the hydrated ion of the metal eg, or 

CufHjO)^''', which may be represented m general by MfHiO)^, the 
hydrolysis must then be expressed by 

M(H!0)^ + H,0 H,0^ + M(HjO)„ lOH, 

where lI(HjO)„-i(OH) is the weak base The formation of H,0^ ions 
shows that the solutions react aad in each case 

Wnting the hydrolytic equilibrium m the general form 

Unhydro- Free Free 

Jyied salt aeid base 
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application of the laM of mass action gi\es for the hydrolytic constant, 



and ^ince 

= an aoR and Kt - 

Qb 

it follows that 



(13) 


(H) 


where ICh is the dissociation constant of the base B It is seen that 
equation (14) is exactlj analogous to (3) except that IQ nou leplaces 
making the same assumptions as before concerning the neglect of 
activity coefficients in dilute solution equation (13) reduces to 




Ch Cn 
Cbh 


(15) 


and from this since cn* is non equal to cb botli of which are equal to cx 
while cbii is equal to c(l - x) it follows that 


h 


cx" 

1 - x’ 


(16) 


which is identical m form with equation (6) The degree of hydro!) sis 
in this case is, consequent! j also given b) equation (7) Mhich reduces to 
(8) provided the base is not too weak or the solution too dilute Re 
placing Ik now by UjU by the approximate form of equation (14) it 
follow 8 that 



The same general conclusions concerning the effect of the dissociation 
constant of the neak base and the concentration of the salt on the degiee 
of hydrolysis are applicable as for the salt of a vveak acid The results 
m Table LW would hold for the present ca^^ piovided the column 
headed 1 a were lepiaced bj h Further, since the dissociation constants 
of bases do notv ary greatl) with temperature tlie mfluence of increasmg 
temperature on the hydiolysis of the salt of a weak base will be very 
similar to that on the salt of a weak acid 

The hydrogen ion concentration cn* in the solution of a salt of a weak 
base IS given by cx as mentioned above and if the value of x from equa 
tion (17) 15 employed it follows that 
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This result may be expressed m the logarithmic form 

pH * ^ Iph “ i log c (18) 

It IS evident th&t the pH of the solubon must be less than i e , 
less than 7 0 and so solutions of salts of the type under consideration 
will exhibit an acid reaction It tiaa seen on page 339 that in any 
aqueous solution 

pH + pOH ^ pft», 
hence in this particular case 

pOH = |pi^ + + 2 ^ogC| (19) 

which H exactly analogous to equation (I2o), except that pOH and ph 
replace pH and pk^, respectively It foUows, therefore, that the results 
in Table LXVI give the pOH values in solutions of salts of a weak base, 
provided tlie column headed is replaced by pkb. 

m. Salt of Weak Acid and Weak Base —If both the acid and base 
from which a gnen salt is made areueak the respective conjugate base 
and acid will have appreciable strength and consequently will tend to 
interact with the ampbiprotic solvent water When a salt such as 
ammonium acetate is dissolved m water, it dissociates almost completely 
into NHf and Ac' ions, and these acting as acid and base, respectively, 
take part in the hydrolytic equilibria 

NHt + H!0?:H.0<- + NH„ 
and 

Ac--f‘H:0;iHAc + OH- 

Combming the two equations, the complete cquilibnum is 

mt + Ac- + 2HiO ;=i H,0+ + OH" + NHj + HAc, 
or, representing the weak base in general by B and the acid by HA, 
BH+ + A- + 2HiO H,0+ + OH' + B + HA 

Since the normal equilibnura between water molecules and hydrogen and 
hydroxyl ions, viz , 

2H20;=iH,0^ + 0H-, 

exi«ts in any event, this may be subtracted from the hydrolytic cqui 
libnum, the result may thus be represented by 

NHf + Ac-5::NH, + HAc 

for ammonium acetate or, m the geneml case, by 

BH+ + A-^HA + B 
UnhydrW" FVee Free 

lyzed salt acid ba^e 
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The law of mass action then gives foi the hjdrolj ‘’is constant 


Kk-- 


( 20 ) 


and introduction of the eipressions for jC, and As leads to the result 

iC.& 

The hydrolysis constant equation (20) ma) also be irattea as 


Kh 


CiiaCb 

Cbu^Ca 


(ua/b 

fmfk 


( 22 ) 


and since this expre-^sion mvoh es the product of the actn it} coefficients 
of tv. 0 umvalent ions instead of their ratio as m the prenous cases, it is 
less justifiable than before to a«;iume that the activity coefficient fiaction 
will become unity m dilute solution Neiertheless, this approximation 
can be made without introducing an} senoue error, and the result is 


CmCB 

CDn*CA 


(23) 


If the onginal, i e , stoicbiomctnc, concentration of the salt is c moles 
per liter, and x is tlio degree of hydrolysis, then cba and Cb ma} both be 
set equal to cx, iihcreas cbu* and arc both equal to the concentration 
of unfa\ drol} zed salt c(l - x), the salt being regarded as completely 
dissociated Insertion of these values in equation (23) then gives 




(24) 

(25) 


If V/ h IS small m comparison with umti, , it maj be neglected m the 
denominator so that equation (25) becomes 

I « -C (26) 

or, mtrodilcing the approximate form of equation (21) for hjs, 



It appears from equations (25), (26) and (27) that the degree of hydroly- 
sis of a given salt of two-sided weakness is independent of the concen- 
tration of the solution, this conclusion is only approximately true, as 
will be seen shortl} 
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The J ) drogen ion concentration of the solution of hj drolj zed salt 
mav be calculated bj using the expression for the dissociation function 
of the acid, ka, thus, 

, Ch*ca 

A. = i 

Cba 


"l-r 

By equation (34) the fraction x/(I - x) is equal to Vlil, 
cjt =K'ikk 



or expressed loganthmically 

pH - JpU + JpA*- ipU (29) 

If the dissociation constants of the weak base and acid are approximately 
equal 1 c pA, is equal to pki it follows that pH is the solution will 
thus be neutral, m spite of hydrolysis If on the other hand, A# is 
greater than Ij the '^alt solution wiU have an ocid reaction, if A, is less 
than ki the solution has an alkaline reaction As a first approximation 
the pH of a solution of a salt of a ivoak aad and i\oak base is seen to 
bo independent of the concentration 

Tie conclusion that the degree of hydrolysi'’ and pH of a solution 
of a salt of double sided weakness is independent of the concentration 
IS only stnctly true if cbh^ is equal to ca and if cb is equal to cha, as 
assumed abo\c This condition is only realized if /« and A^ are equal, 
but not othennse If the dissociation constants of HA and B arc differ- 
ent, so also will be tho'se of the conjugate base and acid, i c > and BIH, 
rcspcctii cly The separate hydrolytic reactions 


A‘ + n»0^±HA-f OH- 
and 

wjfl, therefore, take place to different extents, so that the equilibrium 
concentrations of A” and BH'*’, on the one hand and of HA and B, 
on the other hand, will not be equal The assumptions made aboxc, 
that cpn* 15 equal to ca* and tliat cj is equal to cha, arc consequent!} not 
justifinble and the conclusiorw drawn are not stnctly correct The 
problem may be soKcd in principle by wntmg 


c M Ca + coh = fan* + fa, 
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v/Iiere the total concentration c k diMded into the unbj drolyzed part, 
1 e j ca or Cbh , and the hj drolj zed part, i e , Cqh or cb, respectii elj 
Further, by the condition of electrical neutrality, 

Ce* -{- Cbh* = CoH + Ca , 

and if these equations arc combined with the usual expressions for 
} a, h and / it is possible to eliminate ca , cqh , cb and cbe , and to deni e 
an equation for cn in terms of c and } h and / ,, Unfortunatel} , the 
resulting e\pre'=qon is of the fourth order and can be soh ed onh by a 
process of trial and erroi The calculations ha\e been earned out for 
aniline acetate (/« = 1 75 X 10^, At = 400 X 10 at concentrations 
greater than about 001 n the result foi the hydrogen ion concentration 
IS practically the same as that obtained by the approximate method gi\ en 
preiTOusJy Iq more dderfe solutions, hoviever, tie values cfiffer some- 
Vihat, the diSercnccs increasing with mcrea-mig dilution ^ 

Hydrolysis of Acid Salts — ^The acid «alt of a strong base and a weak 
dibasic acid, eg , NaHA, mil be hydiolyzed m solution because of the 
interaction betvieen the ion HA", functiomng here as a base, and the 
soh ent, thus 

HA- + H-0?iH,A + OH- 
The ion HA“ can also act as an acid 


HA- + H.O?±HjO+ + A “ 

and the ions formed in this manner may interact vnth HA" to 
form HjA, thus 

HA- + HjO+ H-A + H 2 O 


If it Vicie not for tbs latter reaction ca would have been equal to ch*, 
but since some of the hy drogen ions are removed m the formation of an 
equivalent amount of H^A, it follows that 


Ca = Cn* + Ch,a 


Further, if the salt NaHA is hydrolv/ed to a small extent only, Csa- mil 
be almost equal to c, the stoichiometric concentration of the salt With 
these expressions for ca and cha , together with the equations for h 
and lU, the dissociation functions of the first and second stages of the 
acid H"A, VIZ , 


CH*CnA 
ch a 


and 




Cu*ck 

CH-V 


it 15 readily po«:sible to denv e the result 


Ca* - 



( 30 ) 


1 Gnffith Trans Faraday Soc 17 o 2 j ( 1922 ) 
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If ki IS small in comparison wth the concentration, so that it may be 
neglected m the denommator, equation (30) reduces to the simple form 

ch = (31) 

pH =s JpAi (32) 

In this case, therefore, the pH of the solution is independent of the con- 
centration of the acid salt 

The difference bet^^een the results given by equations (30) and (31) 
increased with increasing dilution, as is to be expected If ki is less than 
about 0 01 c, however, the discrepancy a negligible 

Displacement of Hydrolytic Equilibnnm — )\T]en a salt is hydrolyzed, 
the equilibrium 

Unhydrolyzed salt -1- Water^Free acid + Free base 


13 always established , this ■equilibnuni can be displaced m either direction 
by altering the concentrations of the products of hydrolysis The addi 
tioa of either the free acid or the free base, for example, will increase the 
concentration of unhydrolyzed salt and so repress the hydrolysis, this 
fact 13 utilized in a method for investigating hydrolytic equilibria (p 383) 

If, on the other hand, the free acid or base is removed in some manner, 
the extent of hydrolysis of the salt must mcrease in order to maintam the 
hydrolytic equilibrium For example, if a solution of potassium cyanide 
18 heated or if a current of air is passed through it the hydrogen cyanide 
formed by hydrolysis can be volatilized, as it is removed, however, more 
IS regenerated by the continued hydrolysis of the pota^ium cyanide 
)Vhen a solution of feme chlonde is heated, the hydrogen chloride is 
remmed and hence the hydrolytic process contmues, the hydrated feme 
oxide which is formed remains in colloidal solution and imparts a dark 
brown color to the system 

Detennmation of Hydrolysis Constants • I Hydrogen Ion Methods — 
A number of methods of varymg degrees of accuracy have been proposed 
for the estimation of the degree of hydroljmis m salt solutions or of the 
hydrolysis constant of the salt One principle uhich can be used is to 
evaluate the hydrogen ion concentration of the solution, for a salt of a 
weak acid Ce* is equal to kjex, where c is the stoichiometric concentration 
of the salt, and hence it follows from equation (IG) that 


h = 


kl 

cCh* - 


CCh* 


(33) 


If Ce is known, the hydrolysis constant can be calculated For a salt 
of a weak base, on the other hand, cr*- is equal to cx, hence 


h 


ch ^ ^ 

< - Ch* c 


(34) 
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If the salt IS one of tno sided ^eakne^ the hydrogen ion concentration 
alone is insufficient to permit to be evaluated, it is necessary to know, 
m addition, la or h ’ 

The hydrogen ion concentration of a hydrolyzed salt solution can 
be determined by one of the e M p or indicator methods described m 
Ciiap X, it IS true that the results obtained m this manner are not 
actual concentrations, but in view of the approiomate nature of equations 
(33) and (34), the U ^ alues are appioxunate m any case 

n Conductance Method ^In a solution contammg c equi\ per hter 
of a salt of a neak base and a strong acid, for example, there ml] be 
present c(l - x) equu of unhydrolyzed salt and cx eqmv of both free 
acid and base If the base is \eiy neak, it may be regarded as com- 
pletely un ionized, and so it will contnbufce nothmg towards the total 
conductance of the solution of the salt The conductance of 1 equiv of 
a salt of a \ ery n eak base is tlius made up of the conductance of 1 - i 
eqmv of unhy drolyzed and x eqiui of free acid, i e , 

A-(l-i)Ac-f-jAEA (35) 

In this equation A is the apparent cqun alcnt conductance of the solution, 
which IS equal to 1000 »./c, where h is the obsened specific conductance 
and c is the stoichiometric concentration of the salt in the solution, A« is 
the hy pothctical equivalent conductance of the unhy droly zed salt, and 
Aha is the eqm\alent conductance of the free acid in the salt solution 
It follows from equation (35) that 


A - A, 
Aha — Ac 
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and so the calculation of x iniohcs a knowledge of A, A^a and Ac As 
mentioned abo\ e, A is dern cd from direct measurement of the specific 
conductance of the hy drofy zed saft solution, the value of Aha is” genera/fy 
taken as the equivalent conductance of the strong acid at infinite dilution, 
since its concent! ation is small, but it is probably more correct to use the 
equivalent conductance at the same total ionic strength as exists m the 
salt solution The method is, however, approximate only, and this re- 
finement IS hardly necessary 

The evaluation of Ac for the unhydrolyzed salt presents a special 
problem As already seen, the addition of excess of free base w ill repress 
the hydrolysis of the salt, and m the method employed sufficient of the 
almost non-conducting free base is added to the salt solution until the 
hydrolysis of the latter is almost zero For example, with amlme hydro- 
cUonde free anilme is added untal the conductance of the solution reaches 
a constant value, at this pomt hydrolysis is reduced to a negligible 

JBredig Z physik Chm 13 213 221 (1894), Kanolt J Am Chm Soc 29 1402 
(1907), Noyes Sosman and Kato Und 32 159 (1910), Kameyama Trans Ekcirochm 
Soc 40 131 (1921), Gulezian and Muller J Am Chem Soc 54, 3151 (1932) 
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nrnount Thp conductance o! the solution is Mitunlly that oi tho 
unhi droll 2 cd salt, and so i. can be calculated TJie data in Table 
L\\ II arc taken from the eork of Brcdij (1691) on a senes of solutions 


T4BL£ UVII 

HrpROLTSlS OP A^miNE BTDROCFLOniPE AT 18® FROM CO'mUCTAVCE 
MEASOIEUEVTS * J/j^ 

C 

V 

Ac 

X 


001503 

10G2 

960 

Dj9 0 03G 

21 

000781 

1137 

982 

081 0 055 

25 

000391 

1220 

1003 

1001 0 077 

2 5 

OOOlOo 

1318 

1015 

1014 0109 

26 

0 000977 

H-tO 

1033 

1035 0 147 

25 


• Hrctl ga mpasurement*! are not accurate because they were based on an incorrect 
conductance standard, the values of x and ki denved from them are, however not 


of aniline littlrocblorido of concentration c cqiitt per liter and obsmod 
cnunnlent conductance t the columna headed A[ and Aj' fiivc the raea-s 
ured equivalent conductances in tlic presence of \/64 and n/32, rcipcc 
tnclj, added free aniline Since the values in tlie two columns do not 
differ appreciabi), it h evident that n/W free aniline is sufficient to 
repress the hjdrol>sis of the aniline liydrochlondc almost to zero, hence 
either or ma) be taken as equal to the required \ aluc of A, Taking 
\i K for hjdrochlonc acid as 3S0 at 18®, the degree of hjdrol}sis x has 
been ralciilated in each c%<?c, from these the results for Ik m the last 
column has been denv cd The values arc seen to bo approximate!) con- 
stant at about 2 5 X 10'* 

Tor the salt of a weak acid, the method would be exactly similar to 
that dc^icnbcd above except that excess of the free acid would be added 
to repress h) drolygis Tlic equation for the degree of h) drolysis la then 

_ 

Amoo ~ At 

where Amor is the equivalent conductance of the strong base The con- 
ductance method has alio been used to sludj the hydrolysw of salts of 
weak, acids and bases, but the calculations involved are somewhat com- 
plicated 

The determinations of hjdrolvsis constants from conductance meas- 
urements cannot be regarded as accurate, the assumption has to be made 
that the added free acid or free base has a negligible conductance This 
tsrcasonablj satisfactory if the acid or base is ver) weak, eg, a phenol 
or an aniline derivative, but for somewhat stronger acids or bases, c g , 
acetic acid, an appreciable error would be introduced, it is sometimes 
possible, however, to make an aHowancefor the conductance of the added 
acid or base 
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m Distribution Method Another approximate method for study- 
ing hjdrolysLS is applicable if one constituent of the salt, generally the 
;\eak acid or base, is soluble m a liquid that is not miscible with watei, 
while the salt itself and the other constatucnt are not soluble m that 
liquid Considei, for example, the salt of a ivcak base, eg, aniline 
lijdrochlonde, the fiee base ^ soluble in benzene, in which it has a 
nonnal molecular n eight, iiheieas the salt and the fiee h}droch]onc acid 
are insoluble in benzene A definite i olurac («»i) of an aqueous solution 
ot the salt at a knoM n concentration (c) is shaken n itli a gii en volume 
{Vi) of benzene, and the amount of free aniline m the lattei is determined 
b} analj sis If m is the concentration m cqun pei liter of the aniline 
m benzene found m this mannei, then the concentration of free aniline 
in the aqueous solution (cb) should be m/D, where D is the "distnbution 
coefficient” of anilme between benzene and water, the value of D must 
be found by separate expenments on the manner m iihich pure amlme 
distnbutes itself between benzene and water, m the absence of salts, etc 
The amounts of free amhne m the benzene and aqueous laj ecs arc mvi 
and mvijD respectuely, hence, the amount of free acid in the aqueous 
solution, assuming none to have dissolved m the benzene, must be the 
sum of the'^e tu o quantities, i c , tncj + mvijD Since this amount is 
present m a lolume vi, it follows that the concentration of fiee acid in 
the aqueous solution (cn ) mvtjvi + m/D The concentration of un- 
hydrolj /ed salt (cbh*) is equal to the stoichiometric concentration (c) 
less the concentration of free acid, since the latter is equivalent to the 
salt that lias been hydiolyzed, hence, cbh* is equal to c - mvojvi - njD 
The results derived aboae may then be summanzed thus 


and 



and so it follows from equation (15) that 


li- 



(38) 


By determining m, therefore, aE the quantities required for the evalua- 
tion of ih by means of equation (38) aie aiailable, piovided D is known 

2 Tamer, J Chm Soc 19 863 (1901), TainKa' and Waiih ilnd,SS 1713 (1904), 
Williams and Soper tbid 2469 (1930) 



j 8G NEUTIIALII4TI0\ AND HYDIlOLySlS 

from scpvate eypenments The results in Table LX VIII, taken from 
the Mork of Farmer and ^\arth (19(H) illustrate the application of the 
method to the determination of the hydrolysis of aniline h>drochlondc, 
the non-aqueous soUent employed was benzene, for which I? is 10 l,and 
the volumes t?i and tj were 1000 cc and 59 cc , respectively The value 
of h IS ‘feen to be in satisfactory agreement with that obtained for amline 
hydrochloride by the conductance method (Table LWII) 


TABLE LXVIIl RYDROLTajS OF ANlLpiB HTPHOCHWHIDE FROM DISTRIBOTIOV 
UEASDBEUENTS 



m 

s 

II 

1»IS 

ev* 

CBII* 

hXltfi 

00997 

00124 

000123 

196 X lO"* 

00978 

24 

00314 

OOOC2S 

0 000622 

99X10‘ 

00304 

20 


The distribution method for studying hydrolysis can be applied to 
salts of a weak acid, provided a suitable solvent for the acid is available, 
the hjdrolysis constant is given by an equation identical with (38), 
except that m now represents the concentration of free acid in the non- 
aqueous liquid The same pnnciplc can be applied to the investigation 
of salts of two-sided weakness provided a solvent can be found which 
disaolv 03 either the w eak acid or the weak base but not both 

IV Vapor Pressure Method.^If the free weak acid or weak base w 
appreciabl) volatile, it is possible to determine its concentration or, more 
correctly its activity, from vapor pressure measurements In practice 
the actual vapor pressure is not measured, but the volatility of the sub- 
stance in the hydrol) zed salt solution is compared with that in a senes of 
solutions of known concentration In the case of an alkali cyanide, for 
example, the free hydrogen cyar 
V olatile A current of air is p 
cyanide solution and at exactly 

solution, the free acid vaporizing with the air in each case is then ab 
sorbed m a suitable reagent and the amounts are compared The con 
ccntration of the hydrogen cyanide solution is altered until one is found 
that vaponzes at the same rate as does the alkali cyanide solution It 
may be assumed that the concentrations, or really activities, of the free 
acid are the same m both solutions The concentration of free acid cra 
in the solution of the hydrolyzed salt of the vv eak acid may be put equal 
to cx (cf p 374) and hence £ and i:* can be calculated 

V. Dissociation Constant Method —All the methods described abov e 
give approximate values only of the so-callcd hydrolysis “constant' of 
the salt, the most accurate method for obtaining the true hydrolysis 
constant is to make use of the thermodynamic dissociation constants of 
the weak acid or base, or both, and the ionic product of water For this 

‘WorleyrtflZ J Chm S(k, IJI 1037 (1917), Trarn FcrcdanSoc, 20 602 (Ur’S), 
Bntton and Dodd, y Chm , 2332 (1931) 



STnO^G ACID AND STRONG BASE 


387 


purpose equations (3), (4) and (21) are employed The results denved 
m this maimer aie of couree, stnctly applicable to mfimte dilution, but 
allowance can be made for the mfluence of the lomc strength of the 
medium bj makmg use of the DebycrHuckel equations The methods 
I to IV are of interest, m so far as the) provide defimte experimental 
evidence for hjdroljsis, but thej would not be used m modem work 
unless it 11 ere not possible, for some reason or other, to determine the 
dissociation constant of the weak acid or base 

It IS of interest to note that some of the eailier measurements of Jh 
Here used, together with the known dissociation constant of the acid or 
base, to ei aluate for water For example A-a for aniline h) drochlonde 
has been found bj the conductance method (Table LXVII) to be about 
25 X 10-^, and /& for amhne is 40 X lO"*®, it follows, therefore, that 
k r nhich IS equal to /a/ a, should be about 1 0 X 10-^\ m agreement with 
the results recorded m Chap IX 

Neutralization Curves —The \ anation of the pH of a solution of acid 
or base duruig the course of neutiaUzation, and espectallj in the vicinitj 
of the equn alence point, i c , u hen equn alent amounts of acid and base 
are present, is of great practical importance m connection with analytical 
and other problems It is of course, feasible to measure the pH experi- 
mentally at 1 arious points of the neutralization process, but a theoretical 
study of the subject is possible and the results are of considerable interest 
For this purpose it is convenient to consider the behavior of different 
types of acid, viz , strong and weak, with different bases viz , strong and 
weak For the present the discussion will be restricted to neutralization 
mvolvmg a con% entional acid and base in aqueous solution, but it will be 
shown that the results can be extended to all forms of acids and bases 
m aqueous as well as non-aqueous solvents 

I, Strong Acid and Strong Base —The changes m hydrogen ion con- 
centration occumng w hen a strong base is added to a solution of a strong 
acid can be readily calculated, provided the acid may be assumed to be 
completely dissociated Tlie concentration of hydrogen ion (ch*) at an> 
mstant is then equal to the concentration of im neutralized strong acid 
at that mstant If o is the imtial concentration of the acid in equiv per 
hter, and h equiv per liter is the amount of base added at any instant, 
the concentration of un-neutralized acid is a - 5 equiv per liter, and 
this IS equal to the hydrogen ion concentration The results obtamed m 
this manner when 100 cc of 0 1 n hydrochlonc acid i e , a is 0 1 are 
titrated with 0 1 ts sodium hydroxide are given m Table LXIX In order 
to simplify the calculations it is assumed that the volume of the system 
remains constant at 100 ce , this sunphfication inv olves a slight error, but 
it will not affect the mam conclusions which wall be reached here The 
V alues of pH m the last column are denved from the approximate defini- 
tion of pH as - log Ch* 

When the solution contains equivalent amounts of acid and alkah 
the method of calculation given above fails, for a — 6 is then zero, the 
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table Lxrc 

NEtfTRALrZAT 0\ OF 100 CC 

0 1 N HCl BY 0 1 N 

NlOH 

NftOH 

added 

b 

CH* 

pH 

OOcc 

OOfl 

10 * 

19 

500 

005 

5X10-^ 

13 

900 

009 

10-^ 

29 

990 

0 099 

10-* 

39 

99 9 

00099 

10 ‘ 

40 

1000 

01000 

10-» 

79 

1001 

OlOOl 

10 “ 

100 


s}«item IS now, howc\cr, identical with one containing the neutral salt 
sodium chloride and so the \alue of ch* is 10 ^ g ion per liter and the 
pH IS 7 0 at ordinary temperatures If the addition of base is continued 
beyond the equivalence point, the solution will contain free alkali, the 
pH of the system can then be calculated by assumii^ that coh is equal 
to the concentration of the excess alkali and that the ionic product ch*Coh 
Is For example, in Table LXIX the addition of 100 1 cc of 0 1 n 
sodium hjdroxide means an tKCcss of 0 1 cc of 0 1 n alkali, i e , 10~* 
equiv m 100 cc of solution, the concentration of free alkali, and hence 
of hydroxjl ions, is thus IQ^ eqm\ per liter If Coh is lO'S it follows 
that Cjj* must be 10"^® and hence the solution has a pH of 10 0 

If the titration is carried out m the opposite direction, i e , the addi 
tion of strong acid to a solution of a strong base, the variation of pH 
may be calculated in a similar manner to that used above The hy- 
droxyl ion concentration is now taken as equal to the concentration of 
un-neutrali 2 ed base, i e , 6 - o, and the hydrogen ion concentration is 
then dern ed from the ionic product of water The results calculated for 
the neutralization of 100 cc of 0 1 n sodium hydroxide by 0 1 N hy- 
drochloric acid, the volume bemg assumed constant, are recorded m 
Table LXX 


TABLE LXX NEUrnALKAnoV or JOO cc or 0 1 N MlOK BY 0 1 N HCl 


nci 

added 

a 

COH" 

pH 

OOcc 

000 

10 ‘ 

13 0 

500 

OOj 

5X 10-* 

12 7 

900 

0 090 

10’^ 

120 

990 

0099 

10-* 

no 

999 

0 0999 

io-< 

100 

1000 

OlOOO 

10-^ 

70 

1001 

01001 

10 » 

40 


The data in Tables L\IX and L\X are plotted in Fig 101, m which 
curve I shows the variation of pH with the extent of neutralization of 
0 1 N solutions of strong acid and strong base, the two portions of the 
cun e may be regarded as parts of one continuous curv e representing the 
change of pH as a solution of a strong acid is titrated with a strong base 
until the system contains a large excess of the latter, or vice vem At- 
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tention may be called here to the sudden change of pH, from approM 
mately 4 to 10, as the equi\aJence-point, marked by an arrovr, is attained 
further reference to this subject will be made later ’ 



N«ulnlized Neotnked 

Tig 101 Neutralization of strong acid and 'rtrong base 


Similar calculations can be made and analogous pH neutralization 
curves can be plotted for solutions of strong acid and base at other con- 
centrations, curve II represents the results obtained for 10“^ k solutions 
The pH at the equu alence-point is, of course, mdependent of the con- 
centration, since the pH of the neutral salt is always 7 0 The change 
of pH at the equivalence-point m curve II is seen to be much less sharp, 
how ever, than is the case with the more concentrated solutions 

n. Weak Acid and Strong Base —The determination of the pH in 
the course of the neutralization of a weak acid is not so simple as for a 
strong acid, but the calculations can nevertheless be made with the aid 
of equations derived in Chap IX It was seen on page 323 that if a 
weak acid, whose initial concentration is a cquiv per liter, is partially 
neutralized by the addition of & equiv pei liter of base, the actmty of 
the hydrogen ions is given by 


„ a - B 7ha 


'Ik- 


( 39 ) 


which may be written in the loganthmic form 


B 


7a 
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neutralization and hydrolysis 


or, utilizing the Debye Huciel equations, 

pH == pA% + log ^Vy 4- Cy (41) 

The quantity B is defined m this case by 

B = fc 4- ch* - (‘OH j (42) 

using volume concentrations instead of molalities since this involves 
both Cfl* and coh j the latter being equivalent to Kjcn*, equation (39) 
and those derived from it are cubic equations in chS and an exact solution 
I? difficult The problem is therefore simplified by considering certain 
special cases 

If the pH of the solution lies between 4 and 10, i e , Ch* is between 
10^ and 10"^®, the quantity Cu* — ton m equation (42) is negligibly 
small, under these conditions B is equal to 6, and equation (41) becomes 

pH = pA'a + + Cfy (43) 

The partly-neutralized acid system is equivalent to a mixture of un 
neutralized acid and its salt, the conccntratiod of the former being o ^ 6 
and that of the latter 6, equation (43) can consequently be written as 

pH » pA'j-hlog^- iVp + Cy (44) 


This relationship, without the activity correction, is equivalent to one 
derived by L J Henderson (1908) and is generally known as the Hender- 
son equation The equation, omitting the activity terms, gives reason- 
ably good results for the pH dunng the neulrahzatjon of a weak base by 
a strong acid over a range of pH from 4 to 10, but it fails at the beginning 
and end of the process under these latter conditions the approximation 
of setting B equal to 6 is not justifiable 

For these extreme cases the general equations (39) to (41) are still 
applicable, and suitable approximations can be made in order to simplify 
the calculations At the very beginning of the titration, i e , when the 
weak acid is alone present, b is zero and since the solution is relatively 
acid Coh may be neglected, the quantity B is then equal to Cr*, and 
equation (39) becomes 


ch* = 


a — Cr* 
Ctt* 


ysA. 


If the solution has a sufficiently tow ionic sfrength for the activity co- 
efficients to be taken as unity, which is approximately true for the weak 
acid solution, this equation may be wntten in the form 



H5) 
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If Ch- or K IS smaU, that is for a veiy weak acid, these equations reduce to 

Ch+ = 

At the eqimalence pomt, which represents the other extreme of the 
titration, a and b are equaJ, and cb* may be neglected m comparison with 
coH , since the solution is alkalme owing to hydrolysis of the salt of the 
weak acid and strong base It is seen, from equation (42), therefore, 
that B IS now equivalent to c — cqh , and, neglectmg the activity coeffi- 
cients, equation (39) becomes 


Ch* 


K 


COH~ 
a — CoH 


This IS a quadratic m cnh since Con is equal to IJce*, and so it can be 
solved without difficulty, thus 



Since lu[2a is generally very small, it may usually be neglected and so 
this equation reduces to the form 



or 

pH = 2 P^^ + li)L + i log a, (47a) 

Mhich is identical, as it should be, with the approiomate equation (12c) 
for the hydrogen ion concentration m a solution of a salt of a weak acid 
and strong base, at the equivalence-pomt the acid-base system under 
consideration is, of course, equivalent to such a solution 

It IS thus possible to calculate the whole of the pH-neutralization 
cun e of a weak acid by a strong base equations (45) and (47) are used 
for the beginning and end, re^eetively, and equation (43), without the 
activity corrections, for the mtermediate pomts The pH values ob- 
tained m this manner for the titration of 100 cc of 0 1 n acetic acid, for 
w hich la IS taken on 1 75 X 10 S with 0 1 x sodium hydroxide are quoted 
m Table LXXI 

When the titration is earned out in the rei erse direction, i e , a strong 
base IS titrated with a weak acid, the pH changes in the early stages of 
neutralization are almost identical with those obtained when a strong 
acid IS employed It is true that the salt formed, being one of a weak 
acid and a strong base, is liable to hydrolyze, but as long as excess of the 
strong base is present this hydrolysis is quite negligible (cf p 382) The 
hydroxyl ion concentration is then equal to the stoichiometric concen- 
tration of un-neutralized base, i e , cqh is equal to 5 — a where 5 and a, 
are the concentrations of base and acid which make up the solution, ]ust 
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TiiBlX 1.TXT 

VECTRAUZATIOS 

or 100 cc 

OF 0 1 N ACETIC ACID BT 0 1 N ^AO^ 

StOll 

added 

t) 

a-o 


pH 

OOcc 

00 

010 

132x10-’ 

2S8 

100 

001 

009 

1 60 X 10-‘ 

380 

200 

002 

OOS 

C 93 X lO-’ 

416 

400 

ow 

OOO 

2 63 XJ0-* 

453 

jOO 

OOj 

00^ 

1 7a X 10 ‘ 

476 

700 

007 

003 

742 X 10-* 

513 

000 

009 

001 

1 9d X 10-* 

5 71 

990 

0099 

oool 

1 7o X 10 ^ 

676 

909 

00999 

OOOOl 

1 75 X I0-* 

776 

1000 

010 

— 

1 32 X 10-* 

883 


AS if the salt ^erc not liydrolyzed As the equivalencc-pomt is ap- 
preached closely, ho\\c\er the conccntntion of base is greatly reduced 
and ‘>0 tile h) drolj sis of the salt becomes appreciable The form of the 
pll cun 6 18 then determined by the fact that the hydrogen ion concen* 
tration at the equivalence point is P'cn by equation (47) 

The complete cur.e for the neutralization of 0 1 n acetic acid by 
0 1 N sodium hjdro^ide and vtce versa, is shown m Fig 102, 1, the ngbt- 



l^egtrtlufd KtitnlUcd 

Fia 102 Neutralization of weak (I) and very weak (II) acid by strong base 

hand side is almt^t identical \vith that of Fig 101, 1, for a strong base 
neutralized bj a strong acid It is obsened that in this instance there 
is aUo a rapid change of pH at tbo cqunalence pomt> but it is not bo 
marked as for a strong acid at the same concentration The equivalence- 
point itself, indicated by an arrow, now occurs at pH 8 88, the solution 
of sodium acetate being alkaline because of h) drolysis If a more diluto 
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acetic acid solution, e g , 0 01 n, is titrated with a strong base, the mam 
position oi the pH-neutralizatioii curve is not aSected, as may be seen 
from an examination of the Hendereon equation (44), the pH depends 
on the ratio of salt to un-neutralized acid, and this will be the same at a 
given stage of neutralization irrespective of the actual concentration 
When the ncutiahzation has occuned to the extent of 50 per cent, i e , 
at the midpoint of the cuive, the ratio of salt to acid is always unity, the 
pH IS then equal to pA-a for the given acid (cf p 325), and this does not 
change markedly with the concentration of the solution At the be- 
ginning and end of the neutralization, when the Ilendeison equation is 
not applicable, tbe pH’s given by equations (45) and (47), are seen to be 
dependent on the concentration, for OOIn acetic acid the values aie 
3 38 and 8 38, respectively, instead of 2 88 and 8 88 for the 0 1 n solution 
in Moderately Strong Acid and Strong Base —If the acid is a mod 
eratcly strong one, the pH may be less than 4 for an appreciable part of 
the early stages of the neutralization The quantity cu+ - coh which 
appears m the term B cannot then be neglected, but it is more accurate 
to neglect Cqh' only, so that B becomes b -j- cg*, under these conditions 
equation (39), neglecting activity coefi&cients, becomes 


cs* 


a- b-cn* 


(48) 


This IS a quadratic equation which can be readily solved for ch* The 
pH values for the beginning and end of the titration are derived from 
equations (45) and (47), as before The pH-neutrahzation curve for a 
moderately strong acid lies between that of a strong acid (Fig 101) and 
that of a weak acid (Fig 102) 

IV Very Weak Acid and Strong Base —For veiy weak acids, whose 
dissociation constants are less than about 10~*, or foi very dilute solu- 
tions, e g , more dilute than 0 001 N, of weak acids, the pH of the solution 
exceeds 10 before the equivalence point is reached It is then necessary 
to include Coh m B, althou^i Ca* can be neglected, equation (39) tbeu 
takes the form 


Ch^ 


a — 6 + Coh 

fco— 7 

0 — Coh 


a - 6 -b k„lcu* 


(49) 


This equation is also a quadratic m ch*, and so it can be solved and ch* 
evaluated The results for the neutralizabon of a 0 1 w solution of an 
' vf la equal to 10“® by a strong base are shown m Fig 102, II the 
^ ce-pomt, indicated by an arrow, occurs at a pH of 11 0 The 
the equivalence-point is seen to be small, and it is even less 
jre dill 'vsolutioia of the acid It has been calculated that 
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TABLE LXXI KTUTKiUIWlOV OP 100 CC Of 0 1 V ACETIC ACID BT 0 1 N KiOH 


NaOII 

added 

b 

0-6 

ca 

pH 

OOcc 

00 

010 

1 32 X 10^ 

2SS 

100 

001 

009 

leox 10 ‘ 

3S0 

200 

002 

003 

6 93 X 10 ‘ 

416 

400 

OW 

006 

2 63 x 10 ‘ 

45 s 

&00 

OOj 

OOj 

1 75 X 10 ‘ 

4 70 

700 

007 

006 

742 X 10'* 

513 

900 

000 

001 

1 9o X 10-< 

571 

990 

0099 

0001 

1 7o X 10 ’ 

670 

999 

00999 

00001 

1 75 X lO-* 

776 

1000 

010 

— 

1 32 X KT* 

88S 


as if the salt ^\cre not hydroljzed As the equivalcncc-pomt 13 ap- 
proached closely ho^c\cr the concentration of base is greatly reduced 
and so the hydrolysis of the salt becomes appreciable The form of tho 
pff eun e is then determined by the fact that the hydrogen ion concen- 
tration at the equivalencc-pomt is given by equation (47) 

The complete cune for the neutralisation of 0 1 n acetic acid by 
0 1 N sodium h} droxide and vice wrso, 13 shown in Fig 102, 1, the nght- 



Fio 102 Neutralization of weak (I) sod wiy weak (II) acid by etrong base 

hand side is almost identical with that of Fig 101, 1, for a strong base 
neutrahicd by a strong acid It la observed that in this instance there 
IS aUo a rapid change of pH at the equivalence po nt, but it is not so 
marked as for a strong acid at the same concentration The equivalence- 
point itself, indicated by an arrow now occurs at pH 8 88, the solution 
of sodium acetate being alkaline because of hydrolys 3 If a more dilute 
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acetic acid solution, e g , 0 01 is titrated with a strong base, the main 
position of the pH-neutralization curve is not affected, as ma} be seen 
from an examination of the Henderson equation (44), the pH depends 
on the ratio of salt to un-neutralized acid, and this will be the same at a 
given stage of neutralization irrespective of the actual concentration 
ViTien the neutralization has occurred to the extent of 50 per cent, i e , 
at the midpoint of the curve, the ratio of salt to acid is alv aj s unity, the 
pH IS then equal to pfca for tlie gi^en acid (cf p 325), and this does not 
change markedly with the concentration of the solution At the be- 
ginning and end of the neutralization, when the Henderson equation is 
not apphcable, the pH s, given by equations (45) and (47), are seen to be 
dependent on the concentration, for 001 n acetic acid the values are 
3 38 and 8 38, respectively, instead of 2 88 and 8 88 for the 0 1 n solution 
HI Moderately Strong Acid and Strong Base —If the acid is a mod- 
erately strong one, the pH may be le«s than 4 for an appreciable part of 
the early stages of the neutralization The quantity ch+ - coa v hich 
appears m the term B cannot then be neglect^, but it is more accurate 
to neglect cqh only, so that B becomes h -}- ch*, under these conditions 
equation (39), neglecting activity coeflScients, becomes 


cr* 


a-b-CR* 
^ 6 + ch‘ 


(48) 


This IS a quadratic equation which can be readily soh ed for ch* The 
pH values for the begmmng and end of the titration are den\ ed from 
equations (45) and (47), as before The pH neutralization cur\e for a 
moderately stiong acid lies between that of a strong acid (Fig 101) and 
that of a weak acid (Fig 102) 

IV Very Weak Acid and Strong Base —For very weak acids, vhose 
dissociation constants are less than about 10“’’, or for very dilute solu- 
tions, e g , more dilute than 0 001 n, of weak acids, the pH of the solution 
exceeds 10 before the equivalence-point is reached It is then nece«sary 
to mclude coh' m B, although Cr* can be neglected, equation (39) then 
takes the form 


a — b -f Cqh 

Ch* = ha — r ;; 

0 — Con 

j c — 6 -{- kufca 
“ b ~ knelcn* 


(49) 


This equation is also a quadratic m ch*, and so it can be solved and ch* 
evaluated The results foi the neutralization of a 0 1 n solution of an 
acid of La equal to 10"® by a strong base are shorni m Fig 102, II the 
equivalence point, mdicated by an arrow, occum at a pH of 11 0 The 
inflexion at the equivalence pomt is seen to be small, and it is e\ en less 
marked for more dilute solutions of the acid It has been calculated that 
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if akc 13 less than about 27 / » there is no appreciable change in the slope 
of the pH-neutfahzation cun e as the equivalence-point is attained 
V Weak Base and Strong Acid —The equations applicable to the 
neutralization of weak bases are similar to those for n eak acids the only 
alterations neccssar> are that the terms for !!■*■ and OH are exchanged, 
a and 6 arc interchanged and U replaces The appropriate form of 
equation (39), \fhich is fundamental to the whole subject, is 

oon « Ki ^ t ( 60 ) 

o 7bh* 

where B is now defined by 

B ^ fl -f COH “ Ch* 

The Henderson equation, omitting the activity correction, can be written 
as 

pOH = + loer— ’ 

b — a 
or 

rtTr ... salt 

pOII-pl. + loE5^, 

salt 

pH - pL - pOH - pU - - log (51) 

This equation is applicable over the same pH range as before, viz , 4 to 
10, outside this range coa may be neglected in more acid solutions, while 
cu* can be ignored in more alkaline solutions At the extremes of the 
neutralization, i e for the pure base and the salt, respfictiiely, the pH 
values can be obtained by making the appropriate simplifications of 
equation (50) , alternatively, they may be derived from considerations of 
the dissociation of the base and of the hydrolyzed salt (cf p 390) 

A little consideration will show that the pll neutralization curves for 
weak bases are exactly analogous to those for weak acids, except that 
they appear at the top nght-hand corner of the diagram, w ith the mid- 
point, at pH 7, as a center of symmetry The w eaker the base and tho 
Ic'ss concentrated the solution, the smaller is the change of potential at 
the equualence-point, just as m the neutralization of a t'eak base 
VL Weak Acid and Weak Base— The exact treatment of the neu 
tralization of a weak acid by a weak base is somewhat complicated, it is 
analogous to that for the hydrol>sis of ft salt of a weak acid and weak 
base to which brief reference was made on page 381 The result is an 
equation of the fourth order in and so cannot be soh cd easily The 
course of the pH-ncutralization cune can, however, be obtained, with 
sufficient accuracy for most purpose by the use of approximate equa- 
tions For the pure weak acid, the pH is given bj equation (45) and 
the \alucs up to about 90 per cent neutralization arc obtained bj the 
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same equations as were used for the titration of a weak acid by a strong 
base, as long as there is at least 10 per cent of free excess acid the effect 
of hydrolysis is neghgible The pH at the equivalence-point is dem cd 
from equation (29), based on considerations of the hydrolysis of a salt of 
a weak acid and weak base The complete treatment of the region 
between 90 and 100 per cent neutralization is somewhat complicated, 
but the general form of the curve can be obtained without difficulty by 
joining the available points The variation of the pH m the neutraliza- 
tion of a weak base by a weak amd is derived m an analogous manner, 
up to about 90 per cent neutralization the behavior is virtually identical 



PeT cent Acid Fee cent Bm 

^eutTall2ed 

Fig 103 NcutnUization of acetic acid by ammonia 

with that obtained for a strong acid The complete pH neutralization 
curve for a 0 1 N solution of acetic acid and 0 1 n ammonia, for which 
la and kb are both taken to be equal to 1 75 X 10 ^ is shown m Fig 103, 
the change of pH is seen, to be very gradual throughout the neutralization 
and IS not very marked at the equivalence pomt 

Displacement Reactions —In a displacement reaction a strong acid, 
or strong base, displaces a weak acid, or ueak base, respectively, from 
one of its salts, an instance which will be considered is the displacement 
of acetic acid from sodium acetate by hydrochlonc acid Since this 
process is the opposite of flie neutralization of acetic acid by sodium 
hydroxide, the variation of pH duni^ the displacement reaction will be 
practically identical with that for the neutralization, except that it is in 
the reverse direction In this particular case, therefore, the pH cun e 
IS represented by Fig 102, 1, startmg from the midpomt, which represents 
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sodium acetate, and finishing at the left-hand end, representing an equiva- 
lent amount of free acetic acid It is evident that there is no sharp 
change of potential when the equivalence point is attained On the 
^ ’ '•‘I''-* s titrated 

II, also 
marked 

inflexion is noi\ obsen ed at the equivalence point, i e , at the extreme 
left of the figure 

The foregoing conclusions are m complete harmony ivith the con- 
cept of acids and bases developed m Chap IX and of neutralization, 
in its videst sense to Vihich reference was made at the beginning of the 
present chapter The reaction between sodium acetate and hydrochloric 
acid 1 e , 

(Na+}Ac- -h mnCl ) = HAc + HiO -f (jVa+Ci-), 

Base Acid Actd Base 

13 reallj the neutralization of the acetate ion base by a strong acid It 
isas seen on page 338 that the dissociation constant of a conjugate base, 
such as Ac”, IS equal to ivhere is the dissociation constant of the 
acid HAc, m this case kc is 1 75 X 10^ and since L is 10"“, it follows 
that ki for the acetate ion base is about 5 7 X I0"^“ This represents a 
rclatnely ivcak base and its neutralization ivould not be expected to be 
marked by a sharp pH inflexion, this is m agreement with the result 
derived previously If the acid is a very weak one, however, the con- 
jugate base 18 relatively strong, for example, if kt is 10"* then kt for the 
anion base is 10"’ The displacement reaction, which is effectively the 
neutralization of the anion base by a strong acid, should therefore be 
nccompamed by a change of pH similar to that observed m the neutrali- 
zation of ammonia by a strong acid 

The arguments given above may be applied equally to the displace- 
/liGut of a Heak base such ss ammoma or an amine, from a soJudwn of 
its salt, e g , ammonium chlonde, by means of a strong base If the 
amine IlNHj has a dissociation constant of about lO"*, its conjugate acid 
RNH^ will be extremely weak, since ka will be 10 “/lO"*, i e , lO"’, and 
the equii alence point of the dit.placemcnt titration will not bo marked 
by an appreciable inflexion On the other hand, if the base is a very 
weak one, such as aniline (A» equal to 10"“), the conjugate amlinium 
ion acid mil be moderately strong, kt about 10"^, and the equivalence- 
point will be associated with a definite pH change It follows, therefore, 
that only with salts of very weak acids or bases is there any considerable 
inflexion m the pH curve at the theoretical end-pomt of the displacement 
reaction 

Neutralization m Nou-Aqueous Media — As already seen, the mag- 
nitude of the inflexion in a pH-neutrahzation curve depends on the dis 
sociation constant of the acid or base being neutralized, concentration 
13 also important, but for the purposes of the present discussion this will 
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be assumed to be constant Another important factor, winch is less 
evident at fii^t sight, is the magmtode of bu.; an evammation of the 
equations dem ed m the prenous sections shows that the value of 
does not affect the pH during the neutralization of an acid, but it has 
an important influence at the equivalence point A decrea'^e of /n? will 
result m a decrease of h} drogen ion concentration, i e , the pH is in- 
creased, at the equiv alence point "ffhen a base is being neutrahzed, the 
1 alue of IS important, as may be deduced from equation (51) , a de 
crease of i e , an increase of p/ will be aecompamed by a corre- 
sponding mcrease of pH It may be concluded, therefore, that if the 
ionic product of water is decreas^ in some manner, the acid and base 
paits of the neutralization cune are draira apart and the inflexion at 
the equivalence-pomt is more marhed The two results derived aboie 
may be combmed m tbe statement that the smaller Ijl, where I is the 
dissociation constant of tbe acid or base, the greater will be the change 
of pH as the equii alenee-pomt of a neutralization is approached The 
quantity kvik is the hj drol} sis constant of the salt formed m the reaction, 
hence, as may be expected, the smaller the evtent of h} drol> sis the more 
distinct IS the pH inflexion at tbe end-point of the neutralization There 
are thus two possibihties for mcrcasmg tbe sharpness of the approach to 
the cqmvalence-point, either U mav be decreased, i\hile la ox As is 
approximately unchanged, or oi kb may be increased The same 
general conclusions will, of course, be applicable to anj other amphi- 
piotic solvent, the quantity being replaced the corresponding lonio 
product 

For cation acids, e g , KH? or RNHf , or for anion bases, e g , GHjCOj, 
the dissociation constants in ethyl alcohol are onlj «ilightly less than in 
water (cf p 333), but the lomc product is diminished by a factor of 
approximately 10® It is clear, therefore, from the arguments given 
sb{?}g ihsi cSsuph eiwged ^.cids and bases will be much 

more complete in alcohohe solution than in water The equivalence- 
points in the neutrahzation of the anions of acids and of the cations of 
substituted ammonium salts m alcohol hav e consequent!} been found to 
be aecompamed by more marked mflexions than are obtamed m aqueous 
solution 

The dissociation constants of unchaiged acids and bases are dimm- 
ished m the presence of alcohol, and smee tbe lomc product of the solvent 
IS decreased to a somewhat similar extent, the inflexion at the eqmvalence- 
pomt for these substances is similar to that m water 

It w as seen on page 371 that lyolj sis could be avoided and neutraliza- 
tion made more complete when a weak base vv as neutrahzed m a strongly 
protogenic medium, such as acetic acid The use of a solvent with a 
marked proton donating tendenc) is, effectively, to incrca‘=c the dis- 
sociation constant of the weak ba^e, hence a sharper change of pH is to 
be expected at the equivalence-point m a strongly protogemc solvent than 
m water This aigument apphes to ba'^es of all types, i e , charged or 
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uncharged, and the experimental results have been shown to be in ac- 

the 
the 
icet- 

oxime by perchloric acid m acetic 
acid solution ^ In aqueous solu 
tions these bases would show no 
detectable change of pH at the 
equivalence point In order to 
increase the magnitude of the 
inflexion m the neutralization of 
a very weak acid it would be nec- 
essary to employ a strongly pro- 
tophiJiC laediiim, such as liquid 
ammonia, or one ha\ mg no proto 
genic properties, c g , acetonitrile 
Neutralization of Mixture of 
Two Monobasic Acids —An ex- 
pression for the variation of the 
pH dunng the whole course of 
the neutralization of a mixttire of 
two monobasic acids by a strong 
base can be derived, but as it is 
somewhat complicated, siinpliS 
cations are made vihich are ap- 
plicable to certain specific condition^ Let oi and on be the initial con- 
centrations of the ti\o acids HAi and HAn, whose dissociation constants 
are h and kn, suppose that at a certain stage of the neutralization a 
concentration 6 of strong base SIOH has been added to the mixture of 
acids If the salts formed when the acids are neutralized are completely 
dissociated, then at any instant 



Aiia 

Fio 104 Neutralualioa of very weak 
bilges a glacial acetic acid solution 


and 


Ul = CuAi + Ci", 
On = Cha^ + CAfl, 


(52) 

(53) 


where cha represents in each case the concentration of un neutralized 
acid while ca is that of the neutralized acid, the total adding up to the 
initial acid concentration Since the solution must be electrically neu- 
tral the sum of the positive charges must equal that of the negative 
charges le, 

Cm* + Ck* * ca, + Cau + Cofl- (54) 


The salts MAi and l\IAir are completely dissociated and so may be 

‘Hall and Werner, J Am Chm See 50 2367 (1928), HaU Ckem lim 8, 191 
(1931), see also Nadeau and Branchen, / Am CTcti Soc 57, 1303 (1935) 
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identified ivitli 6, the conccatration of added base, fur&er, eNcept towards 
the end of the neutralization, con may be neglected, and so equation (54) 
becomes 

b + cr = cij + ca„ (55) 

The approximate dissociation constants of the tno acids are giien by 


/a = - 


and la 


'-tlA-II 

and if these expressions together with equations (52) and (53) are used 
to eliminate the concentration terms im oKung Af, AS, as well as HAi and 
HAn, from (55), the result is 


c * ~ ^ fln^n 

Ch* + h Ce* + In 


(56) 


Tins IS a cubic equation which can be solved to give the value of the 
hydrogen ion concentration at any point of the titration of the mixture 
of acids 

A special case of interest is that ansmg when the amount of base 
added is equivalent to the concentration of the stronger of the two acids, 
eg, BAi, under these conditions b may be replaced by ai, and if all 
terms of the third order m equation (56) are neglected, since they are 
likely to be small, it is found that 

Click* -f Aji(fli - au)cH* — flnkikii ® 0 

If flr and an are not great!} different and In is small, the second term on 
the left-hand side in this equation can be omitted, bo that 



pH = Ivh + 2p/n + 3 log “ I If’g (58) 

This relationship giv es the pH at the theoretical first equivalence-point 
m the neutralization of a mixture of two monobasic acids If the two 
acids hav e the same imtiai concentration, i e , gi is equal to on, then 
equation (57) for the first eqmvalence point becomes 

Ce* ~ Vki/nj 

pH = Ipki + Ipkn (50) 

The pH at the equiv alence-pomt for the acid HAi m the absence of 
HAn IS given by equation (12) as 

pH= 5 pU+ipki-^^logai, ( 61 ) 

and comparison of this with the value for the mixture at the first equiva- 
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lence-point, the latter bemp designated by (pH)».» sho^^s that m the 
general case 

pH - (pH), = - iplti -h j log an (62) 


Since pin is generallj lo^a than the quantitj pH - (pH), is posi- 
tne, the pH at the first efiui\*ilence-pomt of a mixture is thus less 
than that for the stronger acid alone This result indicates a flattening 
of the pH cur\ e m the \ucinity of the first equivalence-pomt, the extent 
of the flattening being, according to equation (62), more marked the 
smaller pin, i e , the stronger the aad HAn, and the greater its concen- 
tration If the acid HAn is \ery nenk or its concentration small, or 
both, the flattemng at the first equualenee-pomt inll be negligible, and 
the neutralization cune of the mutture will differ little from that of the 


single acid HAi 

Equations for the \ anation of pH during the course of neutralization 
beyond the first equnalence-point, similar to those alread} given, could 
be dem ed if necessary, but for most requirements a simpler treatment 
of the whole neutralization cunc is adequate At the \er 5 commence- 
ment of the titration the pH is little different from that of the solu 
tion of the stronger acid, and during the earlj stages of neutralization 
the pH IS close to that vvhich would be given b> this acid alone In 
the vicinitj of the first eqmvalence-point deviations occur, but these 
can be inferred witli sufficient accuracj from the pH at that point, as 
given by equations (58) or (60) At a short distance be}ond the first 
eqiivalence-pomt the pH is close to that for the neutralization of the 
«!ccond acid alone, the pH at the final equivalence-poml is the same as 
that of the salt NaAn and is coosequenU) given by equation (12) A 
satisfactorj idea of the com- 
plete neutralization cun e can 
thus be obtamed b} plotting 
the Curves for the two acids 
separate!} side by side, the 
cune for the stronger acid 
(HAi) being at the left, the 
two curves are then joined by 
a tangent (Fig 105} The re- 
gion between the two curves 
may be fixed more exactl} 
by making use of equation 
(h) Or (GO) for the first equiv a- 
lence-pomt The figure shows 
clearly that if the weaker acid 
HAn IS moderatel} weak, as at 11a, the inflexion at the first equiv a- 
lence-pomt will bs negligible, but if it is very weak, as at IIb, the 
mflenon will not differ appreciably from that given by the acid HAi 
alone A decrease m the concentratioo of HAn makes the pH higher 



KeobiLutipBof HA| Keqtnlizabo&ofHAn 

Fig lOd Neatraluationofiaixtureofaoda 
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at tile begiRRing of the IIAn cun e and so increases the inflexion to some 
extent, in agreement nith the conclusion already reached If HAi is a 
stiong acid, eg, hjdrochlonc acid, and IRu is a neak acid, the pH 
follows that for the neutralization of tiie strong acid alone almost exactly 
up to the first equu alence-point 

Neutralization of Dibasic Acid by a Strong Base —If the first stage 
of the dissociation of the dibasic aad coriesponds to that of a strong acid 
\\ hile the second is relatively weak, e g , chromic acid, the system behaves 
nrtually as two sepaiate acids The first stage is neutralized as a normal 
strong acid, then the second stage becomes neutralized independently 
as a weak acid When both stages are relativelj weak, howex er, there 
is some interference between them, and the variation of pH during the 
course of neutralization may be calculated by means of equations de- 
nved m Chap IX 

For the present purpose, equation (34), page 326, for the hydrogen 
ion activity of a solution of a dibasic acid, of initial concentration a moles 
per liter, to w bch has been added a concentration of b equiv per hter 
of strong base, may be ivntten as 


The activity coefficients have been omitted and the approximate func- 
tions h and fcj, for the two stages of dissociation of the dibasic acid, haie 
replaced the corresponding thermodjnamic constants The quantity B 
IS defined as 

B = b -f- Ce* — CoH , 


and insertion of this value in equation (63) gives a quartic equation for 
CH^ which can be solved if necessary For a considerable range of the 
neutralization it is possible to neglect coh m the expression for B, and 
so the equation reduces to a cubic 

At the first equivalence pomt, a is equal to b and if con is neglected, 
as just suggested, it follows from equation (63) that 


0 i.ik*(fl ~ ChO 
^ + ft + Ch*^ 


(64) 


Since Cs^ is gencrallj small m comparison with a, this equation reduces to 


jj klfcjtt 
~ 7 I * 

ki-T a 


(05) 


which IS identical, as it should be, with equation (30), for at the first 
eqmvalence-pomt m the neutralization of the dibasic acid HR the system 
is identical with a solution of NaHA If is small, equation (65) be 
comes, as before, 


Cn* = ■' A-ik?, 
pH = 


( 66 ) 
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hoi^ ever, cn* way be ignored and the corresponding equations can be 
denved 

The form of the pll neutralization cunc for a dibasic acid can bo 
represented in an adequate manner by the method used for a mixture of 
acids, the curves for the ti\o stages arc drawn side by side, from the 
mdiMdual dissociation constants ki and kt treated separatel}, and then 
joined bj a tangent The general conclusions drawn concerning the 
inflexion at the first equivalcnce-pointarc similar to those for a mixture 
of acids, the essential requirement for a dibasic acid to show an appre- 
ciabJe inflexion at the first cquivalcnce-pomt is that ki/kt should bo large 
Under these conditions the indixidual plUncutralization cuncs for the 
two stages of the dibasic acids are rclatucb far apart and the tangent 
joining them approaches a \crtical direction 

Distribution of Strong Base between the Stages of a Dibasic Acid — 
Dunng the course of neutralization of a dibasic acid, the sjstcm will con- 
sist of undissociatcd molecules lIjA and of the ions HA* and A"", the 
fraction of the total present as IIA* ions, i c , oj, is then 


Cl 


Cm 

Cii,\ + Ciu + Ca • 


while that present as A ions, i c , m, is 


ca 

Qj IS — — ~ 

CUjA + CfU + Ca 

Since the HA" ions arise almost entirely * • 

to bo sodium hydroxide, while tlic A" 

I t 


(67) 


(08) 


and 


ki Ca 


I 



i+— 


( 69 ) 


(70) 


It 13 thug possible, by means of equations (69) and (70), to esaluale the 
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fractions of HA" and of A present at anj pH for a gi^ en dibasic acid, 
provided fci and Iz are koo'wn As is to be expected, the fraction present 
as HA", 1 e , ai, increases at first as neutralization proceeds, the value 
then reaches a maAimum and falls off to zero iihcn both stages of the 
acid are completely neutralized The fra«tion of A — , on the other hand, 
increases slowly at first and then more rapidlj^ and finally approaches 
unity when neutralization is complete and the system consists entirely of 
Na^A Many interesting conclusions can be drawn from the cunes for 
diffeient values of k and k eonceramg the pH at which the second stage 
neutralization becomes appreciablo, and so on, tiie mam results have, 
however, already been obtamed from a consideration of the pH neutrali- 
zation curves ® 

The point at which the fraction oi attains a manmum can be derived 
by writing l/on by means of equation (89) as 


ai 


li Cb* 


differentiating with respect to cb thus 



and equating to zero, smee 1/ai must be a mmimum when ai is a maxi- 
mum It follows, therefore, that 


i- A 

ki ~ ca* 

Cd* = Viiij, (71) 

under these conditions According to equation (66) this is, approxi- 
mately, the hydrogen ion concentration at the first equiva'ience-point, 
hence the fraction of the total acid in flic form of HA" ions is greatest 
at this point 

Neutralization of Polybasic Acids and Mixtures of Acids —The treat- 
ment of a system consisting of a tnbasic or higher acid, or of a mixture 
of three or more simple acids is compheated, but the general nature of 
the results can be obtained in flie manner already desenbed The 
pH-neutralization cun e for the whole system is obtained with a fair 
degree of accuracy by drawing the sqiatate curves for the individual 
stages of neutralization of the 3X)lybasic acid, or for the individual acids 
in a mixture of acids, in the Older of decreasing dissociation constants, 
and eonnectmg them by means of tangents in the usual way The pH’s 
at the various equn alence points can be fixed by using a relationship 
similar to equation (66) , the pH at the nth equivalence-pomt, i e , when 
^ Michaelis, Hydrogen Ion Ooncttitration,” translated by Perlzweig, 1926, p 55 
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sufficient strong base has been added to neutralize the first n stages, or 
n acids, is given by 

(72) 

where pit, and pkn+i are the dissociation exponents for the nth and 
(n 4- I)th stages, respectively, of a polybasic acid, or of the nth and 
(n + l)th acids m a mixture arranged m order of decreasing strength 
Another useful method for conadenng the neutralization of polybasic 
acids or mixtures of acids, which avoids the necessity of plotting curves, 
IS the following In general, when an acid is neutralized to the extent 
of 0 1 per cent, i e , salt/acid is 1/999, the pH, according to the approxi 
mate Henderson equation, is 

pH = pL + log yh 
pk^ — 3 

It follows, therefore, that m a polybasic acid system, or m a mixture of 


socidtion of the {n + l)th stage or acid, at this point the pH-neutraliza 
tion curve for the mixture will commence to diverge from that of the 
preiious stage of neutralization Similarly, when an acid is 99 9 per cent 
neutralized, 

pH = pfc, + Iog^ 

pAra + 3 

The neutralization of any stage may, therefore, be regarded as approxi- 
mately complete when the pH of the system is equal to pAn + 3, where 
pA„ IS the dissociation exponent for the nth stage of a polybasic acid or 
for the nth acid m a mixture If this pH is less than pA^+i - 3, the 
neutralization of the nth stage will be substantially complete before that 
of the (n + l)th stage commences, if this condition holds, i e , if pA„+i - 3 
> pA, + 3, the neutralization of the weaker acid, or stage, wnll have no 
appreciable effect on that of the stronger It is seen, therefore, that if 
pA„+i — pA„ IS greater than 6, or A,/A,+i is greater than 10®, the pH- 
neutrahzation cun e for the mixture will show no appreciable divergence, 
at the nth equivalence-point, from that of the nth acid alone The 
mflexion at the nth equivalence point will then be as definite as for the 
single nth acid If pAyi+i ^ pA* is less than 6 the neutralization of the 
(n -f- IJth acid, or stage, commences before that of the nth acid is com- 
plete, and the result will be a flattening of the pH-curve at the nth 
equivalence point, if UK+i is less than 16, there is no detectable in- 
flexion in the pH neutralization cune 

Potentiometnc Titrations ’ — ^The general conclusions drawn from the 
treatment m the foregoing sections provide the basis for potentiometnc, 

’ See general references to potentiometnc Utratio&s on page 256 
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as ■n ell as ordmar} \ olumetne, titratjons of acids and bases The poten- 
tial E of an 3 form of hydrogen electrode, measured agamst anj con- 
\ ement reference electrode, is rdated to the pH of the solution b} the 
general equation 

E — Ent +-^pH, 

or, at ordmary temperatures, i e , about 22*’, 

E = E„i -}- 0 059 pH, 

ivhere Es^! is a constant It is appaient, therefore, that the cun es rep- 
resenting the \ anation of pH durmg neutralization are identical m form 
with those giiong the change of h) drogen electrode potential It should 
thus be possible to determine the end-point of an acid base titration b} 
measurmg the potential of anj com ement form of hj drogen electrode 
at various pomts and findmg the amount of Utrant at which the potential 
undergoes a sharp mflexion The uuderljmg pnnciple of the poten- 
tiometnc titration of a neutralization process is thus fundamentally the 
same as that mvoh ed in precipitation (p 256) and o\ndation-rcduction 
titrations (p 285) The position of the end-point is found either by 
graphical determination of the \oIuinc of titrant correspondmg to the 
maximum 'i alue of AEl^v, where AE is the change of b} drogen electrode 
potential resulting from tlie addition of Ap of titrant, or it can be deter 
mined bj a suitable adaptation of the pnnciple of difierential titration 
The appaiatus descnbed on page 261 (Fig 77) can, of course, be em- 
ployed without modification witli glass or qumhydrone electrodes, if 
hydrogen gas electiodes are used, howe\ er, the electrodes are of platinized 
platmum and the hydrogen must be used for operating the gas-lift, the 
stream being shut off before each addition of titrant so as to avoid 
mixmg An} form of h} drogen electrode can be used for carrymg out a 
potcntiomctnc neutralization titration, and men o\}gen gas and air 
electrodes haie been emplo}ed, smce all that is icquired to be known 
IS the point at v Inch the potential undergoes a rapid change, the irre 
versibilit} of these electrodes is not a senous disadi antage Potentio- 
metnc determinations of the end-pomt of neutialization reactions can be 
earned out with colored solutions, and often solutions that are too 
dilute to be titrated m an} other manner 

The accurac} with which the end point cm be e'^timated obnousl} 
depends on the magnitude of the mflexion in the h} drogen potential- 
neutialization cune at the eqm\aIence-point, and this depends on the 
di'^soeiation constant of the acid and base, and on the concentration of 
the solution, as already seen When a strong acid is titrated wth a 
strong base, the change of potential at the equnalence-pomt is large, 
eien vith relatively dilute solutions (ef Fig 101), and the end-pomt 
can be obtamed accuralel}^ If a wcaL acid and a strong base, or vice 
v ersa, are emplo} ed the end-pomt is general!} ‘:atisfactor\ provided the 
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solutions are not too dilute or the acid or base too weak (cf Fig 102, 1), 
jf c 13 the concentration of the titrated solution and l<, or h the dissocia- 
tion constant of the ueak acid or base being titrated, by a strong base 
or acid, respecti^ ely, then an appreciable break occurs in the neutraliza- 
tion cur\e at the end-pomt provided ckt or ch i3 greater than lO'® 
Titrations can be earned out potentioraetncally even if da or dt is less 
than 10 *, but the results are less accurate (cf Fig 102, II) The poten- 
tiometnc titration of ;ery weak bases can, of course, be earned out 
satisfactonly in a strongly protogemc medium (cf Rg 104) ^Tien a 
iveak acid and weak base are titrated against one another the change of 
pH at the end-pomt is never very marked (Fig 103), but if potential 
measurements are made carefully, an accuracy of about 1 per cent may 
be obtained with 0 1 n solutions by determining graphically the position 
at which A^/At) is a ma'^imum The principles outlined above apply, 
of course, to displacement reactions which arc to be regarded as involving 
neutralization in its undest sense Such titrations can be performed 
accurately in aqueous solution if the acid or base that is being displaced 
13 \ery weak, in other cases satisfactory end points may be obtained in 
alcoholic solution 

The separate acids in a mixture of acids, or bases, can often be titrated 
potentioraetncally, provided there is an appreciable difference m their 
strengths this condition is realized if one of the acids is strung, e g , a 
mineral acid, and the other is weak, e g , an organic acid It has been 
seen that if the ratio of the dissociation constants of two acids exceeds 
about 10®, the weaker does not interfere with the neutrabzation of the 
stronger acid in the mixture, this conclusion does not take into account 
the influence of differences of concentration, and it is more correct to say 
that CiAi/fnAir should be greater than 10* where Ci and ki are the concen- 
tration and dissociation constant of one acid and ch and ku that of the 
other If this condition is combined with that previously given for 
obtaining a satisfactory end point with a single acid, the following con- 
clusions may be draiin if ciii and Cokn both exceed 10"* and cihlcnhi 
IS greater than 20*, accurate titration of the separate acids in the mixture 
is possible If cdilcnkii is leas than 10* the first equiv alencc-point cannot 
be very accurate even if cik\ is greater than 10’*, but an accuracy of 
about 1 per cent can be achieved by careful titration even if Cikijcukn js 
as low as 10^ Wlien the first equivalence point is not detectable, the 
second equivalence point, representing neutralization of both acids, may 
still be obtained provided exceeds 10~* The general relationship 
applicable to mixtures of acids can be extended to polybasic acids, al- 
though m the latter case ci and cii are equal • 

In the titration of a strong acid and a strong base the equivalence- 
point corresponds exactly to the point on the pH-neutrabzation curve, 
or the potential-titration curve, at which the slope is a maximum This 

•Nojes / Am Chm Soc,i2 815 (1910), see also Tiiard and Boeree J Cftm 
Soe, 121 132 (1922), Kolthoffaod Faman “Ii^catora 192G p 121 
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IS not strictly true, however, m the case of the neutralization of a weak 
acid or a weak base, if {ch*)p is the hvdrogen ion concentration at the 
potentiometnc end-point, i e , where A6?/At> is a masimuni, and (ch+), is 
the value at the theoretical, or stoiduometne, equivalence point, it can 
be shown that 



Provided ala is greater than 10"*, which is the condition for a satisfactory 
point of inflexion m the titration cun e, the ratio of the two hj drogcn 
ion concentrations dificrs from umtj by about one part m 700 , this w ould 
be equii alent to a potential difference of 0 016 miJJu olt and hence is well 
inthin the hmite of experimental error 

Neutralization Titrations with Indicators —Since, as seen on page 362, 
an acid-hase indicator changes color withm. a range of approximately one 
unit of pH on either side of a pH \alue equal to the mdicator exponent 
(p^ia)» such mdicators are frequently used to deterrome the end pomts 
of neutralization titrations * The choice of the indicator for a particular 
titration can best be determined from an exammation of the pH neutrali- 
zation cun e Before proceedmg to consider this aspect of the problem 
it IS useful to define the titMhon exponent (plr) of an mdicator, this is 
the pH of a solution at which the mdicator shows the color usually 
associated with the end-pomt when that indicator is emplo}ed m a 
neutralization titration It is the general practice m such work to titrate 
from the lighter to the darker color, e g , colorless to pmk vnth phenol- 
phthalem and yellow to red witli methji orange, as a general rule a 
20 per cent conversion is necessaiy before the color change can be defi 
mtely detected visually, and so if the darker colored form is the one 
existmg m alkaline solution, it follows from the simple Henderson equa- 
timCaf p 390) that 

20 

pH = pkr = pkm + log ^ 

= pkia - 0 6 

This approximate relationship between the titration exponent and pLin 
IS applicable to phenolphthalem and to many of the sulfonephthalem 
mdicators mtroduced by Clark and Lubs (see Table LXIV, page 364) 
If tbe darker color is obtained m amd solution, as is tbe ease with methyl 
orange and methyl red, then ifc is approximately true that 

80 

pH = pir = pli. + log^ 

— ptin ■{■0 6 

Tne results quoted m Table LXXII giie the titration exponents ba=ed 
’ Kolthoff and Furman, ‘ Indicatois " 1926 Chap IV 
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TABLE liJOCn TITRATION EWNINTS OP tJSSPtJL INDICATORS 


Indicator 

pkr 

End point Color 

Bromphenol blue 

4 

Purpl -sh green 

Methyl orange 

4 

Orange 

Methyl red 

& 

Yellowish red 

Bromcreiol purple 

6 

Purplish green 

Bromthymol blue 

68 

Gieen 

Phenol red 

75 

Rose-red 

Cresol red 

8 

Red 

Thymol blue 

88 

Blue- violet 

Phenolphthalem 

9 

Pale rose 

Thymolphthalein 

10 

Pale blue 


on actual expenraental obsesrvations togethef v, ith practical mtormationj 
for a number of indicators which may be useful for neutralization titra- 
tions, they cover the pif range of from about 4 to 10, since titration 
indicators are seldom employed outside this range 

In order that a particular indicator may be of use for a given acid- 
hase titration, it la necessary that its exponent should correspond to a 
pH on the almost vertical portion of the pH-neutralization curve When 
' ' ’ pll changes rapidb , and 

r change The choice of 
of Fig 106 m which the 
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are arranged at t 
The positions of 

zation are marked by arrows The curves Ia, IIa and IIIa show pH 
changes dunng the course of neutralization of 0 1 n solutions of a strong 
ac d, a normally weak acid {k, - 10 *) and a very weak acid (A;, = lO"*), 
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respectively , curves Ib, IIb and Ills refer to 0 1 n solutions of a strong 
base, a normally v eak base (/ & = 1(H) aad a reiy t\ eak base (k « 10'^), 
respectivelv The complete htrabon cune for an} particular acid and 
base IS obtained bj joining the appiopnate individual cun es 

lu the titration of 0 1 n strong acid by 0 1 n strong base (cunc 
I 'I-Ib), the pH of the solution undeigoes a i eiy sharp change from pH 4 
to pH 10 mthiii 0 1 per cent of the equivalence point (see Table LXIX) , 
any indicator changing coloi m this range can, therefore, be used to give 
a reliable indication when the end-pomt is reaclmd Consequently, both 
phenolphthalein, pbr equal to % and methyl orange, pbr equal to 4, may 
be employed to give almost identical results m this particular titration 
If the solutions are diluted to 001 n, however, the change of pH at the 
equivalence point is less sharp, viz , from 5 to 9, methyl orange will, 
therefore, undergo its color change before the end-pomt is attained, and 
the titration value would consequently be somewhat too low When a 
0 1 N solution of an acid of ha equal to 10^ is titrated with a strong base, 
the equivalence point is at pH 9, and there is a fairly sharp increase from 
pH 8 to 10 (curve IIa-Ib) of the common indicators phenolphtbalein is 
the only one that is satisfactory The le«s familmr cresolpbthalein or 
thymol blue (second range) could also be used Anv indicator having a 
titration exponent below 8 is, of course, quite unsatisfactory In the 
titration of 0 1 N base of U equal to KH, the equivalence-pomt is at 
pH 5, and the change of potential between pH 4 to 6 is rapid (curve 
Ia-IIb) Methyl orange is frequently used for such titrations, c g , 
ammonia with hydroclilonc acid, but it is obvious that the results cannot 
be too reliable, especially if the solutions are more dilute than 0 1 n, 
methjl led IS a better indicator for a base u hose dissociation constant is 
about 10~® 

It will be evident that if the indicator color is to change shaipl} at 
the required end point, the pH-neutralization chin e must rise rapidly at 
this point li this curve is not almost vertical, the pH. changes s^ow'iy 
and the indicator will show a gradual transition fiom one color to the 
othei, under these conditions, even if the correct indicator has been 
chosen, it will be impossible to detect the end-pomt with any degree of 
accuracy In genet^, the condition, requi<ate for the accurate estima- 
tion of a potentiometnc end-pomt, i e , that da or ch should exceed 10"®, 
IS also applicable to titration with an indicator, if d is less than this 
value, the results are liable to be m error They can, however, be im- 
proved by using a suitable mdic^r and titrating to the pH of the 
theoretical equn alecce-pomt by means of a comparison flask containing 
a solution of the salt formed at the end pomt, together with the same 
amount of indicator This procedure my be adopted if it is necessatj 
to titrate a very weak acid or base (curve IIIa-Ib and Ia-IIIb) or a 
moderately weak aad by a weak base (curve IIa IIb) , in none of these 
instances is there a sharp elmuge of pH at the equivalence-point 
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Displacement reactions may be treated as ncutmlizatJons from the 
standpoint of tlie forofioiog discussioQ If the acid or ba^e displaced is 
moderately weak, ie,kgQth is abont 10“*, the displacement reaction is 
equivalent to the neutral zation of a vciy weak base or acid, with k or 
ha equal to 10 *, rcspectivdy, no indicator js likely to give a satbfactory 
end point in aqueous solution, although one may possibly be obtained 
m an alcoholic medium (cf p 396) If the acid or base being displaced 
IS \ ery weak, e g , carbonic acid from a carbonate or bone acid from a 
borate, there is a marked pH inflexion at tlic equivalence-pomt which can 
be detected with fair accurac> by means of an indicator 

The problem of the detection of the various equivalence-points in a 
mixture of acids of different concentrations or in a solution of a polybasic 
acid 13 essentially the same as that already discussed on page 406 m 
connection iiith potentioraetnc titration, and need not be treated further 
here Where the conditions are sucli that the determination of an accu- 
rate end-pomt appears feasible tlie appropriate indicator is the one whose 
pkjB value lies close to the pH at the required equivalencc-pomt 
^Buffer Solutions —It is cxidcnt from i consideration of pH neutrali- 
zation curves that there are wme solutions m which the addition of a 
small amount of acid or base produces a marked change of pH, whereas 
in others the corresponding change is very small A sjstem of tbo latter 
type, generally consisting of a mixture of approximately similar amounts 
of a conjugate weak acid and base, is said to be a buffer solution, the 
resistance to change m the hydrogen ion concentration on the addition 
of acid or alkali is knmvn as buffer action Tlie magnitude of the buffer 
action of a gnen solution is determined by its buffer capacity, “ it is 
measured by the amount of strong base required to produce unit change 
of pH in the solution, thus 

Buffer capacity (fl) rr 

An indication of the buffer capacity of any acid-base system can thus be 
obtained directly from the pH-neulralization curve, if the curve is flat, 
d(pHj/db 19 obviously small and the buffer capacity, which is the recipro 
cal of this slope, is large An examination of curves Ia and Is Fig 
106 shows that a rdativelv concentrated solution of strong acid or base 
IS a buffer m regions of low or high pH, respectively A solution of 
a weak acid or a weak base alone is not a good buffer, but when an appre 
ciable amount of salt is present, i e , towards the middle of the individual 
neutralization curves IIa, IIIa, IIb or IUb, the buffer capacity cf the 
system is very inarked As the equivalence point is approached the pH 
changes rapidly and so the buffer capacity of the salt solution is small 
If the acid or base is very weak or if both are moderately weak the slope 

“van Slyke J Biol Ckm,^, 525 (1922), Kilpi Z phytikal Chem, 17}, 22^ 
( 1935 ) 
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of the pH curve at the equn aJence point is not very great and hence the 
corresponding salts have moderate bufEer capacity 

The buffer action of a solution of a weak acid {HA) and its salt (Ai, 
I e , its conjugate base, is explained by the fact that the added hydrogen 
ions are “neutralized ’ by the amons of the salt acting as a base, thus 

HiO+ + A- = HiO + HA, 

whereas added hydioxyl ions are remoied by the neutralization 
OH- + HA - HsO + A- 


Accoedmg to the Henderson equation the pH of the solution is deter- 
mined by the logarithm of the ratio of the concentrations of salt to acid, 
if this ratio is of tlie order of unity, it will not be greatly changed by the 
lemoval of A or HA m one or other of these neutralizations, and so its 
logarithm will be hardly affected The pH of the solution will conse 
quently not alter very greatly, and the will exert buffer action 
If the buffer is a mixture of a weak base (B) and its salt i e , its conjugate 
acid (BE+'), the corresponding equations are 


and 


H,0^ + B = H 2 O + BH+ 
OH- + BH+ = HiO + B 


In this case the pH depends on the loganthm of the ratio of B to BIi+, 
and this ivill not be changed to any great extent if the buffer contains the 
weak base and its salt m approximately equivalent amounts 

By the treatment on page 323, the initial concentration of acid, 
a moles per hter, is equal, at any instant, to the sum of the concentrations 
of HA and A“, 1 0 , 

a = Cax + Ca (73) 


and according to the condition for electneal neutrality 

6 -f- Cfl* = ca 4- coh , (74) 

where h is the concentiation of base added at that instant, since the salt 
MA is completely dissociated the concentration of hi'*' ions, cm has 
been replaced by & in equation (74) Wntmg la for the dissociation 
function of the acid, in the usual mwiner, 


CbJl 

and utilizing the value of cha as o - ca given by equation (73), it is 
found that 

ale 

^ I-a -|- Ch 

Substitution of this expiession for ca , aud lafcn foi coh , m equation 
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(74), yield? the result 


+ Cfl* 

Remembenng that pH is defined for present purposes, as — log ch*, 
differentiation of this equation with respect to pH gives the buffer 
capacity of the system, thus 


dh 

" d(pH) = 


2303 


QKcCh* 
(I* + Cfl*)* 


+ Ch* *}- 


chV 


(75) 


In the effective buffer region the buffer capacity is determined almost 
exclusively by the first term in the brackets, hence, neglecting the other 
terms, it follons that 


The quantity a represents the total concentrat on of free acid and salt, 
and so the buffer capacity is proportional to the total concentration of 
the solution 

To find the pH at which is a maximum this expression should be 
differentiated inth respect to pH and the result equated to zero, thus 


JL 

d(pH)^ 

” Oil' 


=» (2 m)H , ' 


(77) 


It follows, therefore, that the buffer capacity is a maximum when the 
hydrogen ion concentration of the buffer solution is equal to the dis 
sociation constant of the acid This condition, i e , pH is equal to pka, 
anses when the solution contains equivalent amounts of the acid and 
It? salt^ SDih. a ayateto, which, corcespoods to tha middln of fM naultali* 
zation curve of the acid, has the maximum buffer capacity The actual 
value of /3 at this point is found by inserting the condition given by (77) 
mto equation (7G), the result is 


2303 

0a\t ~ 4 


(7S) 


and so it is independent of the actual dissociation constant Exactly 
analogous results can, of course, be deduced for buffer systems consisting 
of weak bases and their ’ ' ' ’ them 

as invohmg the cation The 

conclusions reached abo nstant 

/a refers to that of the acid and is equal to Klh, where ^4 is that 
of the base B 

Buffer Capacity of Water.— According to equation (74), the condition 
for electrical neutrality, when a strong base of concentration 5 has been 
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added to vjater or to a solutioa contauung a strong acid HA, is 
& = Ca “■ CB* + CoH 
= Cl — Cr+ + Lalcz*, 

and differentiation with respect to pH, le , - log Ch+, gives the buS 
capacity o of vrater as 



= 2 303(c]U 4* coH*) (7 

It should he noted that the further addition of liase does not affect t 
concentration of A and so its derivative with respect to pH is ze: 
The buffer capacity of ivater, as given b}-- equation (79), is neghgil 
between pH values of 24 and U 6, but m more strongly acid, or m( 
strongly alkaline, solutions the buffer capacity of “water” ig evideu 
quite considerable This conclusion is in harmony with the fact that 1 
pH neutralization curve of a strong acid or strong base js relatn ely i 
m its early stages 

Preparation of Buffer Solutions —The buffer capacity of a given ac 
base system is a maximum, accordmg to equation (77), when there ; 
present equivalent amounts of acid and salt, the hydrogen ion conc' 
tration is then equal to U and the pH is equal to pL,, If the ratio 
acid to salt is increased or decreased ten-fold, i e , to 10 1 or 1 10, 
hydrogen ion concentration is then lOA^a or 0 lls, and the pH is pft# ■ 
or + 1, respectively If these values for cr are mserted m equat 
(76), it IS found that the buffer capacity is then 



which IS only about one third of the value at the mavnnum If the 
lies within the range of pta — 1 to pi« + 1 the buffer capacity is apj 
Giable, but outside this range it falls off to such an extent as to bi 
relative!} httlevalue Itfollows, therefore, thatagivenacidbasebu 
system has useful buffer action m a range of one pH umt on either ; 
of the p/.a of the acid Bi order to cox er the whole range of pH, say f: 
2 4 to 1 1 6 , 1 e , between the range of strong acids and bases, it is necess 
to hax e a senes of w eak acids whose pU values differ by not more t 
2 units 

To make a buffer solution of a given pH, it is first necessary to cb( 
an acid with a pl-o value as near as possible to the required pH, so a 
obtain the maximum buffer capacity The actual ratio of acid to 
necessary can then be found from toe simple Henderson equation 

salt 
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provided the pH lies nithm the ropgo of 4 to 10 If the required pH is 
than 4 or greater than 10, it is neoc^ary to use the appropriate form 
of equation (40), where B is defined by (42) Sometimes a buffer solu 
tion IS made up of two salts representing different stages of neutralization 
of a polybasic acid, e g , NaHjP 04 and NajHPOi, m this case the former 
provides the acid HjPOr while the latter is the corresponding salt, or 
conjugate base HPO 4 - 

In view of the importance of buffer mixtures m various aspects of 
scientific work a number of auch solutiotis have been made up and their 
pH values carefully checked by direct experiment with the hydrogen gas 
electrode By following the directions given m each case a solution of 
any desired pH can he prepared with rapditj and precision A few of 
the mixtures studied, and Ihcir effective ranges, are recorded m Table 
XXTIII, ” for further details the onginaJ literature or special mono- 
graphs should be consulted 


TaSIE Uttiil JOPFEn SOLCTlONa 


CoifipsB lion 

lUife 

CoopKit on 


Hydrochloric aCid and 

Potass un chloride 

10-22 

Potassium dihydrogenpfio?ph8te 
and Sodium hydroxide 

£8-80 

Glyrine and HydrcchJorjcaad 

10-37 

Bone acid and Bomx 

58- 92 

Potassium acid phthabte and 
Hydrochloric acid 1 

22-331 

Diethylterbitunc acid and 

70- 92 

dodium pbenylacetata and 
Phenylaestic acid 

32-19 

Borax and Hydrochloric 

76 02 

guecinic acid and 

Borax 

30-38 

Bone acid and 

Sodium hydroxide 

78-100 

Acetic acid and 

1 

Glycine and 


Sodium acetate 

,3756 

Sodium hydroxide 

82 101 

Potass uifl acid phthalate and 
Sodium hydroxide 

404)2 

Borax and 

Sodium hydroxide 

92-110 

Disodmm hydrogen citrate and 
Sodium hydroxide 

50-63 

Disodium hydrogen phosphate 
and Sodmm hydroxide 

U 0-12 0 


Each buffer system is generally applicable over a hmited range, viz , 
about 2 units of pH, but by making suitable mixtures of acids and acid 
salts, whose pia values d ffer from one another by 2 units or less, it is 
possible to prepare a universal buffer mixture, by adding a pre-deter- 
mined amount of alkali, a buffer solution of any desired pH from 2 to 
12 can be obtained An e^mplc of this type of mixture is a system of 
citnc acid, diethylbarbitune acid (venmal), bone acid and potassium 
dihydrogen phosphate, this is virtually a s}’stem of seven acids whose 
eiponente are given below 

“ For details concerning the pwpartition of buffer solutions see Clark ' The Div 
termination of Hydrogen Ions,” 192S Chap DC, Bntton ' Hydrogen Ions ’ 1932 
Chap XI, IfoJthoff and Eosenbluin, 'Aad Base Indicators," 1937, Chap VIII 
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Citncacid Citricacid Qtncaad HiPOr Veronal Boncacid HPO," 
Ist stage 2nd stage 3rdsta^ 

pA^ 3 06 4 74 5 40 7 21 743 9 24 1232 

Apart from the last two acids, the successive pla values differ by less 
than 2 units, and so the system, when appropriately neutralized, is 
capable of exhibiting appreciable buffer capacity over a range of from 
pH 2 to 12 

Influence of Ionic Strength —In the discussion so fai the activity 
factor has been omitted from the Henderson equation, and so the resulfe 
may be regarded as applicable to dilute solutions only Further, the 
pH values recorded in the literature foi given buffer solutions apply to 
systems of exactly the concentiations employed m the expenments, if 
the solution is diluted or if a neutral salt is added, the pH will change 
because of the alteration of the activity coefficients which are neglected 
m the simple Henderson equation In order to make allowance foi 
changes m the ionic strength of the medium, and of the accompanying 
changes m the activity coefficients, it is converaent to use the complete 
form of the Henderson equation with the activity coefficients expressed 
in terms of the ionic strength by means of the Debye-Huckel relation- 
ship, as shown on page 326, this may be wntten as 

pH = j>K, + log - (2n - l)il + C\>, (81) 

vhere pi?n is the exponent foi the nth stage of ionization of the acid, 
and B has the same signiBcance as before [cf equation (42)] If the 
pH lies between 4 and 10, the fraction B/(c - B) may be replaced bj 
the latio of “salt" to “acid,” as on p^e 390 For a monobasic acid, 
e g , acetic or boric acid, n is unity, and equation (81) reduces to equation 
(41), but if the acid has a bgher basicity, the result is somewhat different 
For example, if the buffer consists of KII»P04 and NasHPO^, the con- 
centration of “acid,” ] e , HjPOF, may be put equal to that of KH2PO4, 
iihile that of its “salt” is equal to the concentration of NaiHPO^, the 
dissociation constant of tlie acid HjPOr is that for the second stage of 
phosphoric acid, 1 e , X;, and n is equal to 2, equation (81) thus becomes, 
m this particular case, 

pll = pjfi + log - 31%^ + Cv 

The value of A is known to be 0 509 at 25“ (cf p 146), but that of C 
must be determined by experiment, to do this two or more measurements 
of the pH are made m solutions containing a constant ratio of “acid” 
to “ salt ” at different ionic strengths Once C is knoivn, an interpolation 
formula is available which permits the pH to be calculated at any desired 
lomc strength 

1 - Colic elal,J Avi Chm Soc, 49, 173 (1927), SO, 696 (1928), Green, ihd, 5S, 
2331 (1933) 
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It can be readily seen from equation (81) that the effect of loiuc 
strength is greater the higher the basicity of the "acid' constituent of 
the buffer solution 

The effect of varying the ionic strength of a buffer solution of con- 
stant composition may be expressed quantitatnely by differentiating 
equation (81) with respect to thus 

^ = - (2n - IM + IC'li 

It follows therefore that a change m the lomc strength, resulting from 
a change in the concentration of the buffer solution or from the addition 
of neutral salts, results m a greater change m the pH the higher the value 
of n, 1 e , the higher the stage of dissociation of the acid whose salts con- 
stitute the buffer system The change of pH may be positive or nega- 
tive, depending on the conditions 

PKOBLBMS 

1 Calculate the degree of hydrolysis and pH of (i) 0 01 n sodium formate 
(ii) 0 1 N sodium phenoxide (m) N ammomum chlondr, and (iv) 0 01 n aniline 
hydrochloride at 25® The follonmg dissoc ation constant? may bo employed 
formic acid, 1 77 X 10 phenol, 1 20 X 10‘”, ammonia, 1 8 X 10“*, aniline, 
4 00 X 10‘« 

2 If equivalent amounts of aniline and phenol are mixed, what propor- 
tion, approximately, of salt fornution may eirpectcd jn aqueous eolation? 
What would be the pH of the resulting mixture? 

3 A 0 046 N solution of the potassium salt of a weak monobas c acid was 
found to have a pH of 9 07 at 25®, calculate the hydrolysis constant and degree 
of hydrolysis of the salt, in the given solution, and the dissociation constant 
of the acid 

4 It was found by Willianis and Soper Ch^m Soe 24G9 (1930)] that 
when 1 liter of a solution containing 0 03086 mole of o-nitrwnlme and 0 05040 
mole of hydrochloric acid was shaken with 60 cc of heptane until equilibrium 
was established at 25® that 50 cc of the heptane layer contained 0 0989 g 
of the free base The distribution coefficient of o-nitraniline between heptane 
and water is 1 790 Detemurc the bydrolysi? constant of the amine hydro- 
chlondo 

5 The equivalent conductance of a 0 025 N solution of sodium hydroxide 
was found by Kameyama [Trow EUelrothem Soc, 40, 131 (1921)] to be 
228 4 ohms * cm * The addition of various amounts of cyanaroide to the 
solution, 80 that the molecular ratio of cyanamide to sodium hydroxide was z, 
gave the following equivalent conductances 

X 10 15 20 40 

A 10„8 014 W1 933 

Calculate the hydrolysis constant of sodiom cyanamide, NaHC^l 

“Morton J Chm Soc, 1401 ( 1028 ), s« alw, KollhoIT and Rownblum 'Acid 
Base lodicators ’ 1937 p 269 
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AMPHOTERIC ELECTROLYTES 

Dipolar Ions — The term ‘amphotenc* is applied to all substances 
which are capable of exhibiting both acidic and basic functions* among 
these must, therefore, be included water, alcohols and other amphiprotic 
solvents and a number of metallic hydroxides e g , lead and aluminiira 
hydroxdes In these compounds it is generally the same groip, viz, 
“ OH, which IS responsible for the acidic and basic properties, the dis- 
cussion in the present chapter will, however be devoted to those ampho- 
teric electrolytes, or ampholytes, that contain separate acidic and basic 
groups The most familiar examples of this type of ampholyte are pro- 
vided by the ammo acids, which may be represented by the general 
formula NHjRCOiH Until relatively recent times these substances 
were usually regarded as having this particular structure in the neutral 
state, and it was assumed that addition of acid resulted in the neutrali- 
zation of the - NHj group, viz , 

NHjRCOaH + H, 0 + +NH,RC 02 H f H2O, 
whereas a strong base was believed to react with the - CO2H group, \iz 
NHiRC02H + oh - NHfRCOr + H 2 O 

It has been long realized, however, that 10 add tion to the uncharged 
molecules NHjRCOiH a solution of an ammo acid might contain mole- 
cules carrying a positive charge at one end and a negative charge at the 
other, thus constituting an electrically neutral system, viz , ■^NHjRCOj 
These particles have been variously called zwittenoas, 1 e , hermaphro- 
dite (or hybrid) ions, amphions, ampholyte ions dual ions and dipolar 
10ns The existence of these dual ions was postulated by Kustcr ( 1897 ) 
to explain the behavior of methyl orange which in its neutral form, is an 
anuno-sulfonic acid, but their importance in connection with ampbolytic 
equilibna in amino-carboxylic acids was not clearly realized The sug- 
gestion was made by Bjemim ' however, that nearlj the whole of a 
neutral aliphatic anuijo acid is present in solution in the form of the 
dipolar ion, and that reaction with acids and bases is of a different type 
from that represented above A solution of glycine, for example, 1 e , 
NH2 CHjCO»H, is compared with one of ammonium acetate, if a strong 
acid IS added to the latter, the reaction k! with the basic CHjCOF ion 
and CH3CO2H 13 formed, but a strong base reacts with the acidic NHt 

* Bjemirn Z physth Chm 104 417 (19^) see also Adams J Am Ckm Soc , 
38 1S03 (1916) 
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ion to yield NHs In the same way, the addition of strong acid to gl} erne, 
consisting mainly of the dual ions ■'■NBjCHjCOj, results in the reaction 

-i-NH^CHsCOa- + H,0+ = +KH,CH:C02H + H^O, 
w hile reaction with alkali is 

+NH5CH«C02 + OH- = NHjCHjCOr + HjO 

The products are, of course, the same as in the alternatn e representa- 
tion, since there is no doubt that in acid solution the ammo acid forms 
■'■N^CH 2 C 02 H ions iihile m alkaline solution the anions NH 2 CH-CO" 
are formed It should be noted, howeier, that the groups exhibiirng the 
aeidie and b^ic functions are the reverse of those accepted m the ongmal 
treatment of ammo acids, the basic property of the ampholyte is due to 
the — COS' group whereas the acidic property is that of the — NH^ 
group 

Evidence for the Existence of Dipolar Ions —The evidence for the 
presence of large proportions of dipolar ions in solutions of ahphatic 
ammo-acids is a eiy convincmg Accordmg to the older treatment the 
dissociation constants of the - NH 2 and - CO 2 H groups were ex- 
tremely small, Mz , about 10"* to 10"'^ such Ion ^alues were difficult to 
understand if they referred to these particular groups, but they are not 
at all unexpected if they really apply, as just suggested, to the conjugate 
groups - NHt" and - CO 2 , respectively The ammomum ion acids, 
e g , RNH^, and amon bases, e g , RCOr, are known, from the facts 
mentioned in pievious chapters, to have very low dissociation constants 
In changing from water to a medium of louer dielectnc constat, such 
as ethyl alcohol, the dissociation constants of cation acids and of amon 
bases are not affected appreciably, although the values for carboxylic 
acids are greatly decreased and those of amines are diminished to a lesser 
extent (cf p 333) It is therefore significant that the acidic and basic 
dissociation constants of ahphatic ammo acids, as determined from pH 
measurements in the course of neutiahzation by alkali and acid, respec- 
tively (see Chap IX), are apparently slightly larger m ethyl alcohol than 
m water It is e^adent that the groups bemg neutralized cannot be 
- COzH and — NH 2 , but arc probably — NH^ and - COf, respectively 
Further, if the neutral amiuo-acid has the structure NH»RC02H, it is 
to be expected that the basic dissociation constant would be almost the 
same as that of the corresponding methyl ester HH->RC 02 Me, actually 
the two values aie of an entirely different order, and hence it appears 
that the basic groups are not the same m the acid and the ester 

The addition of formaldehyde to an aqueous solution of an ammo- 
acid results m no change m the cun e showing the vanation of pH m the 
course of the neutralization by acid, but that for the neutralization by 
alkah is shifted m the direction of mcreased acid strength, as shown m 
Fig 107 It IS knoMTi that the formaldehyde reacts with the ammo- 
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portion of tlio amino-nnd, and it w ctidcnl!} tlin pirt of the molecule 
tthich IS nciitraliml bj the alkali The ncidic portion of tlie clectneally 
neutral ampliol) tc miiH con«tquentI> be the - Nil Rroiip * 

Important CMdcncc for llie dual wn stnicturc of aliphatic ammo* 
aeids ll^s been proiidcd !)> a studj of their Ilamnn ppectra, in thcpo 
Hptctra each group, or, more exactly, each typo of linkage, exhibits a 
characlcnstic line U has been 
found that riciitra! amno-scKU 
do not f^lion the lino nlncli is 
clianctcnstic of the carlwxjlic 
Rcid group in aqueous solution, 
and eo tlio former presumably do 
not posMHs this group \\hcn 
alkali IS added loan ortlitnry ear- 
Iwty lie acid, e g , arctic acid the 
chanelenstic line of the -COiII 
group disappears, but it appears 
alien a strong acid is added to an 
an«no-acidw)lution Tbiaisatnk- 
ing cMdence for the argument that 
the bisic function of the latter » 
exerend 1>> t)ic - COj" group, for 
tin. ndthlion of acid would con« 
\crt this into *- CO}H in harmony with the findings from tiio Haman 
Hpcctro Similarh , free amines ha\p a cliaractcnslic Ilaman line which 
IS absent from the spcclnirn of an aliphatic nmino-acid the hn'' appears, 
lioncAcr, when (he latter is ncutralircd by alkali, implying that reac- 
tion takes place with the - Nil}’ group * 

There are fic^c^al other propertus of mninrKicids winch are in agree- 
ment with the dipolar-ion type of structure these arc the lugit melting 
fwmt, the sparing soluhility in nicol ol and aeclonc, and incrc^std solu- 
bility in tlie presence of neutral halt*, all of winch arc properties associated 
With ionized Fub>tanccs Txammihon of crystals of glycine by the 
method of X-ra\ diffraction imJiealcs that the substance has the struc- 
ture ■’■NHiCIIjCOr in the solid state Tlic high dielectric constants of 
aqueous solutions of aliphatic amino-nculs lead to the condiiMon that the 
molecules ha\c aery large dipole moments, such large a ah es can only 
be explained by the presence willim the molecule of unit charges of 
opposite sign separated by several atomic diameters, as would bo ex- 
pected for dipolar ions * 

Attention sJ ould be called to the fact that the arguments gnen nbo; c 
apply primarily to aliphatic ammo-acids, it js true that aromatic amino- 

* Hams IJtochm J 2A KKO ItWJ (1930) 

•Cikill J Chm rhyi A J (I93f),5 22' (IM7) 

^ For BUmmanM of cMilenw w R cliardson, Proc JIqj ‘'oc IISB )2l (1034), 
iNeuberRpr.iirtJ, 1I5B 150(1031) 
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sulfonic acids also exist largely m the duakon form, but ammo benzoic 
acids and ammo-phenols consist almost exclusively of neutral, uncharged 
molecules m aqueous solutions The properties of these substances are 
quite different from those of the ahphatac acids 

Dissociation Constants of Amino-Acids —A very considerable simpli- 
fication m the treatment of ammo-acids can be achieved by regarding 
them as dibasic acids Consder, for example, the hydrochlonde of 
glycine, i e , Ch +NH3CHjC02H, when this is neutralized by an alkali 
hydroxide, theie are two stages of the leaction, corresponding m pnnciple 
to the two stages of neutialization of a dibasic acid, thus 

(1) +ffH3CH2C02H -b OH' = +NH3 CHjC0^ + H^O 

and 

( 2 ) +NH 3 CH 2 COr + OH' = NH^CHsCOj + HjO 

The two acidic groups are - CO:H and - NH^, and since tlie former is 
undoubtedly the stronger of the two, it will be neutralized first 

It will be noted tliat the fiist stage produces the so-called neutral 
form of the ammo acid which, in this instance, consists almost exclusively 
of the dual-ion form If, m the most general case, the dipolar ion, i e , 
+NH3RCOr, 18 represented by RH*, the positive ion existing m acid 
solution, 1 c , +NH3RCO2H, by RHJ, and the negative ion piesent in 
alkaline solution, i e , KH»RC02 , by R', the two stages of ionization of 
the dibasic acid •'■NH3RCO2H may be wntten as 

(1) RHt + Hj0;=^H30+ + EH^ 
and 

(2) RH* + H:05eH,0+4-R' 

In the first stage the dissociation of +NHJRCO2H is that of the carboxylic 
acid, while in the second stage the ammonium ion acid dissociates 
Applying the law of mass action to tliese ionization equihbna, the dis- 
sociation constants of the two stages are 

Hi = and Ki = > (1) 

tlRHf CrH* 

lespcctively 

The values of these dissociation constant may be determmed by 
means of cells v ithout liquid junction m a manner similar to that de- 
senbed m Ciiap IX ^ For the first stage the acid is the hydrochloride 
Cl" +NH3RCOiH, 1C, RHtCl“ and the corresponding “salt” is the 
electrically neutral form +NH3RCO2 , 1 e , RH*, and so the appropnate 
cell without liquid junction is 

H2(1 atm ) I RHjCI'W RH^W AgCl(s) I Ag 

^ Nims and Smith J Biol dm, 101 401 (1933), Owen, Am Ckem iSofl., S6, 
24 (1934), Smith Taylor and Smith, / Btd Ckem, 122 109 (1937) 
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The E II F of this cell is unttcn m tne usual manner, as 
E ~ ^ ~jr Ir iin'dci f 


( 2 ) 


and introducin^f the de^ntUon of A'l ^jren by cquMm (1), this becomes 


„ RT «RHjacr RT . ,, 


which on mmngmgf and replacing the activities by the product o/ the 
molalities and the activity coefficients, gives 


P p„ , WRiijwci , RT, Tanpyci RT , „ 

A -£o + -~ln h-frln =* hKi, 

F «»RU* F ybh* F *’ 

F(E - E°) , , iRsnjnici , TRarVer , „ 

+ Wg- ■— --i-k>g -logKi (5) 

OtRH 7RU* 


23Q3RT 


The variation of the activity coefficient of the dipolar ion with ionic 
strength is given by an expression of the form log yrh* = - C"y (cf 
p 433) and since the values of logynnj and log to for the univalent 
ions RHt and Cl' can be wntten, with the aid of the extended Deb)e- 
Huchcl equation/ as - ^4 Vy -f C"y/ H follows that equation (3) may be 
put in the form 


F(E - ctrh*ctci- 
2303fZT 


- S/lVJ = - log hi • Cy 


( 4 ) 


The plot of the left-hand side of equation (4) against the ionic strength 
should thug be a straight line and the intercept for zero ionic strength 
should give the value of - log Ai As m the case treated on page 315, 
the salt may be taken as completely dissociated so that wici la equal 
to Wi; ruRR* is equal to mj + meS and wrh, is wt - mn The ■value of 
ffin , the hydrogen ion concentration, inquired for this purpose is best 
obtained from equation (2) which may be written in the form 

,IiT. 

-ylomn*a=C-£'' + ylnTOci ’f-^mTH*yci- 


The product of the activity coefficients can be estimated from the Debye- 
Hucie) equations, and me and are known, hence tub* jh the given 
solution can be derived from the measured e »i p of the cell 

In order to deternune a senes of cells of the type depicted above, 
in which the ratio of mi to m 2 is kept constant but the amounts of IIHJCI" 
and of RH^ are varied, are set up and the e m f 's (A) measured The 
value of for the hydrogen*6ilver chloride cell is known, and so the 
left hand side of equation (4) can be evaluated, the Debye-Huckel factor 
i IS 0 509 at 25'’ In calculating the ionic strength of the solution the 
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dipolar ion RPI- is treated as a neutral molecule so that it may be re- 
garded as making no contiibution to the total The plot of the left-hand 
side of equation (4) against the lomc strength is not exactly linear, but 
it IS sufficiently close for an accurate laluc of Ki to be obtained by 
extrapolation 

In the determination of the second dissociation constant (K^) the 
"acid” IS the neutral form +lirBiKCO‘*, le, whereas the corre- 
sponding ‘‘salt’ IS the sodium salt NH 2 RCO 2 Na'^, 1 e , Na+R-, the cell 
without liquid junction will thus be 

H'’(l atm ) I RH=^(mi) Na''’R“(m 2 ) NaCKnij) AgCI(s) | Ag 

The E M r is gii en by the general equation (2), and introduction of the 
value of /Co from equation (!) results m the expression, 


„ RT , anipaci RT 

= 

/ flu t 


and hence, using the same piocedure as before, 


r{E r°) wiRipwci 

2303i2r Tor ^ 


- - log Rj 


(5) 


The actu ity coefficient terra m equation (5) involves a univalent ion in 
the numerator and denominator, m addition to the dual ion, it follows, 
therefore, that m dilute solution this term is proportional to the lomc 
strength The plot of the left-hand side of equation (5) against y will 
thus be linear at low ionic strengtlis, and the intercept for y equal to 
zero gix es - log K 2 The experimental procedure is> similar to that de 
scribed for the evaluation of Ki 

Approximate Methods for Dissociation Constants— Approximate, 
but more rapid, methods, similar to those used for simple monobasic 
acids and monoacid bases, hai e liecn frequently employed to determine 
dissociation constants of ampholytes ® Upon taking logarithms, the 
equation for Ki may be wntten as 

log Ki = log au* + log — ' 

flRU 

])Ki = pll - log — - log “ (G) 

’ crh mi 

If a solution is made up of c equiv of neutral ammo acid and a equiv of 
a strong acid, crh* is equal to c - <1 -f Ch* and Cr* to 0 - ch* (cf p 422) , 
inserting these values in equation (6), the result is 

= (7^ 

^ Schmidt Applcman and Kirk J Chem 81 723 (1929) Edsali and B 
J Am Clim Soc 55 2337 (1933), Glosstone and Hainme! tkd 63,243 (1 
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For the second dissociation constant (A^) the equation analogous to 

(6) IS 

phi = pH - log;^ ' log/S-, 

/an* 

and if the solulion consists of e eqvnv of neutral amino-acid and h equiv 
of strong base, Chb* is equal to c - b + ton and Oi to 6 - cos , tins 
becomes 

+ ( 8 ) 

In order to determine pA, or pAt a solution is made up of knoivn 
amounts of the neutral ammo acid (c) and either strong acid (a) or strong 
base (6), and the pH of the solution is determined by means of some form 
of hydrogen electrode The values of ch* or Con arc dcni ed from the 
pH by assuming the activity coefficient of the hydrogen or hydroxyl ions 
to be equal to the mean values for hydrochloric acid or sodium hydroxide, 
respectively, at the same lome strength Within the pH range of about 
4 to 10, however the terms cg* and cob may be neglected in equations 

(7) and (8) respectively provided the solution js rot too dilute The 
estimation of the actn ity coefficient factor presents some difficulty since 
- log/ftR* IS proportional to y while log/aH* or log/R is related to Vy, 
for most purposes, however, the last term in equations (7) and (8) may 
be taken as zero, provided the ionic strength of the solution is not large 
In this event it is necessary to use the symbols p^:i and pi} for the dis- 
sociation exponents or to add a prime, thuspAJ and pA} 

The results of measurements made m this manner with glycme at 20® 
are given in Table lXX.IV, the valuer of pki and ph are seen to he 2 33 


TABLE lixrv DBTEBMINATlOV OP DIRSOCIATIOV CONSTAMa Qt QLTCINE AT 20" 

Matures of Glycme (c) and Hydrochlonc acid (o) 


e 

a 

pH 


- — - 1 

pii 





0 - CII+ 


00769 

0 0231 

276 

200 

2650 

234 

00714 

0 0286 

258 

302 

1786 

253 

00667 

0 0333 

245 

417 

I2S3 

233 

00625 

00375 

231 

575 

0972 

2^2 

0 0588 

00112 

221 

741 

0742 

234 

005o5 

OOHj 

210 

On.) 

0 590 

233 


Slmtiires af Glycine (cj and Sodiuni hydroxide (i) 


c 

6 

pH 

«m XIO^ 

6 - con 

pi» 

0 0833 

00107 

922 

129 

3878 

982 

00763 

00231 

942 

209 

3 333 

979 

00714 

002S6 

963 

347 

1500 

981 

00667 

0 0333 

978 

400 

1000 

978 

00625 

00375 

998 

70? 

0067 

981 

OOo88 

0(H12 

10 [4 

10 U 

0250 

978 
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and 9 80, mIucH may be compared irith 237 and 9 75, respeclnciy, de 
lived from cells without liquid junction 

In the methods described above the tacit assumption has been made 
that the neutralizations of and of RH- do not oicrlap, this is 
al^ajs true in the earl) stages of the neutialization of and m the 
later stages for but it is not necessarily the case in the region of the 
first equivalence point, i e , at RH- The problem is, of course, iden- 
tical Mith that of an ordinarj dibasic acid,proMded JCi/kois greater than 
about 10°, 1 e , pj?^'. — pi^’i is greater than 6, the two stages may be 
regarded as independent If this condition does not hold, the sj stem 
may be treated as a coni entionai dibasic acid m the manner described 
on page 326 

The dissociation constant exponents at 25" of a number of physio- 
logicall) important amino acids are recorded in Table LXXV, ^ those 


TABLE LWI DISWIATION CONSTANTS OF AHINO ACIDS AT 25“ 


\i no-nc ci 

pAk 

pA 

Un n<Hie <1 

pX 

pi 

Alanine 

2 3-10 : 

9 870 

Diglycinc 

31o 

SIO 

Argmino I 

2 02 

/ 90-1 


177 

918 

11248 

Hydroxyprolinc 

192 . 

9 73 

Aspartic acid 

/2 09 

982 


2 318 : 

9758 

ns7 

Lcucinc 

2328 1 

9 744 

Glutamic acid 

)2 19 

{4 2 ^ 1 

96G 

1 \orlcucinc 

1 \ aUne i 

2335 
22S7 1 

9833 

9 719 

Gljcme j 

2 3iO 1 

9778 

TrjTtoph^nD j 

' 233 1 

9 39 


giien b) four significant figures are thcimod 3 Tiamic lalues, but the 
others are approximate The data for Ki show that the carboxjhc acid 
+NH3RCO2H is a moderately strong acid, the reason is that the positn e 
charge on the nitrogen atom facilitates the departure of the proton from 
the - CO2H group, thus increasing the acid strength of the latter The 
ammonium ion acid ■‘■NIIjRCOi’ is relatively weak, hoveier, because 
the negatn c charge on the - CO 2 group has the opposite effect As 
the distance of separation increases, the influence of the electrostatic 
charges becomes less marked From an eicaramation of the dissociation 
constants of glycine and diglycinc it has been found possible to calculate 
the distances between the teiminal groups 

Accoidmg to the older ideas concerning ammo-acids, neutralization 
of the electrically neutral form by a strong jwnd gave the basic dissocia 
tion constant h of the — hJH- group, tha value is now attributed to the 
- CO 2 group Quite apart from any question of theoiy, iiowever, this 
dissociation constant must be the value for the base that is conjugate to 
the acid which gives the experimental dissociation constant Aj, it follov s, 

’’ For furtlier data see Hitchcock Schmidt s ‘ The Chemistry of Ammo Acids and 
Proteins ” 1938 Chap XI 
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therefoie, that the classical h is equal to KJKi where Ku is the ionic 
product of water (cf p 338) The classical acidic dissociation constant 
kt 19 obtained when the neutral acid 15 neutralized by a strong base 
It was at one tune associated wiUi the — COjH group but is now attrib 
uted to the - NHt group, irrespective of theoretical considerations, it is 
identicjil with the quantity to which the symbol A 2 has been given here 
Proportion of Dipolar Ion «-Ia the foregoing treatment it has been 
tacitly assumed that the neutral aniino-ae d is present exclusively m the 
dual lOQ form, some ind cation of the justification of this assumption 
may fao obtained in the following approxunate manner In any solution 
there will presumably be an equihbnum between the neutral, uncharged, 
molecules and the dipolar 10 ns, thus 

NHiECOiH^tTOjRCO 


The equilibrium constant of this system, generally given the symbol Kz, 
is then 


(mRco^) 
“ (NHjRCOtH)' 


( 9 ) 


where the parentheses are employed to represent activities Informa 
tion concerning hz may be obtained by consdenng the two acidic dis 
sociations, whose constants arc designated by A# and Aj thus 


(a) +NftRCOjH + H 2 O ^ "NlhECOj + H,0+ 
and 

(b) +NH3RCOiH + H20feNH:RCO:H + HiO^ 

The sum of these two equilibnn represents the acidic d ssocntion of the 
cationic form ■‘‘NHsRCOjH, and it is the aim of the two dissociation 
constants that is really the quantity Ai determined above As a first 
approximation which will be justified shortly Ki may be neglected, so 
that Ki may be identified with A, The value of Ai cannot be obtamed 
by direct experiment, but it is very probable that the dissociation con- 
stant of the aramoniuni ion ac d ‘^NHjRCOjH will be almost the same 
as that of the corresponding acid +NHjRCOslVIe 1 e , of its methyl ester 
The dissociation constant of this substance v. hich is given the symbol 
Kb can be determined without difficulty by titration of the hydrochloride 
of the methyl ester of the ammo acid by means of a strong base For 
the aliphatic ammo-acids A^ is about Kh*, and since A'l is of the order 
of 10~^, the neglect of Kb m comparison with Ka is justifiable 

A companson of equation (9) with the equilibria (a) and (5) shows 
at once that 



"Ebert Z flyuk Cksm,l2l 385 (1926) Ldsall and Blanchard J Am Ckm 
Soc 55 2337 (19S3) 
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and in nm of the arguments just given 

Kz = — . (10) 

thus permitting Kz to be m aluated Toi all the aliphatic acids studied 
so far, Kz is about 10' to 10®, so that the ratio of +NH 3 RCO 2 to 
NHiRCO-H in the electncally neutral ammo acid is very large, there is 
actuallj’’ less than 0 001 per cent of the acid in the uncharged form, and 
so the assumption that the ammo-acid exists mainly m the dual ion form 
IS justified 

Hydrogen Ion Concentrations m Ampholytes —In any solution of a 
■pure ampholWe theie nil! be present the positive and negative 10 ns 
■^NHallCOJl and NHjRCO", represented by RHt and R", to some 
extent, m addition to hydrogen and hydroxjl 10 ns, and neutral molecules 
+NH 3 RCO 2 and NHjRCO-H, 1 e , RII* and RH As just seen, how- 
e\ er, the proportion of NHjRCO-H molecules is neghgible for an ali- 
phatic aimno-acid Since the solution is electncally neutral, it follows 
that 

Cu* + CnaJ = Cr + Coh (11) 


If the solution is sufficient!} dilute for activity coefficients to be taken 
as unit} , then the equations lor h and Ut id place of Ki and Z", become 
[cf equation (1)] 


Cn^CRH* 

CriiJ 


and 




CifCa- 



CkD* 


and if the ^alucs of crwI and cr obtained from these relationships are 
inserted m equation (11), the result is 


, Cii^cru* , Crr* , 
ce* + “j — 

Cir* Cn^ 




Kt A^CRH* -b Klkg 
U + Crr‘ 


( 12 ) 


If the solution of the ampholyte is relatively acid, as is generally the 
case, the quantity con m equation (11) and the corresponding term hK 
111 equation (12) can be neglected, provided the solution is not too dilute, 
the value for Cn* then becomes 


ch* - 



(13) 


the quantity Crh* being replaced by c, the equivalent concentration of 
the ampholyte It vill be noted that equation (13) is identical m form 
with equation (65), page 401, gi\mg the hydrogen ion concentration of a 
dibasic acid at the first equivalence-pomt, this is, of course, as it should 
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be on the basis of the treatment of an ammo acid hydrochlonde as a 
dibasic acid At the end of the first stage of neutralization of this acid 
the P} stem consists of the elcetncally neutral ampholyte As a general 
rule m equation (13) cannot be neglected m comparison vith c, and 
so the simpler form, analogous to (66), page 401, is not applicable 


Isoelectric Pomts —An ampholyte is at its Isoelectnc pomt ivhcn the 
concentration of positive ions is equal to that of the negative ions, i o , 
w hen Can,* is equal to cru Since these ions have almost the same cquiv a 
lent conductances, because of their size, equal amounts of positive and 
negative ions of the ampholyte will migrate in opposite directions At 
the isoelectric pomt therefore an ammo-ocid, or more complex ampho- 
Ij te will appear to remain stationary m an electrical field although the 
solution may have an appreciable conductance According to equa- 
tion (1), 


Ou fliui* J 

cjiuj =* ~fn — 

Aljpn, 


AgaRH* 

on*/a 


and if these are equated, to give the condition of the isoelectric pomt, 
It IS found that 




(14) 

pH = JpAi + 5pA: - 1 loB^ 

(15) 


By means of equation (15) it is possible to evaluate the pH at the iso- 
electric point the activity coefficient term may be neglected since the 

especially if the solutions arc dilute 
It must be 
isoelectric pom 
gen ion concen 

for the isoelectnc pomt in special cases only It is usual, therefore, to 
add a small amount of alkali or aad m order to obtain an isoelectnc 
solution At the isoelectnc point an ammo acid dissociates equally to 
yield RHi" and R- ms, but if the hydrogen ion concentration exceeds 
the theoretical value for this point, there Mill bo a tendency for the 
hydrogen ions to react with R" or RH^ to yield RH* or RHJ', respec- 
tively In a solution of fimallcr hydrogen ion concentration hoMCvcr, 
the RHt or RH* ions will tend to ionize further These conclusions 
have been utilized to deterinmc the isoelectnc pomts of amino-acids 
a small amount of ampholyte is added to each of a senes of solutions of 
knownpH these solutions should not be too strongly buffered Jfthcro 
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IS an increase of pH the amphohte is reacting i\ith hydrogen ions and 
if there is a decieaso it is dissociating to jield these ions On the other 
liand if the pH of the solution remains unchanged the RHt and R“ 
ions and hence also the h3drogen and hydro\yl ions are being formed m 
eqiiiialent amounts the pll of the sjstem is then that of the isoelectnc 
point of the amphol} to 

It nas seen m connection with the studj of dibasic acids (p 403) 
that the propoition of acid II A present m the HA form is a maximum 
when the hydrogen ion concentration is equal to V/ 4 Precisely the 
same arguments apply to an ammo acid s)steni treated as a dibasic acid 
RH^ and hence the proportion of RH* which is the equn alent of IIA 
must bo a maximum at a hydiogen ion activity that is in fact identi 
cal with that gnen by equation (14) It follows thcicfore that the 
pioportion of dual ions is a mawmiim when the ampholyte is at its 
isoelectric point the extent of loni/ation into simple ions must conse 
quentlj be a minimum at this point Since the ph> sical properties e g 
solnbilitj Mscositi etc of the dipolai ions probablj differ from those 
of the singlj chai ged ions it is to be expected that there may be a maxi 
mum or mmimum m these properties at the isoelectric point This has 
been found especially to be the case witli complex ampholytes such as 
proteins the pH of minimum solubility has also been identified with the 
isoclectnc point of sparingly soluble ampholytes ® 

Attention may be called to the fact that the conclusions reached here 
toncornmg the isoclcctne point must hold nrespectixc of whethei the 
neutral amphohte consists of dual ions or of uncharged molecules 
Piovided the lalues of h and k are those derned ex-peiimentally they 
m\ohe no supposition concerning the nature of the gioups responsible 
for them In the foregoing tiealmcnt the assumption has been made 
that the neutral molecule is RH* as this is true for aliphatic ammo 
acids but the results will be quite unchanged if RH* is leplaccd by RH 
as would be the case for an ammo benzoic acid or an ammo phenol 

Neutralization Curves of Ampholytes —The vaiiation of pH during 
the couisc of neutralization of an ammo acid by a strong acid or by a 
stiong base can be calculated by means of equation (7) or (8) respec 
tnelv provided p/Ci and pAfj aie knowm Alternatively thepHialue 
determined experimentally may be plotted as shown by tlic full curve 
in Pig 108 which are for the neutuhzation of glycine The addition ol 
acid gives the curxe from the center to the left-hand side while th? 
addition of alkali yields the cun e from the middle to the light hand side 
If the sy stem is treated as a dibasic acid i e in the ■'■NII3RCO2H form 
the two stages of neutralization by a stiong base are represented by tli( 
curve starting from the extreme left and proceeding to the extreme right 

^Mdiaclsetal Btoclm £ 24 79(1910) 50 40 (1910) 47 2 1 (1913) Leven 
and S mms 3 Bwl Cl em 55 8 OI (1923) Smms J An Cl en Soc 48 1239 (1920) 
H In aid ICIockmann Z phystk Cle 157 209 (1931) Htchcock J Biol Chn 
U4 373 (1930) 
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The flattcamg of the curve in the extreme acid and alkaline regions 
indicates that the electncallj neutral form of glycine behaves as a 
very weak base and as a veiy vieak acid, the corresponding salts, viz 
Cl +NHjCIIjC02lI and NHjCHaCOr Na+ are, therefore, very con 



Added Added 

Fio 108 Uncorrected and corrected neutralizat on curvea for glycine 

siderably hydrolyzed and hence the change of pH as the equivalence 
point IS approached is very gradual It is evident from the curves that 
direct pofcntiomefnc or other form of titration of gfycine cannot yiefcf 
satisfactory results On the other hand, of course, the conjugate acid 
and base will be relatively strong so that if the titration is commenced 
either with the hjdrochlonde or with the aodium salt, a sharp inflexion 
in the pH curve is obtained in the titration wuth alkah or strong acid 
respeetncly The rapid change of pH is scon to occur in the region 
of pH 4 5 to 7 5 for a 0 1 molar solution of glycmc, methyl red and 
bromcresol purple would consequently be suitable indicators for these 
titrat ons 

By making an allowance for the extent of hydrol}sia, it is possible to 
obtain hypothetical "coireclcd” pH-neutralization cunes for gl}cino 
and other araino-acids which show appreciable inflexions at the equiva 
Icnce points Two methods of making the necessary corrections have 
been cmploj cd It will be recalled that hydrolysis represents incomplete 
neutralization, consequently the free strong ncid produced as a result of 
hydrolysis should be subtracted from the total added m the titration in 
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order to guc the ■xmount actually employed m the neutralisation Tor 
example, if the original solution contained c cquiv of glycine per liter 
and if when a equn of strong acid, e g , hydrochloric acid, were added 
h equn of the glj cme hydrochloride were hydrolyzed, i e , h equiv of 
free h} drochlonc acid c ere pi esent due to hydrolysis, the actual amount 
of acid used m neutralization is a — /i, this represents, theiefore, the true 
e\tent of neutralization of the glycine The quantity 10Q(c — A)/c, 
consequent!} , gives the actual “per cent neutralization” which should 
be plotted on the pll-neutralization curve in order to eliminate the effect 
of bvdrol}sis Since the acid pioduced in hydrolysis is a strong one, it 
ma} bo regarded as completely louifcd, so that h is equal to the con 
centration of h} diogeu ions m the solution the “per cent neutralization” 
IS, therefore, 100(a — ca )/c The ^aIue of ca* can be obtamed with 
sufficient accurac} from the measured pH of the solution by means of the 
appro'umate rclationslup pH = — log ch* An alternative procedure 
foi obtaining h is to add lauous known amounts of the free strong acid 
to n aler, or to a neutral salt solution, until the pH is the same as at any 
gnen stage of the neutralization, the quantitv of free acid le then as 
sumed to be the same m each case 

An e\actly analogous treatment can, of course, be applied to the 
neutralization bj a strong base, m that eient h represents the amount of 
free base at any time and this is practically equal to the hjdroxyl ion 
concentration of the solution The aaluc of h may also bo obtamed by 
tile addition of the stiong base to water until it gives the desired pH, as 
desciibed for hjdrolysis in the acid solution 

The corrected pH neutralization curves obtamed m thw manner are 
shown b} the dotted lines in Fig 108, the inflexaons at the equivalence 
pomts are now seen to be sufficiently definite for an accurate estimate of 
the end point to lie possililc This method has been used for the poten- 
tiomelnc titration of ammo acids 

An alternatn e, simpler, procedure foi improving the mfiexion m the 
neutialization of an amino-acid is to add foimaldehyde to the solution, 
althougii this docs not affect the acid titration curve, the one for alkaline 
titration is changed, as seen m Fig 107 The effect of the formaldehyde 
IS to increase the strength of the ammonium ion acid which is being 
titrated, and so the pH inflexion at the equivalence point becomes much 
more obvious This is the basis of the “formol" titration of amino- 
acids discovered by Sdienscn (1907) approximateiy 10 per cent of form- 
aldehyde is added to the solution which is then titrated with standaid 
alkali using phenolphthalein as indicator In the presence of this con 
centration of formaldehyde the pH neutrahzation cuive has a sharp 
inflexion in the region of pH 9, imd so a satisfactory end-pomt is possible 
with the aforementioned indicator 

»Taguc J Am C/icm See 42 173(1920) Hams I Chm Soc 123,3294 (1923), 
Branch and Miyamoto J Am Clem Soc 52 863 (1930) 
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Other m( tlimls of titration of aramo-'icid^ ha\o l)con cmplo}ed that 
are It m! on pnnciplcanlmdv tlc«cnbc(I,iwvith other \crj bases 
the tieiitnilia: ition b} fteid ma\ l)c famet! out m phcial aatic neid Ktlit- 
fum(cf p '}9S),oru''Cma3 Itc made of the fact that charpinl cation ackIs 
ukI anion b uses ri\ c ftlnn’tr pH inflexions \\ lien neutrahred m mwlia of 
lov. dvelcetnc c % , aleoM ot acetone (cf p 

ActiTitf Coefficients of Ampholytes— The theoretical treatment of 
the elcctncal forces in a solution of an nmpholitc containing fac sindo 
inns, eg , of added electrolytes, w \er) difficult, it has, hoatacr, been 
earned out on the aA-umption tiat tlie amino-aciil con> sta rsvcnlially 
of a sphencil dipolar ion immcrvcd m a contimious wbent nie<li«m ” 
If It IS the distance bi-tiiccn the charges in the dipolar ion and a is ihn 
mean dwlancc of clof'cst approach of the other ions to this ion, the limiting 
lalue of the actnify coefficient y of the dipolar ion in dilute wfutiori is 
given b) 

A /?* 

*“ log r = ^ “ i** (IC) 

where D is the dielectric constant of the medium of lomc ftrengtli y at 
the tempentiirc 7 , the factor 4 is a constant w ho'C v alue can be denveil 
theoretically 

It IS to tc^t c<\watm (16) b> mcana of eolubiUty mcAiwite- 
merits of amino*acKls in the presence of salts if 5o is the wlubihty in a 
medium of ionic etrcngtii zero and dielectric constant D# i c , that in tin 
pure solvent, and S is llic solubility in a neutral salt folulion of ionic 
stiangtli y and diolcctnc constant D, then wnce is equal to the 
n^*fuiH tef n 1771 it follnns from riAV fi.„» 
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\ anoos amounts of sodium chloride the ^ alue of i? has been estimated as 
3 lol, this ma^ be compared with 3 04 denied from a model of gljeine 
and in other wa\ <5 

It IS of intere-st to note that equation (21) requires the <5olubi]ity of 
a dipolar ampiioh te molecule to mcrease m the presence of neutral salts, 
the 'joliibilit^ of a neutral, unchaiged molecule on the other hand de- 
creases \nth increasing ionic strength of the medium (cf p 147) The 
fact that the '^olubilit; of gljcme and other aliphatic ammo-acids m- 
creas&> under these conditions constitutes, as alread} mentioned, endence 
for their dipolar structure 


PROBLEMS 

1 For the determination of the dF«ociation constants of ghcine at 25®, 
O'nen [/ 4 m Chm Soc 56, 2^ (1934)] measured the e m r ’s of the cells 
con'i'iting of hjdrogcn and ‘'iher cldonde electrodes m (4) nuxtures of gl>cme 
(wi) and ghcine ha drochlonde (m*) and (B) gljcmc (mj) its sodium salt (m») 
and sodium ohlonde (tnj) The experimental results were as foUov.-s 

4 B 


mi/m* 

- 1 1301 

tii/mi « 1 0187 

iijmt ss 0 984S7 

m X 10' 

E 

m X lO' 

E 

oI2f 

0 

46o9 

0 §37o0 

6833 

0 012^2 

S627 

092208 

10237 

049907 

23133 

OS0778 

14S33 

0 48797 

344SS 

OSS796 

37740 

0 46217 

o0907 

0S7S41 


Eraluate Ki and K‘ for gh cine bj the methods dc«cnbed on pages 422 and 423 
2 Glas'tone and Hammel 4w Ckcm 5oc, 63 243 (1941)] determined 
the pH s of 0 1 s solutions of dieUcinc during the cour«e of neutrahzabon of 
10 cc bj ( 1 ) 0 1 X hidrochlonc ncid, and ( 11 ) 0 1 s sodium h>dro\ide, at 20® 
The following values nere obtained 


OlsHClorNaOH 

(0 

(u) 

added 

pH 

pH 

2 oO cc 

369 

777 

300 

319 

S2I 

7o0 

2S0 

370 


Determine the approximate dissociation conatants of digh cme 

3 Wien 10 cc of OOox digl>cine ester hjdrochlonde were titrated mth 
0 0o\ 'odium li}dro\3de the pH lalues at vanou" stages of neutralization 
were 

0 05 x'NaOH added 300 oOO 700cc 

pH i alue 757 790 827 

Utilize the re ults of Problem 2 to determme tiic approximate ratio of dipolar 
ions to uncharged molecules in an aqueous solution of digljcme at 20® 

» Colm d al J Am Chm Soc, 58 2365 (1936), S9 2717 (1937), J Phys Chm , 
43 169 (1939) Cl at Beis 19 241 (1936), Keefer Reiber and Bi'son J Avu Chm 
Soc 62 2951 (1940), see also Roberts and Kirinrood 1373 (1941) 
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Other methods of titration of ‘imitjo-ac ha\e been employed thit 
arc based on pnnciples alreadj d(wnbcd, as vMth other \erj ueak bases 


didcctnc constant, e g , alcohol or acetone (cf p 39") * 

Activity Coefficients ol Ampholytes ^The theoretical treatment of 
the electrical forces in a solution of an ompholjie containing free single 
ions eg, of added electrolytes, is \eij difficult, it has, holsc^c^, been 
earned out on the assumption that the amino-acid consists essentially 
of a spherical dipolar ion immersed m & continuous solvent medium ’’ 
If R IS the distance between the charges m the dipolar ion and a is the 
mean distance of closest approach of the other ions to this ion, the limiting 
value of the activity coefficient y of the dipolar ion in dilute solution is 
given by 

, A 

'■'>81' = ^ M 


where D is the dielectnc constant of the medium of ionic strength y at 
the temperature T, the factor A is a constant whose value can be deriv cd 
tlicorcticall} 

It IS possible to test equation (16) bj means of solubility measure 
monts of amino*acid>' m the presence of salts, if Sa is the solubility in a 
medium of ionic strength aero and dielcctne constant Do ) a, that in tho 
pure solvent, and S is the solubility m a neutral salt solution of ion c 
strength y and dielectnc constant D, then since StIS is equal to the 
activity coefficient (cf p 177) it follows from equation (16) that 



at 2o®, the distances a and R bemg expressed in Angstrom units This 
result can al^o be vvTitten in the form 


S Do 

fl, “^5, " ® 0 D* 


and hence the plot of {D/Do) hg (S/Se) against (Do/D)if should approach 
a straight line at high dilution, its slope being equal to 0 125^Vo T1 e 
V alue of a can be estimated from the Knowm dimensions of the dipolar ion 
and of the ions of the neutn! clectrol} te, consequent!) R, the distance 
between the charges m the dipolar ion, can be calculated From solu- 
bilit) mcasureinents of glj cme m aqueous-alcoholic media containing 

"Jukes and Schmidt J CA<« 105 359 (1934), Neuberger, Proc lioy S«, 
1I5B ISO (1934), Ogston and Lrorni Tratu Fanda^Soc 31,574 (1935) 

"Kirkwood J Chm Phys, 2 3j1 (19M), Ckm Rfit 24 233 (1939) 
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various aiuounts of sodium clilonde the \alue of R has been estimated as 
3 loA, this maj' be compared with 3 OA demed from a model of glycine 
and m other v aj « 

It is of interest to note that equation (21) requires the solubility of 
1 dipolar amphol} te molecule to increa'^e m the presence of neutral salts, 
the solubility of a neutral, uncharged molecule on the other hand de- 
creases with increasing lomc strength of the medium (cf p 147) The 
fact tliat the solubility of gKcme and other aliphatic ammo acids in- 
creases under these conditions constitutes, as already mentioned, evidence 
for then dipolar structure 


PROBl&MS 

1 For the determination of the dissociation constants of glycine at 25®, 
Owen [/ Iw Chm Soc 56 24 (1934)] measured the emf s of the cells 
consisting of hj drogen and silver chloride electrodes m (i) matures of glycine 
(nil) and gijeme hj drochloride (m ) and (B) glycine (mO, its sodium salt (md 
and 'odium chloride (wj) The e\jierimcntal results were as follows 

1 B 


m,/n 

- 1 1301 

mi/mi - 1 0187, i 

n Imt ■* 0 ( 

m y ICf 

E 

mjXlO’ 

E 

ol26 

0 522S1 

46^9 

0937o0 

6S33 

0 51262 

8627 

0 92208 

10237 

0 49967 

2313v 

089778 

14S33 

048"97 

34488 

0 88796 

37710 

0 46217 

50907 

087841 


Evaluate Ai and K for glj cine by the methods desenbed on pages 422 and 423 
2 Gla'stone and Hammol [J Am Chm Soc 63, 243 (1941)] determined 
the pH’s of 0 1 ^ solutions of diglycme during the course of neutraliration of 
10 cc bj (i) 0 i N hydrochloric acid and (ii) 0 1 n sodium hydroxide, at 20® 
The following values weie obtained 


OlN HCIorNaOH 

(•) 

00 

added 

pH 

pH 

2 oO cc 

369 

77T 

500 

319 

8 21 

7o0 

280 

870 


Determine the approximate dissociation constants of diglycme 

3 MhenlOcc of 0 05 v digljcme ester hydrochlonde were titrated with 
0 Oo X sodium liydrovidc, the pH values at various stages of neutralization 
were 

0 05 N NaOH added 3 00 5 00 7 00 cc 

pH value 757 7 90 827 

Xjtihze the results of Prolilem 2 to detemune the approximate ratio of dipolar 
ions to uncharged molecules in an aqueous solution of diglycme at 20® 

“Cohn dal T Am Chem Soc 5S 2365 (1936), 5P 2717 (1937),/ Pkys Chm 
43 169 (1939), Chm /fas 19 241 (1936) Keefer Reiberand Bis'on / Am CIm 
Soc 62 29 j1 (1940), see also Roberts and Kirkwood 63 1373 (1941) 
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4 The value of ij for p aminobenioic acid is 4 93 X 10'*, nhereaa tlio 
ba«ic dis'^ociation constant (h) of ethyl p-ammobenzoate is 2 8 X 10““ 
conclusions may be draivn concenung the structure of p anunobcnzoic acid 
in aqueous solution? 

5 Use the dissociation constants obtained in Problem 2 to plot the com- 
plete pH neutralization curve, by a strong acid and by a strong base, of 0 1 n 
diglycme at 20®, tlie change in volume dunng neutrabzation may be neglected 
Assuming the hydrogen or hydroxyl ion concentration, as derived from the 
pH V alues, to be equal to the concentration of free strong acid or strong base, 
respectively, near the cnd-points, calculate the “corrected” neutralization 
Curve 

6 Utilize equation (69) of Chap XI to plot the variation ivith pH of the 
proportion of dipolar ion (RH*) m a solution of glycine at 25® The calcula 
tions should be made for integral values of pH from 2 to 11, inclusive Choose 
two other sets of values of ki and kt, so as to mcreace and decrease the ratio 
k\lki by a factor of about 10* And sec hon it changes the nature of the curve 
l^liat conclusions do you draw from the results? 



CHAPTER Xni 

POLARIZATION AND OVERVOLTAGE 

Electrolyhc Polarization — In the prenous chapters the e 5i p 's of 
rei ersible cells and the potentials of rei crsible electrodes ha\ e been eon 
sidered under such conditions lliat there is either no net flon of ciurent, 
or tlie magnitude of the current passing is so minute that the electrodes 
are not sensibly disturbed from their equihbnum conditions In the 
present and the tiio succeeding chapters the phenomena accompanying 
the pa'^age of appreciable currents iiill be examined It has been seen 
(p 250) that at a re\ ersible electrode in a state of equilibrium the dis- 
charge of ions and their re-formation lake place at the same rate and 
there is no net current flow If the conditions are such thaWnere is an 
actual package of current, the electrode is disturbed from its equilibrium 
condition, this disturbance of cquilibnum associated mth the flois of 
current is called electrol^c polanzation)^d the disturbed electrode is 
said to be poIanzed-Mt m ill be seen later tint polarization results from 
the slowness of one or more of the processes occurring at the electrode 
dunng the discharge or formation of an ion, the t}'pe of polanzation 
depends essentiall} on the nature of the slow process Polarized elec- 
trodes are often said to behave irreversibly, and the phenomena asso- 
ciated vuth polanzation are often referred to as irreversible electrode 
phenomena ; the irrev er=ibibtv an«es from tlie fact that one or other stage 
m the electrode process requires an appreciable activation energj and is 
consequent!} slov 

Dissolution and Deposition Potentials —If a metal 1\I is placed m a 
solution of its ions a rev ersible electrode reprc'^ented by M, M'*’ is set 
up, suppose its potential is S Imagine novi that an ex-temal source of 
potential is apphed to this electrode so as to make it an anode of an 
electrolytic cell (p 8), this will have the effect of increasing the poten- 
tial, and since the electrode is reversible it will immediately commence 
to dissolve (cf p 184) It follows, therefore, that when a metallic elec- 
trode IS made an anode, it will begin to dissolve as soon as its potential 
exceeds the rev ersible value D by an infinitesimal amount In other 
words, the electroI}tic dissolution potential of a metal when made an 
anode should be equal to its reverable (oxidation) potential {cf p 243) 
m the given electrolyte The actual value depends, of course, on the 
concentration, or activity, in the solution of the ions with respect to 
w Inch the metal is rev ersible On the other hand, if the particular elec 
trode under consideration is made a cathode, so that its potential is 
reduced below the I'eversible value, the reverse process, viz , deposition 
435 
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of ions, Will comm 
by + 
for electrode poter 
should be represer 

an ion, or the deposibon potential of a metal, i e , the potential at which 
metal deposition \ull commence on a cathode, should be equal to the 
conventional reversible potential in the given solution with the sign 
reversed, i e , to the reduction potential It should be noted that the 
anodic dissolution (oxidation) and cathodic deposition (reduction) poten- 
tials under consideration are those at which the respective processes 
commence, the reactions occur to a very minute extent and the current 
strength is very small If the current is increased how ever, the anodic 
potential becomes more positive and the cathodic potential more nega 
tive, as a result of a alow stage in the electrode proce'is, as mentioned 
above, the electrode is then polanzed 

Exactly ' * ard to an on discharge 

at an anode lescribed above The 

condition fo ^ y , to be discharged, i c , 

oxidmed, is just the same as for a positive ion, the anode potential must 
be at least equal to the reversible potential for the resulting substance, 
e g , chlorine, bromine, etc , in the given electrolyte Appreciable polan- 
Eatioo occurs if the current is not extremely small, just as in the caie of 
the discharge or formation of other ions 

Determination of Anode and Cathode Potentials —Direct measure 
ment of the potentials at which the various processes occur at a cathode 
or an anode at various current strengths can be made by means of the 
apparatus depicted m Fig 109 The electrode A under examination is 



placed in the given solution and combined with another B, so as to make 
an electrolytic cell, the latter electrode generally consists of an inert 
material, such as platinum which does not interfere with the properties 
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of the solution If the access of o\jgen or hydrogen liberated at the 
electrode B should ha\ e some influence on the process at A, precautions 
must be taken to pieient this access by using separate electrode com- 
partments The electrodes A and B aie connected to a source of poten- 
tial C, preferablj a high-i oitage storage battery, through a vanable high 
lesistance D, a suitable galianomclei oi milliammeter E m the circuit 
indicates the strength of the cuircnt passing The potential of the ex- 
perimental electrode A is determined by connecting it m a convenient 
manner, eg , throngh a, snlvlxndge f, to a rt^erence electrode, o g , a 
calomel electrode G The e M p of the cell consisting of the electrodes 
A and G ls then measured bj means of a potentiometer The reference 
electrode may consist of the metal to be deposited, or which is being 
dissohcd, at A immeisod m the same solution as m the electrolytic cell, 
tiie difference of potential betneen A and G tlien gives directly the extent 
of polanration at the particular curreat emplojcd By adjustment of 
the lesistance Z), the current strength is mcieased gradually and the 
potential of liio electrode measured for each value of the current, after 
alloning sufficient time foi constant conditions to be attained Obser- 
\ ations of this Luid n ith a numbci of metals, c g , nnc, cadmium, coppei , 
sihei and mercurj, hoie sboivn that deposition and dissolution do 
actiuli^ commence nhen the reiersiblc potential of the metal in the 
gi\eii solution is just exceeded In the deposition of a particular metal, 
c g , 7 inc, on an electrode of another metal, c g , platinum, the potential 
IS found to change icrj lapid)} as soon as the latter is made a cathode 
until the \ alue reaches that for 7 mc m the gi\ cn solution The surface 
of the cathode is tlien seen to ))e 
colored uith a thin h\ci of zinc, 
subst-quentlj it beliaies as ^ zinc I 
olectiode 

As the strength of the cuijcnt is $ 

kVift v, “ 

to dupigc somewhat flora the re 
1 crsiblp value in the gii en solution g 
tj pical lesults are shown m Tig HO ^ 
in vhich the potential of a cathode 
and an anode of the same metal aic 
plotted as a function of the current 
density (c D ) It is tiie gcnci al prac- 
tice 111 electrol3tic noik to use the 
current density instead of the cunent 
strength the foimci is deflned as 
the magnitude of the current pei unit area of the electrode, and is ex- 
pressed in amiis or milliamps pei sq cm , or per sq dm The rates of 
the processes occurring at an electrode ivill clearly depend on the exposed 
area from wluch the metal can dissolve or to which the ions have access, 
* Tot this purpose the raagmtude only of the potential is used the sign s ignored 



Fra 110 Variation of electrode 
potential nith current densitj 
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and so it is desirable, especially when comparing the behavior of difTorent 
electrodes, to consider the current strength per unit area It is for this 
reason that the c d is employed when plotting electrode potentials. 

Concentration Polarization —For most metals the extent of polariza- 
tion, 35 indicated by the departure of the potential from the reversible 
value in the experimental solution, is rclatucly small; for reasons Mhich 
mil be considered later it is frequently less for an anode than for a cathode 
under the same conditions Most of this polarization is due to concen- 
tration changes in the vicinity of the electrode, and is consequently 
referred to as concentration polarization. It arises from the fact that at 
an anode the dissolution of the metal mil result in an increase in the 
number of ions in contact with it in the solution, and if the rate of diffu- 
sion is relatively slow, the concentration of the cations in the immediate 
vicinity of the anode will be greater than in the bulk of the solution. 
The result will be a (numerical) increase of potential of the anode which 
will be greater the higher the c n , i c , the higher tlie rate at which the 
metal dissolves At a cathode the opposite condition arises: the dis- 
charge of cations results m a diminution of their concentration, and if 
this IS not made up by diffusion, the concentration of cations in contact 
With the cathodo is less than m the bulk of the solution The potential 
of the electrode will thus increase in the cathodic direction as the cd 
IS increased and tho rate of discharge of cations becomes greater. The 
existence of concentration polarization at an electrode can be readily 
detected by the fact that it is diminished by any factor which is able to 
increase the rate of diffusion to or from the electrode; agitation of tho 
electrolyte, increase of its concentration, or raising the temperature all 
reduce the magnitude of concentration polarization, but they do not 
eliminate it entirely 

Consecutive Electrode Processes.— If an electrolyte contains a num- 
ber of different positive and negative ions then, prov idcd there are no 
disturbing factors, e g , formation of an alloy, each ionic reaction will 
take place in turn as the appropriate potential is attained. &n the 

oWnrnnl 1^1, r nr.r.T.n4 f/v n.. nln..fw.l.r4.n noil ^ r.T-r>.liioll.>' 


respectively Consider, for example, the electrolysis of a solution con- 
taining molar zinc and copper sulfates; the deposition (reduction) poten- 
tials m this solution arc approximately - 077 and +034 xoU, re^’pec- 
lively As the potential of the catfi^e, which may be an inert metal 
such as platinum, is made increasingly motive by means of a gradually 
increasing external e m f , the deposition of copper takes place first, since 
its deposition potential (+ 0 34) is less cathodic than that of zinc. If 
the current strength Is increased, copper deposition will continue at a 
greater rate, the potential becoming more negative owing to the effect of 
concentration polarization If the electrolysis is prolonged to such an 
extent that the cupric ions in the solution arc almost exhausted, the 
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catliodic potential utII then become sufficientlj negative, viz , — 0 77 
1 olt, for zinc deposition to commence Alternatn ely, should the current 
be made so large that the cupnc ions cannot be brought up to the elec- 
trode sufficiently rapidlj to satasfy the requirement of the current, the 
potential muU become more negative and simultaneous deposition of 
copper and nnc mil occm It should be remembeicd that all aqueous 
solutions contain hjdiogen ions and consequently the liberation of hv- 
drogen is alvays a possibility to be taken into consideration, especially 
if the solution is appreciably acid In e\ aluatiag the discharge potential 
of hydrogen, howeier, certain complicating factors, to be considered 
shoiUy, must be taken into account 

The behanor at an anode is, in general, analogous to that at a cathode 
the process requinng the least positne anodic potential, whether it be 
dissolution of a metal to form cations or the discharge of anions, will take 
place first If a copper anode, for example, is placed m an acid solution 
of copper sulfate, the possible electrode reactions are (a) dissolution of 
the coppei to form cupnc ions at an anodic potential of - 0 34 volt, 
(b) discharge of h}drox5l ions, nhich are always present m aqueous 
solution, at about + 12 volts, and (r) discharge of SO7” ions, probably 
requinng a veiy high potential It is evident that when the external 
B M F is applied to the copper anode the first process to occur utU be 
that the anode will go into solution, under normal conditions, there uall 
be no discharge of hjdioxyl 10ns accompanied by oxygen exolution 
The consecutive discharge of amons ma} be illustrated b} reference to 
the clcctrolj sls of a solution of neutral potassium iodide, such an electro- 
lyte contains iodide and hydrox}! anions ubose discharge (oxidation) 
potentials are about + 0 54 volt and + 0 81 volt, respectn ely IVhen 
tins solution IS electiolj zed employing platmum, oi other inert metal, as 
anode, it is exident that iodide 10ns i\iU be discharged preferentially 
If the supply of these ions is exhausted, or the current density is so lai^e 
that the iodide 10ns arc unable to more up to the electrode fast enough, 
liydroxyl ion discharge and oxygen evolution will occur 

Attention may be called, at this juncture, to an important matter in 
connection isith electrolysis and lontc discharge that is often not clearly 
undei-stood It is essential to distinguish cleaily between the 10ns tarry- 
mg the airreni to the electrodes and those actually discharged at the 
electrodes The carnage of current is determined by the concentrations 
and \ elocities of the i anous ionic species present in the solution, whereas 
the discharge potential is deteimined imunly by the reversible potential 
m the given solution of the particular ion discharged The two aspects 
of the problem are quite independent and should not be confused As 
long as the appropnate qumitity of efectncity is transferred across the 
solution and at the electrodes, it is immaterial which ions perform the 
respective functions In an acid solution of copper sulfate, for example, 
the current is earned towards the anode almost exclusively by sulfate 
ions and towards the cathode mainly by hydrogen 10ns and to some 
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extent by cupnc ions, nevertl eless, cupric ions only arc discharged at 
the cathode, if the c n js not too high, and hydroxyl ions, which play a 
negligible part m the carnage of current, are discharged at a platinum 
anode in the same solution * 

Decomposition Voltages of Aqueous Solutions —The foregoing dis 
cussion has been based essentially on the assumption that concentration 
changes are the mam source of polanzation, this is generally true for the 
discharge of most metallic cations, and also for certain anions, e g , the 
halogen ions When hydrogen and hydroxyl ions are discharged, hmv 
ever, the flow of an appreciable current is accompanied by polarization 
of a magmtude far in excess of that to be expected from concentration 
changes This fact, and others of interest, can be brought out clearly 
by measuring the decomposition voltage of an aqueous solution of an 
acid or a base, such measurements were first made systematically by 
Le Blanc (1893) The apparatus employed is similar to that represented 
in Fig 109, instead of measunng the potential of each electrode sepa- 
rately, however, the voltage across the electrolytic cell is measured, either 
by placing a voltmeter between the electrodes A and B or by connecting 
them to a potentiometer The external E m r is increased gradually and 
simultaneous measurements are recorded of the current flomng through 
the cell and the \oltage across it If the solution has an appreciable 
resistance, allowance should be made for the fall of potential i e , the 
so-called "IR drop," across the solution, this is equal to the product of 
the current I and the resistance R 
of the electrolyte between the two 
electrodes Proceeding m this man- 
ner, the plot of the current density 
against the cell \oItage is of the 
form shown m Fig 111, the voltage 
13 seen to increase rapidly at first 
while the current remains very 
small, but at a certain point there 
IS a sudden nse in the current and 
the voltage subsequently changes 
by only a small amount The volt- 
age at which the sudden increase of 
current occurs, viz , D m Fig 111, 
IS the decomposition voltage of the 
Fia III Variation of current density electrolyte m the cell Actually 
with cell voltage the nature of the current-voltage 

curve IS such that the point D 
cannot be determined precisely, in any event, according to modem views 
It has no exact theoretical significance The apparent decomposition 
voltage IS nevertheless of interest, for it gives an approximate indica 

‘ For a general treatment see Glasstone, ficAwf Same Rmew, 3^ (1935) 
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tion of the loinimum e m p tihidi most be applied to a particular solu- 
tion m order that currents of appreciable strength shall be able to pass 
lYhen the method juai described n as api^icd to the studj of aqueous 
solutions of acids and bases it nns found, proiuded smooth platinum 
electrodes Mere used as anode and cathode that the decomposition 
loltage Mas almost constant irrespectvte of the natuie of the electro 
Ijde The result-s obtained in a number of instances are quoted in Table 
LXX^ I, it IS endeot that the decomposition voltages of these solutions 

TABLE LXXVl PECOlTPOSITlOh VOLTAGCS OF ACIDS AND SASES IS AQCEODS SOIiUTIOSB 


Atid 

Volts 

Base 

toits 

H,P0, 

170 

b(CH,)OH 

174 

IDsOj 

ICO 

NH^)H 

174 

S^Qs 

ItM 

^.oioa 

16a 

CGI 1 CO 5 H 

U 6 

NHi(C,HdOH 

162 

HC10< 

}65 

KOH 

167 


are all in the i icinit} of 1 7 1 olts Id each case the passage of current is 
accompamed bj the eiolution of hjdrogcn and oxygen gases at utmos 
phene pressure and the theoretical loltagc for these piocesses to occur 
IS equal to tiie e m f of tlie reicrsiblc h)drogeii‘K)atgen cell This bmp 
for gases at 1 atm pressure is knomi to be about I 23 lolts at ordinary 
temperatures, irrespective of the nature of the electrolyte (of p 242) 
Since the actual decomposition \oItagc is much larger than this lalue, 
it IS evident that the flow of an appreciable current requiring the dis 
charge of hj drogen and hi droxyl ions al opprouahle rates, is accompanied 
by a relatn ely large polarization 

Tlie fact that the decomposition loltago is the same m solutions of 
different acids and bases led Le Blanc to cooekide that the same elecfcro- 
ly'tic processes occurred at anode and cathode res])ectivel} , in every case 
The only process winch could be common to all aqueous solutions is the 
decomposition of water re«uUmg m the discharge of hvdrogen ions at the 
cathode, to yield hy drogen gas, and of by droxyl ions at the anode, leading 
to the evolution of oxigcn gas In a soluUon of sulfunc acid, for ex- 
ample the only cations present aro hydrogen ions and so they must be 
discharged at the catliodc, tlie most abundant anions in the solution are 
the sulfate ions, and these undoubtedly carry the current towards the 
anode, but the hydroxyl ions are actually discharged in spite of their 
extremely low concentration in the acid solution Similarly, in a solu- 
tion of sodium hy droxide it is easy to understand that hydroxyl ions are 
discharged at the anode but according to Le Blanc liy drogen ions are 
discharged at the cathode, although their coneontration is very small 
A more complete picture ^ the mechanism of the electrolysis of water 
will be given later 

If the X lew s proposed above are correct, tlic decomposition voltage of 
neutral solutions of sodium sulfate, and sulfates and nitrates of alkali 
and alkaline earth metals generally, should also be about 1 7 \ olts but 
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the actual values are appreciably greater It must be remembered, hoR'- 
ever, that since the solutions arc not buffered, the discharge of hydrogen 
jons makes the solution alkaline in the vicinity of the anode, whereas the 


" volts, for this should be the ^ alue 
the same solution 
halogen acids are less than 1 7 
volts, as 13 evident from the values in Table LXXVII for N solutionsj/ 

TABLE ITEVn DECfllffOSITION VOlWOEfl Of N SOLUTIONS OF HALOOEN AODS 
Hydrocbloric acid 1 31 volts 

Ilydrobromic acid 0 94 

Ilydriodic ac d 0 52 

hydrochloric, hydrobromic and hydnodic acids The products of dec 
trolysis arc, however, h}drogen and the approprate halogen, and not 
oxygen, the discharge of hahde ions evidently occurs more readily than 
that of hydroxyl ions and the ultimate electrolytic process is the dccom- 

t > • - 


at the anode contains considerable proportions of oxygen Attention 
may be called to the fact that the decomposition \oItages of the halogen 
acids, as given in Table L\X\n, arc very close to the theoretical re- 
\GrgibIe values for the dischai^e of hydrogen and halide ions It is 
evident, therefore, that the polanration accompanying the discharge of 
these ions at platinum electrodes is small The relatively high polariza- 
tion accompanying the electrolysis of other acids must, therefore, be 
associated with the discharge of hydroxyl ions and the evolution of 
oxygen This accounts for the (net that chlorine is liberated in preference 
to oxygen when n hy drochlor c acid is clectroly zed, although theoreti- 
cally, if there were no polanzation, hy droxjl ions should be discharged at 
about 1 2 volts before chloride ions at 1 3 volts 


Overvoltage “Although the decomposition voltage of an aqueous 
solution of an acid or base is about 1 7 volts with smooth platinum elec- 
trodes, the value is different if other metals are employed as the electrode 
matenal This dependence of the decomposition voltage and discharge 
potential on the nature of the electrode had been known for many years, 
but it was not studied in a systematic manner until 1899 when Caspari 
observed the potentials at which viable evolution of hydrogen and oxygen 
gases occurred at cathodes and anodes, respectively, of a number of 
different metals * The difference between the potential of the electrode 
* Caspari Z physii 30 89 (1899) 
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,c/' 

■nhon gas e’iolution was actual!} obsened and the theoretical re\ersible 
^ aluo for the same solution was called the overvoltage * It is not certain 
if the point at wbch visible evolution of hydrogen or 0 x 3 gen gas m the 
form of bubbles lias an} theoretical agmficance although the potential 
conesponds approximate!} to that where appieciable current begms to 
flow (cf point D on Fig 111) nevertheless the results are of practical 
interest m connection wnth the po'^bility of hydrogen evolution as an 
altemativ e proee'js in electrolytic reduction and metal deposition In 
order to distinguish between the ovenolt^e corresponding to the com 
mcncement of gas ev olution and the value at a definite c n , the former 
i^s been refeiicd to as the “minimum overvoltage'’ The adjective 
minimum is <?omew hat misleading how cv cr, since h} drogen evolution 
IS possible at lower ovenoitages the term ‘ bubble overvoltage ’ will, 
theiefore be emplo}cd as it gives a more exact descnption of what is 
measured Some results obtained with a number of cathodes m ^ sulfunc 
acid and anodes T m x pota«ium hv droxide for h} drogen and ox} gen 
evolution, respectiv civ , at ordinary temperatures are given m Table 
LXA.VIII The ovenoltagevalucsarenot exact because they are diffi 

Tvflu: ixx*vin cathodic ax'd anodic (buiidlb) overvoltages 



H> drogen 

Oxygen 

Dcctrode 

Overvoltage 

Oveivoltage 

Phtmizcd Platinum 

~ 000 volt 

0 21X011 

Palladium 

~000 

0 43 

Gold 

002 

OoS 

Iron 

OOS 

0 2o 

Smooth Platinum 

009 

04o 

Sliver 

015 

0 41 

hickcl 

021 

006 

Copper 

023 

— 

Cadmium 

04$ 

043 

Tin 

053 

_ 

Lead 

0C4 

031 

Zinc 

070 

— 

Mercury 

078 

- 


cult to reproduce with any degree of precision, changes often occur with 
continued electrolysis, and the results are also dependent on the state of 
the electrode surface The latter fact is brought out m a stnkmg manner 
by companng the overvoltages at smootli and platuii^sed platinum elec 
trodes The bubble overvoltages for h} drogen are almost independent 
of pH although there is sometimes a small decrease m alkaline solution 
Anodic overvoltages are even Jess reproducible than are those accom 
pan} mg h} drogen ev olution, and there is Uttle definite information con 
cerning the influence of pH it is probable hovvevei, from the fact that 

*The ongna! word used by Caspan was Ubei^nnung t is translated as 
overvoltage or overpntential ’ 

I Tbe anodes are passve and do not diffioke to any appreciable extent see 
Chap XI\ 
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the decomposition voltages of acid and alkaline solutions are the same 
that the oxygen overvoltage, at least for platinum, is approximately 
constant Both cathodic and anodic overvoltages decreaso vath increas 
mg temperature the exact extent is not known, but it is generally about 
2 millivolts per degree 

It has been seen that aceordii^ to the results m Table L\XVII, 
there is little polanzation accompanying the deposition of the halogens 
at a platinum anode Experimental work on the overvoltage of halide 
ion discharge is limited by the fact that many metals are attacked and 
pass into solution, with the exception of carbon however, halogen over- 
voltages appear to be very emaH at most anodes 

Since the point of bubble evolution represents a more or less indefinite 
rate of discharge of hydrogen and hydro’ll ions recent work on over- 
voltage has been devoted almost exclusively t£> measurements made at 
definite c n 'a it is then possible to obtain a more precise comparison of 
the potent ala, in excess of the reversible value, which must be applied 
to different electrodes m order to obtain the same rate of ionic discharge 
in each case The details of the methods of measurement and a dis 
cussion of the results will be given after the general problem of the 
mechan sm of electrode processes has been considered 

Metal Deposition Overvoltage —Although concentration changes are 
probably the most important source of polarization accompanying the 
deposition of a metal on the cathode there is evidence of an overvoltage 
due to other causes As a general rule, this overvoltage is not large, 
although it IS considerable, e g , about 0 2 to 0 3 volt, for the deposition 
of iron, cobalt and nickel at appreciable rates, the behavior of the iron- 
group metals is exceptional id this respect It is possible that other 
elements of Group VIII of the periodic classification require a definite 
overvoltage for deposition at an appreciable rate, but there are no data 
in this couaecUou It ruAy be mcutiioued the diwlutK^n of anodes 
of iron, cobalt and nickel is also accorapamed by marked polarization, 
th s IS quite large at ordinary temperature but decreases rapidly as the 
temperature is raised Anodes of these metals readily become passu e 
and then they almost completely cease to dissolve, this aspect of anodic 
behavior is treated more fully in Chap XIV 

Another form of polarization in metal deposition has been observ cd 
m certain instances when the metal is deposited on an electrode of a 
different matenal, e g , of silver on platinum and of mercury on platuium 
and tantalum The mit al deposition potential exceeds the reversible 
value by a relatnely large amount, but as the c d is increased and the 
electrode surface becomes covered with tie metal beng deposited, the 
potential falls back to normal 

Mechanism of Anodic and Cathodic Phenomena— Haimg given a 
brief review of the simpler phenomena observed at anodes and cathodes, 
It IS opportune, before proceeding to discuss them in further detail, to 
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consider the general problem of the processes occurring at electrodes when 
there is an appreciable passage of current \Vhen an electrode is at its 
reversible potential an equilibrium exists between the material of the 
electrode and its ions m solution in these circumstances the rate at which 
the ions are transferred fiom the electrode to the solution is equal to the 
rate of passage m the opposite direction (cf p 250) Hinder equilibnum 
conditions, therefore, there is no nd flow of cuirent although equiialent 
currents are actuallj passing in opposite directions If the electrode is 
to be made a cathode or an anode ui an electrolj tic cell, so that there is a 
resultant flow of cuirent, the difference of potential betw een the electrode 
and electrol} te must be made larger so that the rate of the appropnate 
reaction is increased, the relation between the current strength and the 
potential depends essentiallj on the nature of the slow stage w hich deter 
mines the rate of the electrode process 

The continuous discharge of ions at a cathode involves three main 
stages these are {!) transfer of ions from the bulk of the electrolyte to the 
lajer of solution m contact with the electrode by diffusion or other 
process, (2) discharge of the ions to foim atoms on the electrode, and 
(3) coni ersion of the atoms to the normal stable form of the deposited 
substance In the case of the deposition of a metal, for example, the 
third stage maj represent migration of the atoms from the pomts at 
w hich tiiey arc deposited to stable positions m the cr} stal lattice When 
hydrogen is being evolved the corresponding process would be the com 
bination of the atoms to form h)drogcn molecules which are evohed m 
the {orm of bubbles of gas at atraosphenc pressure Any one of tho tlirec 
stages mentioned aboio may be the slow, rate-determming one for a 
given electrode process, different stages ma} be ratc-dctcrminmg under 
diffeient conditions men for the same electaode leaction The conse 


quences of each of the three stages being 
the slow process in metal deposition will 
Ivi ewjsi/kced v). tiico., tbi ^rohl/jns. of 
hydrogen and oxjgen menoltage are 
somewhat more miolved and so theywill 
be treated separately 

I Ionic Diffusion as the Slow Process 
—When diffusion is the rate-deterramuvg 
stage in the discharge of ions, the condi 
tions are those resulting lo the so called 
concentration polarization Owmg to the 
relative slow ness of diffusion, the concenr 
tration, and activity, of the ions at the 
electrode surface differs fiom that m the 



Fiq 112 Diffusion layer at 
electrode surface 


bulk of the solution, there will consequently be a concentration gradient 


m passing from the electrode to the electrolyte This concentration 
gradient will, theoretically, extend to a considerable distance into the 
solution, as indicated by the curve KLM m Fig 112, where K repre- 
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gents the concentration (Ct) at the electrode and U is the value (c) m the 
bulk of the solution It ts con'enient, hotvever, to consider this gradient 
as mathematically cquualent to a linear gradient KN, the distance 
from i to 13 then referred to as the thickness of the diffusion layer. 
The actual diffusion layer extends from K to ilf, but the general practice 
IS to regard it as extending effectively from A' to iV ^ 

According to Pick’s law, the rate of diffusion of a particular ionic 
species across the layer AA^ is given by the expression 


d$ 

7t 


AD 


(fl “ dc), 


( 1 ) 


where A is the exposed area of the electrode surface, D is the diffusion 
coefficient of the ions, and 5 is the thickness of the hypothetical diffusion 
layer, the activities of the ions under consideration at the two faces of 
the layer aro taken as a on the solution side, and o^ at the electrode 
surface * ^Vhen equilibrium is established at a cathode, the rate of dis- 
charge of the ions by the current will be equal to the rate of diffusion to 
the electrode, as given by equation (1) If 1 is tie current density, i a, 
the current strength per unit area, so that A m equation (1) is unity, 
the rate of discharge of ions is equal to //nF, where n is the number of 
electrons invohed m the dischaige proce^ f and F, the faraday, la the 
quantity of electricity carried by one equivalent, it follons, therefore, 
that 


nF 




/ = 


DnF 


(c - a,) 


( 2 ) 

(3) 


In this deduction it has been assumed that the ionic species which is 
being discharged is brought up to the electrode by diffusion only, in 
general, hoTvever, some of the cations will be transported to the electrode 
by the normal process of transference If /+ is the transference number 
of the discharged cation withm the diffusion layer, the rate at which ions 
are brought up to an electrode of unit area is f+I/uF, at equilibnum the 
rate of lomc discharge is equal to the sum of the rates of diffusion and 

JO ri r • JTIiT, Km *. T .♦ ^ n.J OnJ n* ~ »' tfllP PJ>on 


trations which is employed m equation (1) 

t In the case of metal deposition this w of course equal to the valence of the ion, 
the more general form is used however beause the resulting equations are extended 
later to other electrode processes 
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iransference so that 


nl 




1 = 


DnF 

(i-4)5 


(fl - a,) 


DnP 

ts 


(a - Oc), 


(5) 


\\hcre /, ritten in place of I 4) represents the sura of the transference 
numbers m the diffusion layer of all the ions other than the one being 
dischaigcd Replacing the factor DriFItS m equation (5) by I, for 
brcMtyj it follows that 

I ~K(a- a,), 


fle 


I 


( 6 ) 


If the electrode processes, otiici than diffusion arc all rapid, the 
catliodfi potential i\ill be almost identical with the reversible value foi 
an ionic activity equal to i e , the aclual value at the electrode surface, 
hence, 

RT 


^\Tien no current is floving the reversible potential of the electrode is 
determined by the activity o, i e , the value in the bulk of the solution, 
tiius 


c = z;.-fi„a 


The nuraerjivaJ magnitude of the cnncpjitration paJarmtion AE is equal 
to the difference between Ec and E,ie, 


AE = Ee — E ~ 


Rf . a 
“Trm 
nV a. 


and inserting the value of ac given by equation (6), this bscomes 


AE 


RE U 

''nP 


(7) 


It IS seen from this result that the extent of concentration polanzation 
for a giv pn current density is smaller the gi eater the activity, or concen- 
tration, of the ions in tlie bulk of the so/uttoa, further, AE can he de- 
creased ])} increasing the factor k and tbs can be acbeved eithei by 
dtci easing the thickness of the diffusion layer, eg, by agitatmg the 
solution or by increasing the diffusion coefficient D of the ions, e g , by 
raising the temperature 
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The general form of equation (7) is aich that for relatively small 
values of the current 1, the concentration polanzation is small and 
approximately proportional to I, as the current is increased a stage is 
reached, however, at which increases 
rapidly It w evident from equation (7) 
that this will occur as the value of 1 ap 
proaches far and m fact when 7 is equal to 
ha the concentration polanzation should, 
theoretically, increase to infinity Actually, 
of couise, a finite increase of potential 
occurs, as shown in Tig 113, until the dis 
charge of another cation, e g , hydrogen ion, 
can take place The current densitj at 
which the rapid mcrease of potential is ob- 
served is called the limiting current den* 
siQr (/rf), because it represents the limiting 
(maximum) rate at which the particular 
ions can be discharged under the given ex 
penmenlal conditions If an attempt is 
made to increase the curreut above this 
value the potential must rise until another cathodic process is possible 
The magnitude of the liinumg cd is given by equating la to U and 
inserting DuFfti for k, thus 



Fta 113 Thebnuting 
current density 


h 


— a 


( 8 ) 


the \alue is seen to be proportional to the activity, or concentration, of 
the ions being discharged Comparison of this equation with (5) shows 
that when the limiting c d is reached the concentration or activity (oj) 
of ions at the electrode has fallen to zero, it is evident, therefore, that the 
rate of diffusion of lona to the electrode must be then a maximum 

If the ka terms in equation (7) are replaced by h, the result is 

which 13 the form in which the magnitude of the concentration polanza 
tion IS frequently expressed * 

Thickness of the Diffusion Layer —Since the magmtude of the limit- 
ing current can readily be determined expenmentally by gradually in- 
creasing theCD until the rapid mcrease of potential (Fig 113) is observed 
it IS possible to utilize equation (8) to calculate the thickness 5 of the 
diffusion laj er For this purpose it is desirable to introduce into the 
solution an excess of an indifferent electrolyte which carries the whole of 

* Bowden and Agar, Ptoc Roy See , IWA 2)6 (1938) 
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tire cuirent, under these conditions I is unity, and so equation (8) becomes 


h- 


DnF 


( 10 ) 


The limit uig current as gi\ cn by equation (10) is often called the difiusion 
cunent, since it is a measme of the maximum rate at nhich the dis 
charged ions can be brought up to the electrode by diffusion alone 
Trom this equation it follows that 


Dnr 

5 = 

Id 


( 11 ) 


The diffusion coefficient of an ion, m cm ^ sec units, can be expressed 
m terras of its equivalent conductance X, in ohras'^ cm 2, by means of the 
1 elation 


so that 



, \RT nc 

'=T t ; 


■uhere the actuntj a in equation (II) has lieen replaced by the concen- 
tration c of the 10ns 111 the bulk of the solution Inserting the \ alue of 
R in joules, 1 e , 8 313, and f m coulombs, 1 c , 96,500, the thickness of 
the diffusion layer m centimctcra is giien by 

S = 8 62 X 10 ‘^cm, (12) 


the concentration c being m g-ions par cc of solution 

Although equation (12), and those preceding it, were derived for an 
electrode process mvohing the remoial of a cation, they apply equally 
to any cathodic process m nhich diffusion is the rate determining stage 
Such processes of particular mterest are electrolytic reduction reactions, 
especially when the system involved gii es a rei ersible oxidation-reduction 
potential Foi example, if file solution contains feme ions, the} can be 
reduced at the cathode to ferrous ions and the potential is determined by 
the ratio of the actnities of the tno ions in the immediate vicinity of the 
inert, e g , platinum, electrode As reduction proceeds the feme ions 
used up are replaced by diffusion, but the concentration at the electrode 
surface is al\\a}s less than in the bulk of tlie solution, if the current 
density is increased to the limiting value the feme ion concentration at 
the cathode is reduced to zero, and the rate of diffusion of the ions to the 
electiode is then a maximum for the given conditions It is seen, there- 
fore, that equations (10) and (11) will hold for this particular process, as 
well as for other analogous electrolyfac reductions, provided equilibnum 
between the oxidation-ieduction system and the electrode is established 
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mpidb , in thc^c ciscs n represents the number of electrons diPcrcncc 
between the oxidized and reduced states 

There is nothing m the foregoing discussion that restricts it to renc- 
tions at the cathode or to ions, it holds, in fact, for any electrode process, 
either anodic le, oxidation or cathodic i c , reduction using the terms 
oxidation and red iction in their most general ecnie, in w Inch the con- 
centration of the reactant is decreased by the electrode process proxnded 
the potential-determining equilibrium is attained rapidly The funda- 
mental equation (10) is applicable, for example, to cases of reversible 
oxidation of ions c g , ferrous to feme, ferrocj anidc to feracyanide, 
lod de to iodine as well as to their reduction, and also to the oxidation 
and rcduct on of non ionized substances, such ns hydroquinone and qu 
none, respectively, that give dcfiiiite oxidation reduction potentials 



Fio 114 Liinitjngcurreiitinf(Tn)uschbndesoIuliQas(XVil«5tiiinil'iout*) 

Numerous experiments have confimicd the general accuracy of equa- 
tion (10), the limiting c d has been found to be proportional to the con 
ccntration of the species that is removed at the electrode This fact is 
illustrated bj the curves in Fig 114 wluch eJiow the variation of the 
potential of a platinum anode with increasing co in a genes of hydro- 
chloric acid (I 5 n) solutions of ferrous chlonde with concentrations in 
the ratio of 1 2 4 8 the bmiting current, represented b) the hon 
zontal portion of the cun c in each case, is «!cen to increase in almost tlio 
same proportion * The ineasureracnta were made nt 27®, and at thw 
temperature the ionic conductance of the ferrous ion m 1 5 \ hjdro- 

*WiI‘K)Q8ndy£iut* Ind Eng Cfm 15 €03 (1523), eee also, Glasstono and Itej* 
Holds Trans Faraday ^'oc 29 599(103$) 
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cillonc acid is about 40 ohms"^ cm ' it is therefore, possible to calculate 
the thiclaie’''S of the diffusion lajm- foi the ^a^ous solutions of feme 
chloride liy means of equation (12) The results obtained are recorded 
in Table LXXIX, it is ccen that m spite of the eight-fold change of con 

TABLE LXXIA miCKVESS OP THE LimjSlON LATEB IN FERHOCB CHLORIDE SOLUTIONS 


FeCl conen 

Moles per ec 

/rfomp 

3 cm 

02oOX10 3 

OSoS 

OOjO 

0i2o 

0177 

OOoO 

0 0G2o 

0031 

0 0o4 

00312 

0038 

OOoS 


centralion, the effectn e thickness of the diffusion la^ cr is approximately 
0 05 cm The electrode used in the work \ias 66 sq cm in area, and 
similar values for 5 haie been obtained with 'lerj much smaller elec 
trodes, some u orkers are of the opimon that the thickness of the diffusion 
lajer depends to a ccilam extent on the size of the electrode, but the 
effect IS certainij not large Further a laluc close to 0 Oo cm for 5 has 
been found for electro!) tic processes of x anous types x iz deposition of 
metals, discharge of anions, and elcctroljtic oxidation and reduction in 
stationar) aqueous solutions at ordmarj temperatures 

For most ions the cquixalcnt conductance m solutions of appreciable 
concentration is about 50 ohms * cm and if 5 is taken as 0 05 cm at 
20“, it folloxvs from equation (12), after rearranging that 

Jd = 0 025cn (13) 

XI here c is noxx the concentration of the electrolytic reactant m moles or 
g ions per hfer, the limiting current dcnsit)/rf being m amps persq cm® 
Stnctl) speaking equation (13) is applicable to anj ion or molecule x\ hose 
diffusion coefficient is 1 3 X lO*’-’ cm * sec i e , 1 1 cm day"h xxhich 

a mean xaluc for a number of substances at ordmar) temperatures 
If the diffusion coefficient is greater or less than this xalue, the factor 
002o m equation (13) is increased or decreased pioportionately For 
quinonc foi example, D is about 0 8 cm da)'"*, and so the appropriate 
form of equation (13) xx ould be “ 0 OlScn m this case n is 2 so that 
the limiting c d is 0 036c 

Although equation (13) is approximate only it is of considerable 
piactical value, for it can be pmplo}ed to calculate the limiting c d for 
metal deposition or foi electro!) tic oxidation or reduction m a solution 
of knoxx n concentration Prox idcd the potential at x\ Inch the particular 
process occurs is bcloxx that of an alternative process, eg, h)drogen 
cxoiution at a cathode oi ox)gen or halogen evolution at an anode, the 
cuirent efficieiic) xxill be 100 per cent as long as the limit ng c d is not 
exceeded If the current is increased above the bmitmg value for the 
given conditions the efficiency of the mam process must inevitably fall 

'Glasstone Trans Ekaroclm Soc 59 237 (1931) 
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below 100 per cent, and part of the current will be devoted to another 
reaction It should be remembered, of course, that as electrolysis pro- 
ceeds the concentration in the bulk of the solution of the substance used 
up at the electrode must inevitably dcereise, unless it is replaced m some 
manner It follows, therefore, t^t the limiting cp for lOO per cent 
efficiency vill gradually fall off 

Influence of Temperature and Agitation —If the solution is agitated 
m any manner or the temperature is raised, the effective thicknes<? of the 
diffusion layer is diminished In the former case the decrease depends 
not only on the rate of agitation, but also on the type of device employed 
for stirnng the solution, no matter what form of agitation is used, how- 
ever, the d ffusion layer cannot be entirely eliminated and it appears to 
approach a limiting thickn^ of about 0 001 cm The question of the 
mfluence of temperature on the thickness of the diffusion layer is some 
what uncertain, but in the expenence of the present wnter the value at 
70° is about one-third of that at 20°, m a stationary solution The 
diffusion coefficient of most substances m aqueous solution increases by 
about 2 5 per cent per degree, this being the coefficient of decrease of 
Viscosity, It follows, therefore, that the limiting current is just over four 
times as great at 70° as at 20° This increase is small compared with 
that which results from agitation of the solution It is the practice, 
therefore, m metal deposition, and in other aspects of electrolytic work, 
to maintain efficient circulation of the solution, the current density can 
then be raised quite considerably and 100 per cent current efficiency 
maintained 

The Dropping Mercury Cathode —An interesting application of the 
principle of the limiting, or diffusion, current is to be found m the drop- 
pmg mercury cathode, which was firk adapted to the purpose described 
below by Hejrovsk^ in 1923 The procedure emplojed m connection 
with this form of cathode can be eaplaioed with referonce to the diagram- 
matic representation of the apparatus in Fig 115 The flask A contains 
the experimental solution which can be saturated with hydrogen by 
passing the gas through the tube B, mercury from a reservoir G falls 
through the solution from the end of the capillary tube D at a rate of 20 
to 30 drops per minute These drops act as a cathode which is being 
continuously renewed A mercury layer B at the bottom of the \ essel 
acts as the anode, electrical connection being made by means of a sealed m 
wire The anode {E) and cathode (C) are joined to the positive and 
negative poles, respectively, of a battery B, and the applied voltage is 
vaned by moving the contact G along the potentiometer wire HI, the 
current strength is indicated by the galvanometer J across the terminals 
of which IS connected a shunt ^ so as to permit the sensitiuty of the 
instrument to be varied at will Smee the anode has a large area and the 

' For complete review with references see Kolthoff and Lingare Chem Reis, 2i 1 
(1939),' Polarography” 1941, also Muller, ^,24 95 (1939) vonStackelberg, 
’’ EUUwkm,i5,m (1939) 
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current is generally very smaU, mss , of the order of 10-« amp , the polan- 
zation at this electrode is neghgible and ife potential may be regarded as 
constant If this is measured, by comparison mth a standard leference 
electiode, the potential of the cathode can be determined from the total 



E M F across the cel! The latter includes the IR drop (cf p 440), due 
to the resistance of the clcctiolyte, whicli vanes w ith the current strength, 
as a general rule, hoi\eicr, the vanation is small, but allowance for it 
can be made d necessary In order to eliminate the possibility of polan- 
/ation at the anode, some workers employ a sepaiate non-polan/able 
anode consisting of a large calomel electrode, the potential of this elec- 
trode has a known constant value, and so the evaluation of the cathode 
potential is facilitated 

As the E M F applied to the cell is increased, the potential rises rapidly 
at first until a cathodic process, e g , deposition of a metal or electrolytic 
reduction, that is, reduction m its widest sense, can occur, as mth a 
stationary electrode (cf Fig 113), the current can now increase with 
relatively little increase of potentml, until the limiting current for the 
particular species undeigomg reduction is attained The steady increase 
of the applied e m f causes the cathode potential to increase until another 
reduction process can take place, when, once again, the current increases 
to the limiting value It is seen, theiefore, that as the contact G is 
moved from 1 to H, thus increasii^ the e u f between the electrodes C 
and B, the current increases m a senes of “waves,” each wave repre- 



POWRIZtTICN AND O^ER^DLTAGf: 

fcntinfi the cUctro-reduction of a pvticuliir species The complete 
curmit-Noltasc wr\c u of the form tn Fig 116 uhich uas ob* 
tamed ttith a solution of 0 1 n calcium chlondo * containing copper, lead 
cadmium 2 irc, manpneac and banwni ions at concentrations of J(H 
g ion per liter the v>a\(a for the deposition of the rc'^peclne ions arc 
indicated This curv'c tras ohtaiflcd b> means of m automatic register- 



Fio 116 Pobrographic craves (Tleyrovskf) 

tag apparatus knorm as a polaiograph, the potentiometer /// consisia of 
a number of turns of mro rvound around a rotaUnff drum, the coatact t? 
being fixed In this wa} the applied e sir is \anod in a regular, 
known manner The corresponding current etrength is registered photo- 
graphically by the light reflected from a mirror galionometcr on to a 
sheet of sensitized paper attached to a rotating drum 'vhich is ^mchro- 
nized With the one carrjing the potentiometer Wire The resulting cun e 
IS known as a pokrogram, the mam wa'cs represent succcs'JliccathodiC 
reduction processes while the small oscillations are caused bj the changes 
in the area of the cathode during the growth and detachment of the 
racrtiurj drops B> using a galvanometer with a rclalnel} long period 
of swing, the effect of changes m drop size is great!} minimized 
The conditions at a dropping mwcurj cathode arc clearly different 
from those at a stationarj electrode, and the limiting current, or diffuflon 

• Thu ulhciiKalld' ground gdutioR that «rvM to canj the current 
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current (Id) as it is more frequently called in this work,* is given by the 
more complicated expression 

Id = 0 Q27nrmn'>^D^!% (14) 

V here n, F, D and c hai e the same significance as before, m is the mass 
of mercur}^ dropping per second and t is the average time per drop ® 
The values of m and t vary to some extent w itli the actual cathode poten- 
tial liecause of the corresponding changes in surface tension, but in the 
1 icimty of the potential for any particular elcctio reduction process they 
may be legarded as constant It then follows from equation (14) that, 
as m the case of a stationaiy cathode, the magnitude of the diffusion 
current, i e , the height of the polarognphic waic, is proportional to the 
concentration of the species bemg reduced It is seen, therefore, that 
the dropping mercury cathode can be utilwed for quantitative analytical 
purposes It is not necessary actually to determine m, I and D and to 
use equation (14) directly, the apparatus is generally calibrated by solu- 
tions of the reducible species at known concentrations The polaro- 
graphic method of analysis can be used \vith solutions as dilute as 10"^ 
mole per htcr Since the area of the mercurj' drop cathode is so small, 
the actual current is only about 10"* to 10"* amp , the concentration 
changes of the bulk of the experimental solution are negligible, and so 
scNcral polarograms can be iccorded in succession without any difierence 
bemg detectable 

One great advantage of the polarographic method of analysis is that 
a scries of reducible substances, whether they are ions or molecules, can 
be estimated in one solution The method lias also been applied to the 
determination of a number of orgamc compounds, e g , aldehydes, ketones 
and nitro-compounds Dissolved oxygen gives a definite polarographic 
wave which can be used for analytical purposes It is because of the 
reducibility of 0x3 gen that precautions must, m general, be taken to 
remove traces of this gas from the cxpcnmental solution by the passage 
of a current of hydrogen or nitrogen 

The Half-Wave Potential —In the preceding descnption of the ana- 
lytical applications of the dropping mercury cathode it has been supposed 
that the nature of the reducible substance has been determined and that 
the position of the coi responding wave on the current-potential curve is 
known If the substance has not been previously identified, however, it 
Ls possible to do so by means of the polarographic curve The reducible 
matenal is charactenzed by its half-wave potential; ® this is the potential 

* The di5us:on current as defined here is the actual current, and not the current 
density 

‘ Ilkovie, Coll Czech Chem Comm , 6, 498 (1934), 10 249 (1938), J chm phjs , 
35, 129 (1938), McGillavr} and Rideal, Rec trav chuti , 56 1013 (1937), McGiUaviy, 
ilnd , 57, 33 (1938), Kolthoff and I inganc, J Am Chm Sor 61, 825 (1939) 

’Heyrovsky and Ilkovic, Coll Czech Chem Comm, 7, 198 (1935), KolthoS and 
Lmganc, Chem Revs , 24, 1 (1939), I mgane J Am Chem Soc , 61, 2099 (1939), see 
also, Mailer and Baumberger, Trans Ekdroekm Soc, 71, 181 (1937), Muller, Chm 
Revs , 24, 95 (1939), Cold Spmg Hmior Symposia Qmnl Biol , 7, 59 (1939) 
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at the point of inflection ' " ’ " way up 

its polarographic wa\e, a of the 

half wave potential can b ehsvior 

of an oxidation reduction system Suppose, for example the solution, 
which has a definite pH, contains quinone, at the dropping mercury 
cathode this is reduced to hydroqmnone and the reversible potential of 
the system as it exists m the immediate vicinity of the drop will be regis- 
tered on the polarogram At Ac bottom of the current-potential wave 
the solution at the electrode surface consists entirely of qumone while at 
the top of the wave the concentration of quinope js reduced to zero and 
the solution must contain hydroquinone only The polarographic ^ave 
in this case is consequently identical m nature with the oxidation redue 
tion curves shown in Fig 81 on page 280, 
at the midpoint of the wave the solution 
jh contact with the mercury drop must 
contain equivalent amounts of the qumone 
and hydroquinone and so the half wave 
potential is clearly the standard potential 
of the oxidation reduction system This 
conclusion must hold irrespective of the 
coDcentration of the bulk of the solution, 
for the oxidation reduction potential de 
pends only on the ratio of the oxidized to 
the reduced state, end this must always 
be umty at the middle of the current- 
potential wave The half wave poten- 
j-otiBtifti IS thus a eharactenstic property of 

Fia 117 The half wave potent al the given oxidation-reduction system and 
can be used for its identificatiofl, as well 
as for other purposes e g determination of pH's estimation of stand 
srd potentisls etc 

Although it can be readily seen that the half wave potential is char- 
acteristic of au oxidation reduction system, this is not so obvious when 
metal deposition is occurring At the midpoint of the polarographic 
wave the concentration of the ions being discharged is half the value m 
the bulk of the solution and hence it would appear, at first sight, that 
the potential should depend on the actuid lomc concentration of the 
electrolyte This would be true if the cathode consisted of the pure 
metal that is being deposited, but with the dropping mercury cathode an 
alloy is formed whoso concentration vanes from zero at the beginning of 
the wave to a value at the end of the wave that depends on the magnitude 
of the diffusion current and hence on the concentration of the electrol) te 
The potential of a metal m contact with a solution of its ions should be 
expressed (cf p 228) m the form 

„ ST. Oil* 

E » const — ^in — > 

iF Om 
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■nhere Ou represents the uctnit} of the metal and that of the ions in 
colution, for approMmatc purposes this m iv be ^vntten 

p liT C\I* 

B = const — pin — > (15) 

nherc c\i and c\i* ire the corresponding concentrations Suppose a 
solution of M+ ions of concentration cm is reduced at the dropping mer 
cur> cathode, and the ina\iim«n concentration of the metal M m the 
amalgam formed in the drops is G\i, at Uie halC-v, a.\ e point, the respective 
concentrations it the drop surface nill be and lc\t, respectn ely, so 
that the potcntid is gnen b} equation (15) Imagine, now, that the 
solution Ls diluted to a fraction i of its onginal value, i e , to xCbi*, the 
concentration m the Mcinifi of the mcrcurj drop at the midpoint of the 
polarographic -n aa c is Iicm* Since the concentration of the bulk of the 
solution IS reduced, tlic height of the nave mil be decreased to the same 
cvlcnt, and consequently so also mil be the mavimum concentration of 
metal m the amalgam, tlie latter is thus xcm, and the concentration at 
the half iiaic potential is ncm ]xc\t Since the concentrations of both 
the ions m solution and the met il m the cathode hav c been reduced m 
the same proportion the potential is still given bv equation (15) The 
halMiftve potential should thus he a definite property of the deposited 
ions and not of their conccntiation ni the solution this cvTiectation is 
borne out bj the results in labic LXXX foi solutions of different con- 


TABin LXxx roLAfWOTiArirtc OAir potevtiais in 0 1 v poTASsnm chlobidb 


ConccntMlion 

Molrt per 1 1 r 

Tl* 

Pi. 

1 

Cd 

7n 

01X10> 

1 -0 02 

1 -om 

_ 


02 



-0.J94 

1 - 0990 

05 

-0 4>7 

-0390 

-0j93 

- 0989 

10 

' -OJGO 

1 -0392 

-0o94 


20 

- 0 !jG 

-0307 

- 0 001 

- 0099 



i 


i -om 

100 

j -O5o0 

-0308 

-OGOa 

-1003 


centrations The potentials recorded arc mth reference to the calomel 
electrode containing saturated pota-ssium cblondc, the “ground’ electro 
iyte employed in each case ^as 0 1 n potassium chloride and the obser 
vations iiere made at 25® 

Diffusion at the Anode —Concentration polarization at an anode pro- 
duced by the dissolution of tJie metal under the mauence of current is 
similar m many respects to that due to the reverse process, i e , ionic 
discharge, at a cathode, there is, however, one important difference, 
which makes the effect of a given current smaller at an anode tlian at a 
cathode Provided the thickness of the diffusion layer remains nn- 
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changed, a current density which m a particular electroljte Is largo 
enough to reduce the concentration of M"*" ions at a cathode almost to 
zero, will merely double the concentration if applied to an anode of the 
metal M in the same solution, assuming the anode of M to pass into 
solution as M+ ions Since the magnitude of the concentration polanza’ 
tion depends on the ratio of the concentration of the ions at the electrode 
surface to that in the bulk of the electrolyte, as seen above, it follows 
that it will be very much greater at a cathode under these conditions 
than at an anode 

The same conclusion may be reached more precisely by following the 
same treatment as w aa adopted in the discussion of concentration changes 
at a cathode Since the lomc concentration at the electrode c< is now 
greater than m the bulk of the solution, it is possible to derive an equation 
which is exactly analogous to (6), except that a and a, are rev ersed, viz , 


I 



nhere k has the same significance as before If the diffusion laver has 
the same thickness as for a cathode under the given condition"!, k may 
be replaced by hla where Id represents the catkedte limiting current for 
the electrolyte being employed It follows, therefore that 

la 


and since the numerical value of the concentration polanzation js now 
given by 

nF a 

the result is 


A£ a ~=-ln — ji — I 
nF U 


( 16 ) 


which may be compared with the corresponding equation (9) for con- 
centration polanzation at a cathode It is at once apparent that when 
1 19 equal to Id, the anodic polanzation according to equation (16) is 
relatively small, viz , {RT/nP) In 2, whereas at a cathode the polariza- 
tion becomes very large ” 

Ideally, there should be no limit to the m^mtude of the c d for the 
dissolution of a metallic anode m actual pmctic^ however, such a limit 
IS, in fact, observed The reason is that the solution m the vicinity of 
the anode becomes saturated with the particular salt that is formed, and 
this begins to crystallize on the electrode, thus reducing its exposed area 
and increasing tlie effective current density The phenomenon of pas- 

•" Bowden and Agar Proc Roy Soc I69A 206 (1938) 


IONIC DISCnAnCF 16 THE SLOIT PROCESS 


459 


'imtj inll then gcnerilh be c'^t^blished and tiiere is a complete change 
m the beliaN lor of the inode as descnbed in Chip \n 

Limiting currents it the inode \nll ofcoure beobscned just as at 
a cathode u hen ions eg fenous ions or other oxidizable substances 
eg hi droquinonc pie^ent m the eolution are u«ed up at the electrode 
during tiie pi'^sigc of current Another instance of the occurrence of 
anodic hmitmg currents i when the di's olution of tl c metal results m a 
reaction v. Inch u«es up anions fiom the electrch te i simple example is a 
sill er inode in a cx anide solution The maximum rate at ivhich the 
anode can d^'^oKc to form \g(C\)“ ions depends on the maximum rate 
of diffusion of the cx anidc ions to the electrode the limiting c d •mil be 
gixen bj in equition exicllv the 'imc is (10) or (13) The magmtude 
of the limiting current for i gixcr ex anidc solution mil depend on the 
forrauh and charge of the complex ion and coo'^cquentlj xnll be different 
for 1 silxer anode than for one of cadmium since Cd(C\)s~ ions are 
formed to ‘=omc extent m the latter ca«c Bj mca«unng the anodic 
limiting current density and the quintitx of the metal di«ohcd bj one 
farada> of electricitj it 4ould be po«iblc to determine the formula of 
the complex ion 

If the ions produced when tlie anode pa«se« into =olutioDS forms an 
insoluble «alt mth anions pic«ent m the ekctroljlc a definite limiting 
current xx ill be ob'en cd pronded the precipitate docs not adhere to the 
electrode surface If the adlio' on docs occur and the ■’urface is blocked 
the anode xxill, of com c cease to di«ohc immediatch this occurs for 
example xxilh a siher anode in a halide solution 

n lomc Discharge is the Slow Process —In con'adermg the 
bilit} that ionic discharge is the ratc-dclcnnining piocess at a cathode 
It must not be as aimed that the slow stage is neces«anlj the actual 
neutralization of the ion It is true that ''ome xxntcrs haxe suggested 
that the combination of an ion mth an electron maj occur ''lowlj but it 
IS doubtful if this is likeK to be true for a metal since it consists of a 
lattice of fixed ions and mobile electrons It is nex ertheless possible that 
one or other of the stages required to conxert a hj drated ion m solution 
close to the electrode to a neutral atom on the cathode surface raaj be 
slow In this exent the c P maj be assumed to be such that diffusion 
of ions to the elcctiode and the attainment of equilibrium, of the atoms 
on the electrode can be regarded as rapid 

It was seen on page 2ol that the ntc of the cathodic reaction 

which results in the discharge of ions is gix en by I xchere h is 

a constant for the gixen electrode matcnal o-r is the actixitj of the 
cations m the solution E is the difference of potential at the electrode 
and a lies betxreen zero and unit^ Similaily tlie rate of the anodic 
‘ Kolthof! and Miller J Ai Oe i Soc 63 I40o (1941) 
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reaction 

M — * M’*' •{- 1 , 

leading to the formation of ions m solution, is i jf ^ jg 

reversible potential for the given ^tem the rates of the two react ons 
are equal, and there is no net fiow of current If the electrode is made 
an anode or a cathode, the potential must be changed so that the rate of 
one of the processes exceeds that of the other At a cathode, for example 
which will be discussed here, the rate of the Cathodic, i e , discharge 
reaction must exceed that of the anodic, i e , ionization process the 
magnitude of the current will be determined by the difference of the two 
rates Assuming for simplicity, that the ions under consideration are 
univalent, each g-ion carries a faraday of electncity (f), and so the 


cathodic current per unit area is given by 



(17) 

while the anodic current for the same area is 


h = Fk 

(18) 


The electrode potential is now represented by E to indicate that it 
differs from the reversible value for the gi\en electrode and solution, the 
activity of the cations (<t+) u assumed to be the same as m the bulk of 
the solution since diffus on is no longer rate-determining and it may bo 
supposed that the ions are replaced as fast as they are used up This 
can be regarded as approximately true provided the c D is well below the 
limiting value The net value of the current (/) is given by the difference 
between L and h hence the net cathodic current is 

1 = [19) 

Wntmg E' &sE where E is the reversible potential foe the soIuUqc. 
containing ions at activity a+, and a is the polarization, or overvoltage 
at the current density /, equation (19) becomes 

I = F[k (20) 

At the reversible potential is equal to as men 

t oned abo^e, and hence equation (20) may be written 

I -= (21) 

The factor preceding the brackets is equal to the magnitude of the 
cathodic, and hence of the anodic, current at the reversible potential 
this quantity is given the symbol h, and so 

/ = ( 22 ) 

^ Glasstone Laidler and Eynog The Theory of Rate Processes 1911 Chap X 

see also Kimball J Chm Phys 8 199 (1940) 
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The ej.ponentnls can be expanded, and it tie polariaation „ is small all 
teims bejoiid the fiist may be negleoted, equation (22) then reduces to 


/ = ;, 


fa. 


RT 

)■ 

r h 


(23) 


For small polarizations, therefore, the oicuoltagc u is proportional to 
the current I Since the actual potential C is equal to the sum of E, 
which IS a constant, and u, it follows tliat ivhen some stage in the dis 
charge process is rate-determming, the cathode potential is a imear func- 
tion of the current at low polarizations BehaMor of this kind has been 
observed in connection ^^^th the discharge of hj drogen ions at platinum 
cathodes,^^ and also m the deposition of certain metals (see p 463) 

At relali\el> large currents the polarization becomes appreciable and 
it IS no longer possible to ignore the terms in the expansion of the expo 
ncntials in equation (22) Another simplification is, honever, possible 
Since the fii’st term m the brackets increases rapidly nhile the second 
teim decreases as u is incieased Tlic latter term can thus be neglected 
m comparison v,ith the former, and equation (22) becomes 


I - ^ (24) 

u a const -I =lll/ 

at 

2m , 

= const +-^^log7, ^ (25) 


so that the ovcr\oltage, and the cathode potential, will bo a linear func- 
tion of the loganthra of the current density In general, the slope of the 
line for an ion of valence z should be 2ZRTIazr, and at ordinary tern 
peraturcs this should be 0 0585/ra where a lies between zero and unit} 

It IS prolmble that a loganthmic relationship, of the type of equation 
(25), between current and potential results fiom slow processes otlier than 
the discharge of ions, th&se may sometimes be distinguished by the fact 
that a IS larger than unit} instance of this kind is possibly to be 
found m connection with the evolution of hydrogen at certain cathodes, 
e g , platinized platinum, tlie value of a is approximately 2, and the slow 
piocess appears to be concerned with the combmation of ii} drogen atoms 
to form molecules rather than with the discharge of ions (ef p 471) 
Most metals can be deposited at an appreciable rate with relatively 
small overvoltages, but this is not so for iron, cobalt and nickel at ordi- 
naiy temperatures, the minimum cathode potentials necessary to produce 
“ Butler Trans Faraday Sac 28 379 (1932) Butler and Armstrong J Chem 
Soc, 743 (1934) 
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a Visible deposit of these metals in a reasonable time are recorded in 
Table L\X\I “ The electroljte iias a ^-solut^on of the sulfate of the 


TlSIfi WCXXI EIPEni«EV?.U- BEPOMMOV MTEVtUla n V-SVLFaTZ BOH7TIO\S 

Reversible Depijsition Potential 


Aletal 

Potential 

15* 

5o* 

9o* 

Iron 

• 044 

-068 

-049 

-046 

Cobalt 

-028 

-056 

-0 46 

-036 

Nickel 

-024 

-057 

-043 

-029 


metal m each case, and the results were found to be almost independent 
of the pH The experimental deposition potentials are gi\en at 15'*, 
55** and 95®, together with the re\ersible potentials for the process 
JI++ _|. 2« hi for the respectn e metals The overvoltages are seen to 
be quite large at ordinary temperatures, but to decrease with mcreasmg 
temperature It is not certain that the reailts m Table lAXM have 
any exact theoretical significance, but they do show that, as in the case 

r ’ 1 1 ’ * 


(cathodic) potentials than are quoted m the table, but the rate must be 
so small that a long time is required for a visible deposit of the metal to 
form "With other metals, e g , copper, mercury^, cadmium, etc , appre- 
ciable rates of ionic dischai^e, accompamed by the formation of visible 
deposits, occur when the reversible potential is exceeded, cathodically, 
by only a few imlhvoUs It is probable that the exceptional behavior 
m the case of the iron group metals is to be attnbuted to the slowness 
of some stage in the discharge process, i e , between by drated ions m the 
vicinity of the cathode, on the one hand, and stable atoms on the elec- 
trode surface, on the other hand This v lew finds some support in the 
obsen ation, mentioned on p 444, that the reverse process, namely the 
anodic solution of iron, cobalt and nickel, is accompanied by considerable 
polanzation which decreases rapidly as the temperature is raised It is 
probable that in both the discharge and the formation of ions a relatu ely 
high energy bamer must be surmounted, approximate calculations, based 
on the data in Table LXXXI, su^^est that the v alue m the forward 
direction is about 12 to 18 kcal 

Among the possibilities which have been suggested for the rate 
determining process in the discha^e of the ions of the iron-group arc that 
dehydration of the ions is slow or that the actual neutralization is slow 
The present writer, howev er, consideis it improbable that these proce'ises 
require a high activ ation energy, and favom the v lew that the metal is 
first deposited m a metsstable state, the conversion of this form of the 
metal to the stable state is regarded as the slow rate-determining process 

“ Glasstone J Chm Soc 2SS7 (IffiC), aee also Foerster and Geoi^i 2 physik 
Ckm (Bodenstem Festband) 453 (1931) 
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in Establishment of Equilibrium on the Electrode is the Slow 
Process — The fact that an appreciable excess potential must be applied 
n ceitain instances before metal deposition can take place on a cathode 
of anothei material (cf p 444), suggests the possibility that there may 
lie some hindrance to the discharged atoms finding their way to stable 
lattice positions The consequences of the rate of foimation of nuclei 
on the cathode surface, at which ci^stal growth can occur, being the 
slow* process have been consideied by Erdey-Gruz and Volmer^® who 
reached the follow mg conclusions 

( 1 ) if the slow process is the transfer of atoms from the points at 
w Inch tliej are deposited to their final lattice positions, the o\ ervoltage 
a IS proportional to the current/, 

( 2 ) i the slow process is the formation of two-dimensional nuclei, 
log / IS a linear function of l/w, 

(3) if the slow process is tlie formation of three-dimensional nuclei, 
log / IS a linear function of l/w* 

At low c D 's the deposition of many metals satisfies the requirements 
of condition ( 1 ) abo\c, it must be pointed out, however, that the same 
result would be obtained at low ovenoltagcs if a stage m the discharge 
of the ion were the slow process [cf equation (23)] According to Erdey- 
Gruz the vanation of ovenoltage with the current m the deposition of 
silvci depends on the nature of the electrolyte, for example, condition ( 1 ) 
IS ‘•atisficd bj solutions of silv cr chloride m ammonium chloride and silv er 
ejamde in potassium cyanide, condition ( 2 ) is satisfied bj silver iodide 
m potassium iodide and silvci oxide m ammomacal solution, while m the 
deposition of silv cr fiom silvei chloride or bromide m ammonia the over 
voltage IS a linear function of log/, suggesting that lomc discharge is the 
slow process It is difficult to accept these deductions, for it appears 
liardl} probable that the same metal will be deposited in three different 
vsays depending on the conditions It must be admitted that the results 
GiVfanTCii rn itiih mvaltegs? 

do not lead to any definite conclusions At high current densities, as 
tlie Iimitmg value is approaclied, diffusion will alw ays become the rate- 
dctermining stage m the discharge of cations 

Hydrogen Overvoltage —In view of the foregoing discussion of the 
dependence of polarization plienomena on the nature of the slow stage 
of the electrode process, it is evident that in order to giv e a satisfactoiy 
quantitative mtei pretation of hydrogen ovei voltage it is necessarj’- to 
know the exact nature of its vanation with current density 

Tor the measurement of overvoltage at definite c n ’s, the method 
adopted IS, m pnnciple, the same as that described on page 436, em- 
ploying a cathode of known area The solution should be completely 
free from dissolved 0 x 5 gen or other reducible matenal, for this leason it 

“ErdcyGrti/andVolmer 7 ‘phjsd, Cfem,lS7A 16 j 182 (1931), seealfio Braudes 
iTnd , I42A 97 (1929) 
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has become the practice to saturate the solution with hydrogen at almos- 
phenc pressure The anode and cathode compartments must be kept 
separate in order to prevent access to the latter electrode of oxygen 
liberated at the former The neglect of this precaution by earlier workers 
on decomposition voltage and overvoltage accounts for some of the phe- 
nomena observed which have no connection with the fundamental polari 
zation problem A current of definite strength is passed through the 
electrolytic cell, sufficient time being allowed for the potential to become 
constant, the value of the cathode potential is then measured by com- 
bining it with a reference electrode, e g , a calomel electrode, in the usual 
manner If a hydrogen gas electrode with platinized platinum as the 
electrode metal, is employed for reference purposes m the experimental 
solution, the difference m potential between it and the cathode gives the 
overvoltage directly When another form of reference electrode is used, 
its potential against a reversible hydre^en electrode can either be meas- 
ured directly or the value may be calculated from the known potential of 
the reference electrode and the pH of the solution 

If the actual current passing through the cell is relatively high, e g , 
more than about 0 01 amp an appreciable ohmic fall of potential, i e , 
the IR potential duo to the resistance at the surface of the electrode, 
will bo included in the measured potential The error due to this cause, 
which IS always likely to be present, can be minimized by drawing out 
the end of tho salt-bridge connecting tube (T m Fig 109, p 436) to a 
moderate capillary and pressing it close to the surface of the electrode 
A method which is sometimes used to eliminate the potential duo to tho 
resistance at the electrode surface is to employ special devices which 
permit the measurement of the cathode potential at a number of very 
short intervals after the current is cut off, the results are then extrapo- 
lated to zero time so as to give the potential, free from the effect of ohmic 
drop, dunng the passage of current This method is no doubt satis- 
factory with currents of about 0 1 amp , and perhaps more, but for still 
higher currents the initial rate of fall of potential, after the current is cut 
off, may be so rapid as to make extrapolation uncertain An alternative 
procedure, which has been frequently adopted in recent work, is to use 
small electrodes, so that relative!} high current densities can be obtained 
although the actual current is low, since the potential fall due to the 
resistance at the electrode surface is equal to the product of the current 
strength and the resistance, the consequent error is negligible 

Influence of C D on Overvoltage —Provided the conditions arc such 
that the hydrogen is not removed by reaction mth oxygen, or other 
oxidizing agent, or bv diffusion away from the cathode, the o\ervoltage 
a increases mth increasing current density I in accordance with the 
equation 

w«fl + &Iog/, (26) 

where a and b are constants, this relationship has been found to hold for 
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1 number of cathodes at cmrent densities from 10-® to 10"’ amp per 
sq cm ■* The plot of o^ ervoltage against log I should be a straight line, 
the results for a number of cathodes m dilute sulfunc acid, as shown m 
Tig 118, are in laimon] r\ia expectation » It sill be observed that 



Ic^c H 

Fio 118 Variation of o\cnolt<igc with currontdcnsitj (Bowden and Rideal) 

tilo lines in the figure are ipproNimateh parallel, this means that 5 in 
equation (26) is almost the same for a senes of metals The results of 
the in\ estigations of n number of w orkers ba\ c sho^^ n that the constant 
h IS approximatol} 0 12 for a \anct} of cathodes c g , mercurj, gallium, 
sihcr, nickel, palladium, aluminum, copper and gold, the \alue 0 12 for 
the quaDt3t^ b can be represented b) 


which IS equal to 0 118 at ordmarj temperatures That b actually has 
the significance implied b} this exprc'=sion is shown b} the measurements 
made with a mcrcurj citliodc in dilute sulfunc acid between 0° and 72®, 
the same relationship for b applies over the whole temperature range 
The importance of this result may be seen by companng equations (25) 
and (26), which are of the same form, if the expression for b is inserted 
m the latter, it is imraediatclj apparent that a in equation (25) is equal 
to 0 5 for a number of different cathodes 

Although values of 6 i>ing between 0 10 and 0 14 ha\ e been obtained 
in many instances there are cases of lower and higher v alues, and changes 

* It has been claimed tliat the equation holds up to current densities of KF amps 
per cm but the data appear to be open to criticism (cf HicUtng and Salt ITrani 
ParaiJat/Soc 36 1226 (1940)) 

Bowden andBidcal Proc Roy Soc I20A 59 (1928) 

*^Boirden and Bideal Proc Roj Soe 120A o9 (1928), Bewina and Silberfarb 
Acta P/ij/stcoc/iim URSS 4 275 0936) Kabanow tlnd 5 193 (1936), Pleskow 
ibid 11 30o (1939), Hicklmg and Salt Trans Faraday Soc , 36 1226 (1940) 
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are often observed with continued electrol^is For example, h for 
smooth platinum mcreasea from about 0075 to 0 19 with time, for lead 
and graphite cathodes values as high as 0 3 have been reported, whereas 
for platinized platinum li la as low as 0 025, although it tends to increase 
with prolonged use Changes of overvoltage mth time have been ob 
served m numerous instances, such changes are frequently due to altera- 
tions in the nature of the surface, which are often visible to the eye, and 
sometimes to traces of impunties which are deposited on the cathode as 
electrolysis is prolonged It is factors such as these which introduce 
some uncertainty into overvoltage measurements, it seems to bo estab 
hshed nevertheless that the slope b of the plot of the overvoltage against 
the logarithm of the c d is in general, close to 2 X 2 ZORT/F, although 
exceptions undoubtedly exist 

Influence of pH on Overvoltage — The dependence of o\ ervoltagc on 
the hydrogen ion concentration is a matter of some uncertainty, there i« 
little doubt that the "bubble oxervoltage’ is independent of pH foi 
many cathodes but the results at appreciable current densities arc diffi 
cult to determine In order to obtain solutions of low acidity having 
definite pH’s, it is generally necessary to employ buffer systems, and the 
accumulation of alkali roetal ions m the vicinity of the cathode will affect 
the results obtained It appears however, from an examination of a 
vanety of oxpenmental data, that m the absence of strongly adsorbed 
ions the overvoltages at most cathodes are independent of hydrogen ion 
concentration o\er a large range of pH values In strongly acid or 
strongly alkaline solutions deviations sometimes occur, this may be due 
to the large concentration of hydrogen or hydroxyl ions respectively, or 
it may be brought about, at least in alkaline solutions by the alkali 
metal ions It is probable that all substances which alter the electro- 
kinetic {zeta ) potential (sec Chap X\ I) at the cathode surface whether 
they also change the pH or not, have an influence on the overvoltage 

Influence of Temperature on Overvoltage —Since overvoltage is due 
to a slow stage in the ionic discharge process, it is evident that increase 
of temperature will decrease overvoltage As a general rule, the change 
is approximately 2 millivolts per degree but it is more fundamentally 
satisfactory to express the influence of temperature in terms of the acti- 
vation energy of the rate-determining stage The quantity 7o referred 
to on page 460 contains the rate constant ku apart from temperature- 
independent factors, and hence, according to modem theory of reaction 
rates, it may be represented by where B is a constant and AH ^ 

IS the energy of activation of the slow process responsible for overvoltage 
Gladstone J Chm Soc 125 2414 2646 (1924) Meimier J chm phys 22 
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It follows, tlicrcfoiG, tliTt equation (24) can be wiittcn as 
and upon taking logantiims of equation (27), Ike result is 


In 7 ~ In B 


+ 


ofu - AS* 
RI 


(27) 


Differentiating uith inspect to temperatuie, at constant oienoltage, it 
follous that 


(SlnJN AH’^-aFa 
V 37 BP ’ 


(28) 


01, at constant current, 

( 3w \ oTiji — AR^ 

Isrj, “ 

Since the o^cnolt-igc u and the value of a, which is derived from the 
slope {>, ma) be regarded as known, it is clearly possible to determine the 
actn ation enci^ AH^ from t knowledge of the temperature coefficient 
of log I at constant ov erv oltagc, or of « at constant cuirent Unfortu- 
natch , the data from w hicli the v nines of A//’*' maj lie denv ed are limited 
to a few cathodes, but most of the available results aic recorded m Table 
LXXXII The magnitude of tlic current /c which flows m each direc- 


TABLE LVXVH ACTIVATION PNTROY FOB WSCHAItOF OF IITOROQEN IONS 


Call ode 

Dcclrolytc 

All^ kcal 

It amp /om 

Mercury 

0 2 \ Sulfunc acid 

18 0 

0 X 10 » 

Mercury 

02x Sodium lijdroxidc 

87 

7X 10 » 

Galliuia 

Q 2 N Sulfuric aad 

la 2 

16X10’ 

Wood s alloj 

0 2 X Sulfunc acid 

164 

1 X 10-“ 

Sraootli platinum 

0 2\Siilfanc acid 

-^100 

~3X10 “ 

Smooth platinum 

0 2 N Sodium hvdroxidc 

~ Go 

~1 X 10^ 

Palladium 

0 2 N Sulfunc acid 

90 

2X10“ 

Palladium 

0 2 N Sodium hydroNide 

10 0 

1X10“ 


tion at the rev crsible potential, is nlso given m each case, this is obtained 
bj plotting the measured overvoltages foi a senes of curient densities 
against log / and extrapolating, m a Imcai manner, to zero overvoltage 
In view of the relationship given above between Ali^ and h, it is clear 
that when the foiracr is large the lattei will be small, a high energy of 
activation thus means that the current passing at tlie rev ersible potential 
IS extiemely minute and hence a relatively laige overvoltage has to be 
applied to obtain a reasonable current 

Rate of Growth, of Overvoltage —Tlic rate at which an electiode 
attains its oveivoltagc potential, immediately following the switching 

” Bowden, Proc Hoy ^oc, 126A 107 (1929) Bowden and Agar Ann Rep C/iem 
Soc 35 90 (1938) 
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on of the current, has been followed cither by photographing the mo\e- 
inent of a stnng galvanometer on a rapidly moving film or by means of 
an oscillograph, both instruments being capable of following rapid changes 
of potential For solutions carefully freed from dissolved oxygen and 
saturated with hjdrogen, the potential has been found to increase in a 
linear manner with the quantity of electncity passed asshowninFig 119 
for a mercury cathode, the current is switched on at the point \ and the 
final steady overvoltage is attained at C The rate of increase of poten- 
tial is seen to be constant, falling off only at 5 uhen the steady state is 
approached ** This constant rate of potential growth implies that the 



building up of the cathodic overvoltage is due to the establishment of an 
electrical double layer, acting virtually as a condenser across which there 
is no transfer of charge The capacity of the condenser at the electrode 
surface is equal to dQjdE, so that it can be obtained from the elope of 
the hnear plot of the quantity of electncity passed per sq cm (Q) against 
the potential (E) or against the over\oltage In other words, the 
capacity of the double layer at the electrode surface la determined by 
the slope of the portion AB of Fig 119, the data in this figure lead to a 
\ alue of 6pF per sq cm , • but this result is probably too low on account 
of the presence of traces of impunties By taking careful precautions to 
exclude all extraneous substances, a value of 20nF per sq cm has been 
obtained, in agreement with the result denved from other methods of 
studying the capacity of the cathodic double layer The magnitude of 
this capacity appears to be approximately the same for all electrode 
maten^s, and tlus fact has been used to determine the true area of an 
electrode surface The ratio of the capacity per apparent sq cm of 

’"Bowden and Rideal Proc Rcy Sm 120A 59 (1028) see also Erdey-Gniz and 
\clmer Z phys Ckm ISO 203 (1930), HicUing Tram Faraday Soc 36 364 (1910) 

• A microfarad (nf) is equivalent to a capaerty of 10*< coulombs per volt 
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surface, as deternimed by the rate of growth of the potential, to the value 
for an ideally smooth surface, i e , 20jxr, gives the actual or accessible 
area of the electrode per unit apparent area 

Theories of Overvoltage — SuflScient general information has now 
been en to permit a conaderation of the theory of overvoltage, and 
to allow an attempt to be made to elucidate the nature of the slow process 
ini olved in the discharge of hydrogen ions The stages in the reaction 
at a cathode in aqueous solution are as follows (1) transfer and diffusion 
of HiO+ ions to the electrode layer, (2) transfer of these ions, or protons, 
to the electrode (3) neutralwation of the charge of the ions or protons 
bv electrons, (4) combination of tlie resulting hydrogen atoms to form 
molecules, and (5) evolution of the hydrogen molecules as bubbles of gas 

I Bubble Formation as the Slow Process — It is certain that stage 
(1) IS not rate-detei mining because, in the first place, the overvoltage 
depends on the nature of the cathode metal, and, in the second place, the 
actuation eneigj for transference and diffusion m aqueous solution is 
knoira to be much less, mz , about 4 kcal , than tliat required for over- 
1 oltage (cf Table LXXA.II) It has been frequently observed that there 
IS some connection betneen the bubble oiervoltage and the interfacial 
tensions, or surface forces gcnemlly, at a cathode it i\as therefore con- 
sidered at one time that stage (5) i e, gas bubble formation, iias the 
essential factor m overvoltage It r\as found, foi cMmple, that the 
potential of a platinized platinum cathode fluctuated during the forma 
tion and lilieration of a bubble of hydrogen gas This phenomenon is 
undoubtedly due to supcrsaturation effects and it jirobabl} docs not 
represent an> uriation of the true overvoltage because the ^e^e^S]ble 
hydrogen potential no doubt altcis m a corresponding manner Alteia- 
tions m the electrode or electroljte which influence the conditions re- 
quired for bubble foimation to commence, e g , the presence of substances 
which affect the interfacial teusionSt undoubtedly alter the bubble over 
a oltage, but this is pai tl} due to the fact that the effective current density 
at the instant of bubble formation is also changed It is also possible, 
of course, that surface actne compounds influence the tine ovei^ oltage 
because of the alteration in the nature of the electrode resulting from 
adsorption of these substances on the surface On the whole, however, 
it must be concluded that ease of bubble formation plays a secondary 
pait and that it cannot geneially be the slow process m the discharge of 
hydrogen ions 

H Combmation of Atoms as the Slow Process —The view that the 
formation of molecules from hydrogen atoms, i e , stage (4), was rate- 
deterraimng, w as proposed by T^el ^ and recen ed much support at one 
time According to this iheoiy the high electrode potential which mani- 
fests itself as overvoltage is due to the accumulation of hydrogen atoms 

Macinnes nnd Adler J Am Clem Soc 41 194(1919) 

= Talel Z p%s Chen 50 641 (IflOa) 
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at the cathode, and the vanation of o\ ervolt^e from one metal to another 
was asenbed to their diffenng catalytic influence on the rate of combina' 
tion of these atoms to form molecules The low overvoltage metals, 
such as platinum, palladium, nickel and copper, should be good catalysts 
for the reaction 2H = H'v, while those of high overvoltage, e g , lead, 
mercury, tin and cadmium, would be expected to be poor catalysts It 
may be noted in this connection that direct expenmental observations 
on the rate of combination of hydrogen atoms on various metallic sur- 
faces showed their catalytic effect to decrease in the order Pt, Pd, Fe, Ag, 
Cu, Pb and Hg Further, low overvoltage metals are the best catalysts 
/or hydrogenation processes m which it is probable that H? « 2H is a 
preliminary step if the metals catalyze ths reaction they should algo 
facilitate the opposite reaction, i e , the combination of hydrogen atoms 
The experimental facts are thus in harmony with the view that the latter 
is the rate-determining stage m hydrogen evolution at a cathode 

The chief objection to the Tafel theory is that it leads to an incorrect 
value of the slope b in equation (26) If the electrode surface is sparsely 
covered with atomic hj drogen, the rate of the reaction 2H =* Hj will be 
proportional to n\ where n is the number of adsorbed atoms per sq cm 
of surface If the rate of the reverse process, i e , the dissociation of 
hydrogen moleculeg into atoms, is negligible, the current flowing I will 
be proportional to the rate of the formation of molecular hydrogen, since 
the latter is assumed to be the slow process at the cathode It follows, 
therefore, that / is equal to in*, where i is a constant The potential E 
of an atomic hydrogen electrode, neglecting activity influences, can be 
represented by the equation 


E 


RT, 

In n + constant, 


where the constant depends on the hydrogen ion concentration of the 
solution The potential of an atomic hydrogen electrode corresponding 
to the reversible (molecular) hydrogen potential is 


PT 

^0 = -^In no + constant, 


where ug is the number of hydrogen atoms per sq cm of electrode surface 
in equilibrium with normal hydn^n gas at 1 atm pressure The differ 
enco between E and Eg should be equal to the overvoltage, and so 


RT, n 
F «o 


Since the con 
Tafel theory 
concentration 
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this equation with the result I In" given abo\ e, yields 


RT, 

j = ^lnJ + a, 


(30) 


i\here a is a constant Although this equation is of the correct form 
[cf equation (2G)] it requires the ^lope h of the plot of « against log 7 
to be 23i?7’/2F, 1 e 0 029 at ordinal^ temperatures E’ccept for metals 
of low o\er.olhge, eg , platinized platinum, the actual slope is about 
four times this lalue and so it is unlikely that atom combination is 
usuall} theslon stagem hydrogen solution 4.tlou oienoltages how 
ever, it is probable that this process is actually rate-determining, but it 
must be replaced by another n hen the ov ervoltage is high At platinized 
platinum the overvoltage is always low and the slope b is about 0 025, 
as required by the Tafel theory 

HI Ion Discharge as the Slow Process —The po sibility that the 
slow step is the neutralization of a hvdrogcn ion by an electron, le, 
stage (3), has been treated from the quantum mcchamcal point of view “ 
It IS supposed that an energy bamer exists betw een the electrons m a 
metal and a liy drogen ion approachmg it according to cla««ical mechanics 
the electron cannot cross the bamer to discharge the ion unless it acquires 
sufficient energy to pa«:s over the top Quantum mechanics, however, 
allow s of a definite probability of leakage thmigk the barner of an elec- 
tron from the cathode to an unoccupied level of the same energy m tlie 
ion to be discharged The distnbution of cicctromc energy lev els m the 
metal IS giv CQ by thePermi Dirac statistic^ whereas that of vacant lev els 
in the hy drogen ions is determined by classical i e , Maxwell-Boltzmann, 
statistics The current wlucli is able to pa'^s at a gi\ cn potential is then 
determined by integrating, over the whole range of unoccupied levels of 
the ion, the probaliihty of the transition of an electron from any lev c! 
m the cathode to one of equal energy m the ion The relationship de- 
nv ed m this manner for the dependence of the current on the overvoltage 
IS of the form of equation (26), and b is found to be 2 "iRTIaF, where a 
should lie between zero and unity and should probably be about 0 5, m 
accordance with experiment for a number of metals Apart from the 
difficult nature of the quantum mechanical treatment, the theory suffers 
from the weakness of requiring the combmation of an electron with an 
ion to be a slow process nece«sitatii^ an activ ation energy of the order 
of 10 kcal or more Purther, the theory makes no attempt to correlate 
the oven oltago at a particular cathode with its known phy'sical or cliemi 
cal properties 

The suggestion that the slow process in the ev olution of hydrogen at 
a cathode is the discharge of the ion was also made mdependently by 

“ Gumey Proc Roy Soc 134A 137 (1931), sec also Towler Trans Faraday Soc 
28 3G8 (1932) 
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Smits and by Erdey Quiz and Volmer ** It should be pointed out, 
however, that the mathematical treatment of the theory by the latter 
authors and its extension by Frumkm “ is applicable equally if stage (2), 
1 e , the transfer of a hydrogen ion (H}0+-) or of a proton from the solution 
to the electrode, iS the rate-detenmnmg process Although it does not 
appear to be generally realized, the aiguments employed, which are 
similar to those on page 460, are applicable to any slow stage intervening 
between the ions in the solution, on the one hand, and hydrogen atoms 
on the surface on the other hand, it is thus not possible to say ^\hether 
this process is the transfer of an ion or of a proton to the surface or its 
actual neutralization by an electron The treatment of Erdey Gruz and 
Volmer is similar to that given previously, but it appears to contain 
certain errors, the modification made by Frumkm is, however, free from 
this objection The latter author utilizes Stern’s theory of the structure 
of the double layer at a sohd-liquid 
mterface (see p 525) , it is supposed that 
this layer consists of a fixed portion, 
close to the electrode, across which the 
potential may be represented by and 
a diffuse portion, extending into the 
bulk of the solution, across which the 
potential fall is f, i e , the elcctrokinetic 
(zeta-) potential, the algebraic sum of ^ 
and t IS equal to E, the total electrode 
potential (Fig 120) The rate of the 
cathodic reaction is now given by an 
equation of the same form as (17), but 
the term is replaced by the activity, 
or concentration, of hydrogen ions in the 
layer AB, instead of that m the bulk of 
the electrolyte The latter is m equi- 
librium With the former across the diffuse portion of the double layer, 
and so it follows that equation (17) can be written as 

the anodic current being neglected since it is very small at appreciable 
overvoltages As seen above, ^ -h f la equal to the total cathodic poten- 
tial and this may be represented, as before, by E', and assuming a to be 
0 6, m order to give the correct value of the slope b, it follows that 





2RT 2RT 

E’ -h ^ In / — y- In ch* + const 


“Smits ‘The Theory of Allotroj^ ' tnmshted by ThoiMS 1922 p 115 else?, 
Z phys%k Chm 172A 470 (1935), Erdqr Gnw and Volmer ibtd , 150A, 203 (1930) 
Erdey GnSz and Wick tbtd 162A 53 (1932) 

“Frumkinefflf Z pkysik CAfm,164A 121 (1933), Acfa URSS 7, 
475 (1937), 11, 21 (1939), 12 481 (1940) 
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The reversible potential H in tiie gi\eii ^trolyte is represented by 



and since D — His equal to the o\er\oltage Uj it follows that 
, ^ 2itT, r 

« T r * - -^Incr + const (31) 

In the absence of excess of extraneous ions, Stern, s theory of the double 
layer leads to the expression 

RT, 

f = const ■“ ■jrln cn*, 

and hence 

2RT 

<jss — In 1 + const (32) 

Tlus equation gives the coircct value for the slope b, but this has no 
sigruficancG since ot, which must lie between zero and unity, was chosen 
as 0 5 further, it requires the overvoltage, under the conditions specified, 
to he independent of the hydrogen ion concentration According to 
PrumUn, the diffuse layer potential f sometimes remains constant in 
spite of vanations of pH, the oxcrvoltage, according to equation (31), 
should then increase by 0 059 volt for each unit increase of pH at ordinary 
temperatures These condifeons arc presumed to apply at a nickel 
cathode in relatively concentrated acid solutions, and at a mercuiy 
cathode m the presence of an excess of lanthanum chlonde it appears 
somewhat improbable however, that m hoik of these instances the value 
o/ ^ RvwJd mBsiii ss Jiv? h}dr€>goR m cmxatr&tm 

changed 

In order to account for the results obtained with a luckel cathode m 
relatively alkaline solutions Trumbn and his collaborators have postu 
lated that the protons which are discharged originate from water mole 
cules whereas in acid solution they come mainly from ions 

IV Proton Transfer as the Slow Process —A theory of overvoltage 
having some features in common xvith that just described, but which 
definitely regards the slow stage responsible for hydrogen evolution as 
the transfer of a proton from the solution to the electrode, has been pro 
posed by Byrmg Glasstone and Laidler using the theory of absolute 
reaction rales “ The actuation energy for overvoltage is seen from 
Table LXXXII to be about 10 to 20 kcal , and it is significant that 

“ Eyrmg Glasstone and Laidicr / Cbm Phyi 7 1053 (1939) Trans Ekdra- 
dem Soc 76 145 (1939), see also KimbaB Glasstone and Glassner J Q]\m P/ii/s 
9 91 (IMl) 
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activatioQ energies of the same order have been found for chemical reac- 
tions involving the transfer of a proton. Accepting the conclusion, 
previously mentioned, that under normal conditions, i e., in the absence 
of appreciable amounts of neutral salts or when the concentration of 
hydrogen or hydroxyl ions is not very large, the overvoltage is inde- 
pendent of pH, the simplest assumption to make is that the rate of the 
cathodic process is given fay an equation of the form 

/ = (33) 

where c is the concentration in the solution of the species from which the 
protons originate If the value of e is the same in all solutions, irre- 
spective of the hydrogen ion concentration, it follows from equation (33) 
that 

(0 = const. + -^ Ini, 

where u is independent of the pH of the electrolyte. In addition to the 
requirement that c is constant, the important point of equation (33) is 
that the potential across which the proton transfer occurs in the glow 
process IS the overvoltage portion only, and not the whole cathode poten- 
tial, as implied m the treatment on page 460 The significance of this 
postulate IS that, under such conditions that the overvoltage does not 
vary with pH, the overvoltage is operative across part only of the double 
layer at tho electrode surface, and that the slow stage in hydrogen evolu- 
tion involves the transfer of a proton across this portion of the layer. 
As long as there is no net flow of current, i e , at the reversible potential, 
almost the whole potential must 
be regarded as operatmg over 
what may fae called the “solu- 
tion double layer” which is ap- 

diffuse layer. When there is a 
resultant cathodic current, how- 
ever, the electncal equilibrium 
across this layer remains un- 
changed, but that across the re- 
mainder, called the “electrode 
doable layer, analogous to 
Stem’s fixed layer, is disturbed; 
m this way, a difference of 
Fio 121 Potentialeoergycurvesatelectrode potential, equal to the OVer- 
«urface (KimbaD, Glasstone and Gla^ner) voltage, is introduced across the 
latter (cf Fig 121), If the 
slow stage in the discharge of hydrogen ions is the passage of pro- 
tons across the electrode double layer, then equation (33) follows 
directly; h is the specific rate of the proton-transfer process when the 
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over^ oltage is zero, i e , at the reversible potential, and c is the con- 
centration of the species supplying the protons The fraction a, as 
implied on page 250, represents the fraction of the potential operatn e 
between initial and activated states, and since this is known from experi- 
ment to be 0 5, it follows that the energ) barrier under consideration 
must be a sj mmetncal one, the point is of irapoi tance, since none of the 
theories described lutheito gives an adequate mterpretation of this fact 

A comparison of equations (33) and (27) shov s that the quantity Fkic 
m the former is equivalent to and hence to lo, further, accord- 

ing to the tiieorj' of reaction rates h is proportional to the product of 
g-<sH=l=/aT and a factor c^^/*,wheie AS^ is the standard entropy change 
of actn ation for the rate-determining pioce^ It follo'n s, therefore, that 
the factor B is equivalent to multipbcd by a proportionality 

factor the value of uiitch is knoun from tlie theory of absolute reaction 
rates to be KTIh, where I is the Boltzmann constant, i e , the gas constant 
per molecule, and h is Planck’s quantum theory constant of action 
Since /o and are knorni fora number of cathodes, according to the 
data m Table LXXXII, it is po^^sible m these instances to e\ abate the 
factor B iihen the necessary calculations were made, the interesting fact 
emerged that 5, and hence itas approximately constant for 

all the electrodes and had almost the same value m acid and alkaline 
solutions This result suggests that the same fundamental process is 
lesponsible for oicrvoltagc at all the cathodes included in the table on 
page 467, so that is tlie same m each case, further, the species from 
nbich the protons onginate appeal to liave the same concentration c in 
both acid and alkaline electrolytes 

Since water is the species always present in all solutions at an approxi- 
mately constant concentration, it may be inferred that the rate-deter- 
mming stage m the evolution of hydrogen is the transfer of a proton 
across the dicctrofie dtraVic Vayvi- IPw- mssuns vvhuh wAV ’itAta, 
it is suggested that the proton transferred in this uay passes to a molecule 
of water attached to the surface of the electrode, the proton is imme- 
diately discharged by an electron to form a hydrogen atom, and a hy- 
droxyl ion IS left m solution The essential dischaige mechanism may 
thus be lepresentcd by 

© H"Ol 

S HiO + HjO M S jjj M, 

where the symbol S refers to tlic solution, side and M to the electrode side 
of the double layer acioss which the oiervoltagc operates, the sign © 
on M indicates that an electron is always available at the cathode 
There are two geneial arguments m fax or of this mechamBra, first, it 
accounts for the fact that a in equation (33) is about 0 5, since the eneigy 
barnei between the two layers of water molecules will be approximately 
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symmetncal,* and second, it provides an evplanation, given by no 
other theory of o\er\oItage, of certain unexpected similanties between 
hydrogen and oxygen ovcr\ oltages (see p 478) In addition, by making 
some reasonable approximations, it is possible to calculate, from data 
which arc not connected with cathode phaiomena, a value of B which ig 
in very good agreement ^vlth that derived from the measurements re- 
corded in Table LXXXII 

An important requirement of any theory of overvoltage ig that it 
should account for the dependence of the overvoltage on the nature of 
the cathode matenal this requirement is satisfied by the theory described 
above Since B is found to be constant, it follow s from equation (27) that 
the oven oltage at a constant current density increases as the activation 
^ ‘ * s one which adsorbs 

copper, it will form 
oxygen atom of the 

water molecule held on such a surface will have an increased tendency to 
form a bond wth hydrogen the attachment of a proton to such an oxygen 
atom will, therefore, be facilitated and the energy of activation of the 
proton transfer process responsible for overvoltage will be low On the 
other hand, metals which form weak M-H bonds, e g , mercury, lead 
and tin, will be expected to have high activation energies and high over- 
voltages, in agreement with experiment If the strength of the M-H 
bond IS very great, the activation enci^ty for proton transfer becomes 
very small, eg at a platinized platinum cathode, another and slower 
process, e g , combination of hydrogen atoms, must then be rate-deter- 
mining 

It has been assumed hitherto that the zeta-potential actmg across the 
solution double layer remains constant, any substance which alters the 
zeta-potential at constant hydrogen ion concentration will, however, be 
expected to have some influence on the overvoltage The effect of 
strongly adsorbed neutral ions or of hydrogen or hydroxyl ions at high 
concentrations can be largely accounted for in this manner 

Hydrogen-Deutenum Separahon — When an aqueous solution is elec- 
trolyzed, the hydrogen gas evolved always contains relatively more of 
the lighter isotope than docs the electrolyte, the difference is expressed 
as the separation factor (s) defined by 

_ (ch/cd)wi 
lCll/<^)llq 

where cu and Cd refer to tlie concentrations of the lighter, i e , lij drogen, 
and of the heavier, i e , deutenuia, isotope, rospectnely The value of 

* Fot those cathodes giving high values of the skpc b, the fraction a ts less than 0 5, 
this may be due to distortion of the energy ham« for some reason or to the operation 
of an ent rely different mechanism If h hes between 0 118 and 0 0o9 at ordinary tern 
peratures the value of o iS between 0 5 and unity 
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the factor s for a nurahcr of cathodes under a vanety of conditions lies 
between 3 and 20, and the preferential ciolution of the lighter isotope, 
as indicated bj these results, is undoubtedly due to its smaller over- 
1 oUage at a given current dcnsit) 

As a result of expenrnental studies it appears that the electrolytic 
h>drogen-deutenum separation factors fall into two distinct classes,^ 
in the flr^t s has a i alue of about 6, viz , 

Ni G T Au 6 4, Ag 6 0, Cu 7 4, Pt (iiigh c n ) 6 9 Pb (alk soln ) 6 8, 

V hereas m the second group it is approximately 3, M7 , 

Sn 3 1 , Hg 3 1 , Pb {acid soln ) 3 0, Pt (platinized) 3 4 

On the basis of these observations, Honuti and Okamoto concluded that 
there were tiio different mechanisms for hydrogen eiolution It nas 
suggested that iMth cathodes of the first group, foi which the so-called 
‘catalytic mechanism” was operatne, the rale-dctermining step is the 
combination of two hjdrogen atoms, adsorbed at adjacent positions on 
the cathode surface, to form a molecule of gas Por metals of the second 
group, the “electrochemical mechanism, ' m which the slow stage is the 
neutralization of a h} drogen-molccule ion, HJ, on the electrode has been 
proposed It w ould appear, at first sight, that the catalj tie mechanism 
IS applicable to loiv oiervoltagc metals, whereas the electrochemical 
mechanism holds for high o\ cn oltage cathodes It will be noted, how- 
ever, that the lead electrode appears in both groups, according to the pH 
of the solution, and that platinized platinum has the same separation 
factor as high ovenoltage metals It is claimed that the postulated 
mechanisms lead to calculated separation factors for meicury and nickel 
which are in satisfactorj agreement with obsciwation the thcoiy, how 
e\ er, has little to recommend it oi er those given prenously, and the 
two -values for the separation factor can be explained in an alternative 
manner 

Oxygen Overvoltage —Measurements of anodic oven oltages at defi- 
nite current densities liave been made m certain cases, but reliable results 
are difficult to obtain one reason foi this is that the potential of an anode 
changes with time even more than does that of a cathode The most 
reliai)le data have been obtained with a smooth platinum anode m dilute 
sulfunc acid saturated with oxygen,** the variation of overvoltage with 
the current is given by equation (26), just as for hydrogen overvoltage 

« Homti and Okamoto Set Pajim Inst Pfiys Ctew Kes Tolyo 28 2S1 (1936) 
■Walton and WoHcnden Trans Porarfay Soc 34 436 (1938) 

Hhnuti and Okatnoto Set Papers Phj/e CIm Res Tolyo 28 231 (1936) 
Hirofa and Honuti Bull Chem Soc Tapaa 13 228 (1938), Honuti Set Papers Insl 
Pkys Chem Res Tokyo 37 274 (1940) see gl«o lYumkm ibid 37 473 (1940) 

” Bowden Proc Roy Soc 126k 107 (1929), Boiter and Jarapolskaja AclaPhynay 
chm VRSS 7 247 (1937) 
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Further, the value of 6 ov or a range of temperature has been found to be 
2 X25RTIF for oxygen as ivell a? for hydrogen evolution, it follows, 
therefore, that the factor a is approximately 0 5 in each case The 
anodic overvoltage at smooth platinum la said to be independent of the 
concentration of the sulfuric acid used as electrolyte in sodium hydroxide, 
however, tho \alue apparently decreases with increasing hydroxyl ion 
concentration In very d lute alkaline solutions a is about 0 5, but it 
apparently increases os the concentration of the electrolyte is increased 
There is ample evidence that many metals become covered with 
h gher oxides e g PtOa on platinuni, CuA and CuOj on copper, and 
NijOs and NiOi on nickel as the result of being employed as anodes, 
for many years the \ len was generally accepted that oxygen evolution 
occurred only through the intermediate formation of such an oxide and 
that this oxide was responsible for aood c overvoltage Although the 
existence of such oxides is beyond doubt, it is improbable that they are 
the fundamental cause of overvoltage At relatively high current densi- 
ties the measured anode potential is approximately that of an unstable 
higher oxide, formed by the interaction of the electrode matenal with 
atomic oxygon, but the fact that oxjgcn evolution does not occur until 
the potential exceeds the revcreible value still requires explanation 
The similarity betiveen hydrogen and ox)gen overvoltages at plati 
num electrodes led to the proposal of a mechanism for oxygen liberat on 
which IS closely ' 

of hydrogen 
liberate oxygen 

from a molecule of water attached to the electrode to one on the solut on 
side of the electrode double layer, m other words, the rate determining 
stage IS exactly the reverse of that proposed to account for hydrogen 
overvoltage*® The mechanism of the proton transfer process at the 
anode may be represented m the foDowiog manner 

® 

S H2O + HiO M -4 S HjO+ + OH M, 

the sign © on M implying the deficit of an electron The hydroxyl 
radicals formed on the surface react in pairs with the ultimate formation 
of molecular oxygen, the intermediate stages being relatively rapid 
Since the potential barrier is virtually the same as for hydrogen evolution, 
it IS approximately symmetrical, and hence o will be about 0 5, as found 
The problem of hydroxyl ion discharge can be treated by the theory of 
reaction rates in exactly the same manner as hydrogen ion discharge, 
and since the processes are sinular the value of the factor B should be 
the same in both cases, it is actually somewhat larger for the anodic 
reaction but m view of the uncertainfies associated with anodic behavior 
the agreement may be regarded as being reasonably good 
Eyring Glasstone and dier J Chm Php , 7, 1()53 (1939) 
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If no o'^des vrerc formed on an anode surface it is to be expected that 
metals forming strong M-H bonds should ha\e high oxygen overvolt- 
ages, since the attraction would tend to hinder the removal of a proton 
from a molecule of water attached to the electrode surface It is true 
that smooth platinum, palladium and gold, w hich ha\ e the lowest cathodic 
oienoltages, haie the highest values for evolution {‘^ee Table 
LXXVIII), but the parallelism does not alwajs hold Nickel and co 
bait for example, have low overvoltages both as anodes and cathodes, 
the oxidation of tlie surface is undoubtedl} a complicating factor which 
would probabl} tend to dimmish the oxygen ov cn ollage 

The Electrolysis of Water — ^According to the suggestions made above 
concerning the mechanism of the ev olution of h} drogen and 0x3 gen, the 
cathodic proce's ma} be represented bj 

H 0 + n-O + e = OH- + H -0 + H, 
while the anodic process is 

H-O -f- H-O = H3O+ -L on 

If the electrolyte is acid, 1 c, the pll is Ic'-s thau 7 , the hydroxyl 10ns 
formed at the cathode wiil be immediately ncutnlized, thus 

0H--Ml30+ = 2H0, 

and the over-all reaction, given by the sum of thc'e three equations, is 
H 0 = H + OH, 

the H and OH subsequently forming molecular hydrogen and oxygen, 
respectn ely Tlie complete reaction is thus the decomposition of one 
molecule of water per faraday of clectncity If the electrolyte is alka 
line, the H3O+ 10ns remaining at the anode w^lI be neutralized, and the 
civei-all reaction vnll be exactly the same as before In other words, 
when the electrolysis of an aqueous solution y ifilds hydrogen and oxvgen, 
the ultimate process is always the same, viz , the decomposition of water, 
irrespective of the pH of Hie solution If the electiolyte is not well 
buffered it is evident that the solution in the v icinity of the cathode w ill 
become alkaline, because of tiie OH" 10ns, while m the neighborhood of 
the anode it wall be acid, due to the eice^ of II30+ ion'; 

It is oppoi tune to refer here to the problem of why appieciablc ov er- 
voltages are as'^ociated with the discharge of the 10ns of water, nz, 
hydrogen and hydroxyl 10ns, whereas othci 10ns, such as chloride lous, 
which may also be accompamed by gas evolution, are discharged close 
to their rev ersible potentials The explanation is probably connected 
with the unusual structure of the water, wnth the lesulfc that the direct 
discharge of hydrogen and hvdioxyl ions is a difficult process The 
easiest alternative, as proposed in preceding sections, is the transfer of 
a proton from one molecule of water to another It is of interest to note 
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that siich & process is ■’omevrhat similar to the mechaoism w Inch accounts 

for the high conductance of the h)diogen and hjdroxyl ions (cf p 66) 


PROBLEUS 

1 A 0 01 molar solution of qumoae ta being reduced at a smooth platinum 
cathode estimate the limiting current density for 100 per cent efficiency of the 
process 

2 In the electrol^’sis of 002 U argentocjaiiide solution, Glasstone [J 
Chm Soe , 690 (1929)] found that 100 per cent efficiency for silver deposition 
n as obtained at c n s up to 5 X 10"^ amp per sq cm in an unstirred solution 
at 15®, up to 20 X 10 ■* in a solution agitated by means of a stirrer rotating 
500 tunes per minute and up to 22 X 10"^ m an unstirred solution at 70* 
Calculate the approximate thickness of the diffusion layer m each case, the 
diffusion coefficient of the argentocyamde ion being taken as 1 3 X 10** cm * 
sec * at 15® 

3 A 1 0 molar solution of copper sulfate la clectrolyred mth an inert e g , 
platinum, anode and a copper cathode of 55 sq cm exposed area the current 
is maintained constant at 0 040 amp If the electrolysis vessel contains 1 1 ter 
of solution and there i« rea-sonable circulation of the electrolyte nithoiit resort 
to stirring estimate approximately hoir long electrolysis ml) proceed before 
h)drogea evolution commences How much of the orginal copper ivill then 
have been deposited? 

4 A solution containing ions of a univalent metal is being electrolyzed, 
the anode is made of the same material as is being deposited at the cathode 
Utilize equations (9) and (16) to plot the variation of the cathod c and anodic 
polarizations respectively, mth current density at 25® The hmiting current 
density ma) be taken as 10'^ amp per sq cm for the given solution [Bon'den 
and Agar, Proc Roy Soc , 169A, 206 (193S)] 

5 Estimate the separate anode and cathode potentials when appreciable 
current commences to flow through a 0 1 k solution of sodium hydroxide, the 
anode being of n ckel and the cathode of mercury The overvoltages may be 
assumed to be independent of the nature of the dectrolyde 

if f? flen combined" wifb a ca/omef reference cfectrod'e contain ng safurafeef 
potassium chloride solution, a cathode, from which hydrogen was being evolved 
11 a solution of pH 7, gave a cell of e ji r equal to 1 25 volt at ordinary tern 
peratures ^hat is the overvoltage at the given cathode under the cxpcri 
mental conditions? 

7 The results recorded below for the variation of the overvoltage with 
current density at a mercury cathode m dilute sulfuric acid at 25® have been 
estimated from the data of Bowden and Rideal [Free Roy Soc , 120A, 59 
(1928)] 


Overvoltage 


0 60 volt 
06o 
073 
a79 


CP 

amp/sq m 
29X10-* 
63 
2S 
100 


Overvoltage 


084 volt 

089 
093 

090 


CP 

amp/sq cm 
200X10-* 
630 
ItuO 
3300 
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Plot ttc anation of the overvoltage with log 7, where 1 is equal to the c d , 
and determine the \alue of the dope 6 estimate the values of a and /o for the 
mercury cathode 

S The following data haie been denied from the graphical representation 
of the results obtained by Bouden [Proc Soy Soc , 126A, 107 (1929)] with a 
mercury cathode in dilute sulfunc acid At a constant ovenoltage of 0 74 
lolt the values of log 7 were bl8 at 0", 600 at 36° and 5 75 at 72° At a 
constant cui rent density of 10"^ amp per eq cm , the overvoltages were 0 83 
at 0°, 0 74 at 36° and 0 63 at 72° Calculate the heat of activation (A2f^) for 
the rate detcncirung stage of the cathodic process from each set of data 

9 Utilize the value of h from Problem 7 and of Af/4= from Problem 8 to 
calculate the constant B of equation (27) Assuming c, the concentration of 
the species providing the protons in the discharge of hydrogen, to be 10'^ 
molecules per sq cm , calculate the standard entropy of activation (ASt) of 
the rate determining stage 
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Physical Nature of Electrodeposited Metals —In view of the indus- 
trial importance of the electrodeposition of metals the influence of vari- 
ous factors on the physical appearance of the deposits has been the 
subject of much mve^tigation It is generally ^reed that electio- 
deposited metals are crystalline, and the external appearance depends 
mainly on the rate at which the crystals grow and on the rate of the 
formation of fresh nuclei If the conditions are such as to favor the 
rapid formation of crystal nuclei, the deposit will be fine-grained if the 
tendency is for the nuclei to grow rapidly, however, relatively large 
crystals nail form and the deposit becomes rough in appearance The 
chief factors influencing the appearance of the electrodeposited metal are 
(I) the current density of deposition, (II) concentration of the electro- 
lyte, (III) temperature (IV) presence of colloidal matter, (V) nature of 
the electrolyte, and (VI) nature of the basis metal * 

I Current Density —At low current densities the discharge of ions 
occurs slowly, and so the rate of the growth of nuclei should exceed the 
rate at which new ones form, the deposits obtained under these condi 
tions should be coarsely crystalline As the c d is raised the rate of 
formation of nuclei will be greater and the deposit will become moro 
fine-grained At ^ery high currents the solution m the vicinity of the 
cathode will be depleted in the ions required for discharge, and, as a 
result the crystals will tend to grow outwards towards regions of higher 
concentration , the deposit then consists of “ trees," nodules or protruding 
crystals If the c n exceeds the limiting value for the given electrolyte, 
hydrogen will be evolved at the same tune as the metal is deposited, 
bubble formation often interferes with crystal growth, and porous and 
spongy deposits may be obtained The discharge of hydrogen ions fre- 
quently causes the solution in the vicinity of the cathode to become 
alkaline, with the consequent precipitation of hydrous oxides or basic 
salts, if these are included m the deposit, the latter will be fine-grained 
and dark in appearance 

n Concentration of Electrolyte.— The effects of electrolyte concen- 
tration and of current density are to a great extent complementary by 
increasing the concentrat on or by agitating the solution, higher cos 
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can be u?ed before coarse deposits are formed, or before hydrogen evolu- 
tion occurs, vith its accompanying spongy or dark deposits The influ- 
ence of concentration on the rate of nucleus formation is uncertain, since 
increase of concentration tends to give firm, adherent deposits, some 
V orkers ba\ e expressed the opinion that the presence of the large number 
of ions m a concentrated solution faxors the formation of fresh nuclei 
Certain experiments, honever, indicate that the rate of formation of 
nuclei IS actual!} decreased b}' increasing concentration, but the improve- 
ment m the deposit is due to an increase m the late of growth of crystals 
o\er the cathode surface, combmed nith a decrease m the rate of growth 
m a perpendicular direction “ 

ni Temperature — Increase of temperature has tvo effects which 
oppose one another m the first place, diffusion is favored, so that the 
formation of rough or spongy deposits at relatively high c p’s is in- 
hibited On the othci hand, tlie rate of crystal growth, favonng a coarse 
deposit, is increased Purther, increase of temperature decreases hydro- 
gen overvoltage, and so facilitates the evolution of the gas, as veil as 
the precipitation of basic salts At moderate temperatures the first of 
the three aforementioned factors predominates, so that the deposits are 
unproved, but at higher temperatures detenoration is observed 

IV. Colloidal Matter —In many instances, e g , lead from acetate 
solution or silver fiom silver nitrate, the metal normally deposits on the 
cathode m the form of relatively large crystals, but the presence of very 
small amounts of colloidal mattei, or of certain organic compounds, often 
results in the production of a smooth, finc-gramcd and microcrystallme 
deposit hlimitc quantities, of the older of 0 05 g per liter, of the 
addition agent arc sufficient to cause a profound change m the form of 
the deposit, an excess of tlic substance may give loose and powdery or 
brittle deposits Among the materials used as addition agents the follow- 
ing may be mentioned gelatin, peptone, agar, glue, various gums, 
nibber, casein, alkaloids, dyestuffs, sugars, and camphor, the action of 
any particular substance is often specific and depends on the nature of 
the metal and the electrolyte 

The addition agents arc generally surface active substances and they 
are probably adsorbed on the cry stal nuclei, thus preventing their grov th , 
the discharged ions are consequently compelled to start new nuclei and 
the result is that the deposit is fine-grained whereas it might otherwise 
have been appreciably crystallme The deposits obtained m the pres- 
ence of an addition agent hav e been found to contain a certain proportion 
of the latter, m agreement with the view that the added substance is 
adsorbed 

Nickebgenorallv forms smooth deposits in sulfate oi chlonde solutions 
oven in the absence of colloidal addition agents, since the deposition of 
nickel is alv ays accompanied by the simultaneous discharge of hydrogen 

" Glazunov, Z phjsik Chem , 167, 399 (1934) 
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ions the electrolyte tends to become alUhne m the ucinity of the 
cathode, thus leading to the formation of hjdrous o’udes or basic salts 
By iQterfermg with the growth of nuclei, these substances, m a gelatinous 
or colloidal form, can cause the deposit to become smooth and fine 
grained It is a significant fact that electrodeposits of nickel have been 
shown on analys s to contain appreciable amounts of oxide * 

V. Electrolyte —The nature of the amon often has a very important 
influence on the physical form of the deposited metal, for example, lead 
from lead nitrate solution is rough, but smooth deposits are obtained 
from silicofluonde and borofluonde solutions The valence state of the 
metal may affect the nature of the deposit, thus, from plumbic solutions 
lead js deposited m a spongy form whereas relatively large crystals are 
formed m plumbous solutions In an analogous manner, smooth de 
posits of tm are obtained from slannale baths, but from stanmte solutions 
the deposits are of poor quality The difference m the behavior of 
different electrolytes is sometimes due to the possibility of the formation 
of colloidal matter which serves to give a fine grained deposit, this may 
be the case in the deposition of lead from silicofluonde and borofluonde 
solutions where a certain amount of colloidal hydrous silica or boron 
trioxide may be formed by hydrolysis 

A striking fact in connection with metal deposition is that smooth 
deposits are generally produced from solutions of complex ions, particu 
larly cyanides, an outstanding illustration of this behavior is provided 
by silver which is obtained as a very coarse depo'Ut from nitrate solu 
tions except perhaps at very low c d % while cyanide solutions give the 
familiar smooth deposits of “electro plate “ Some workers consider that 
crystal nucleus formation is favored by the extremely umall concentration 
of the simple, e g Ag^, ions in the solution of the complex, e g , Ag(CN)r, 
anion Others, however, ore of the opinion that some insoluble salt, 
such as the simple cyanide, is deposited with the metal, thus acting like 
an addition agent in preventing crystal growth One pos-jible way in 
which such solids might be formed at the cathode is by the discharge of 
complex cations, eg, Ag2(CN)+, which would yield silver and silver 
cyamde m immediate contact, there is some endence that ions of this 
type are present in complex cyanide solutions * Another suggestion that 
has been made is that deposition at the cathode does not occur by the 
discharge of cations, such as Ag+, which are present m Very small amounts, 
but by the amon acquiring an additional charge, e g , Ag(CN}2 becoming 
Ag(CN)2“, the resulting complex is unstable and decomposes more or 
less rapidly to yield atomic alver and cyanide ions The formation of 
the silver is thus m the nature of a secondary process and consequently 

* Macnaughtan and Hothersall Trant Faraday Soe 31 1168 (1935) 

^Glasstone Trans Faradai/Soc 31, 1218 (1935), see also Glazunov and Schlotter, 
/ Ekarodeposttors’ Tech SoC 13 (19^, Erdey (3rus Z phynK Ckm 172A 163 
174, 176 (1935) 
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may not be ‘subject to the conditioiis appbcable m a soktioa of the simple 
ions ■nhere direct discharge occurs 

Tlic iiest electrodeposils of ehronaum are obtained from solutions of 
chromic acid containing small amounts of certain anions, particularly the 
sulfate ion There is httlc doubt that the nature of the deposit is mfiu 
enced bj the formation of a complex chromic cliromate diaphragm on 
the cathode The function o'" the amon appears to be to affect the nature 
of this diaphragm m such a manoer so that it does not block the cathode 
completely it thus docs not prevent access of ions yet it is suEBciently 
adherent to interfere uitli the grow th of ci^stil nuclei 

VI Basis Metal —Although the external form of a deposited metal is 
rarel} affected bj the basis metal used as the cathode there is ample 
eiidcnce that the latter has some effect on the crystal growth. It is 
apparent that in many instances the general orientation of the crystals 
at least m tlic first la\ei:> of tlic deposit, is a contuiuation of that m the 
basis metal 

Throwing Power —The property of a solut on by airtuc of which a 
rclatnoly uniform deposit of metal may be obtained on a cathode of 
irregular shape, is knonn as tlic throwing power The problem of the 
causes of good or bad throning power is very complex and la not at all 
clearly understood It appears, from a theoretical standpomt, that 
throw mg pow cr should be mflucnccd by (a) the rate of increase of cathode 
potential with current densil), and (i») the conductance of the solution 
If preferential deposition should take place at aiij part of the cathode 
the effectu e c n will behighw here than on the remamdei of the cathode 
if this higher densitj requires a much increased potential, there will be 
a tendency for the c d to be autorastically reduced at the part under 
consideration In other words a cathode potential current density curve 
with a marked slope should favor uniform current distribution and so 
should give good tlirowing power This appears to be true m certain 
cases, but there are other important factors to be considered, for a 
solution of argentoeyamdc containing excess fice cyanide appears to have 
excellent throwing power, although the polanzation does not increase 
maikedly with increasing current density In general the addition of 
colloidal matter improves the throwing power of a solution, but increase 
of tempoiature and agitetion have the opposite effect 

If the conductance of the electrolyte is low, the current lines will tend 
to concentrate on the parts of the cathode nearest the anode and the 
throwang power will be bad With a solution of good conductance, 
however, there ivill be no particular profeience, as far as this factor is 
concerned, for one portion of tile cathode over any other high conduct- 
ance will thus improve throwmg power The conductance of an electro 
lytic bath is generally so good, however, that there is no noticeable 
influence on the throwing power 
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Simultaneous Discharge of Cations— If a solution contains two 
cations, there is a possibility that simultaneous discharge occur 
this problem is not only of interest m connection with the electrodeposi- 
tion of alloys, but it is important m the deposition of single metals, since 
aqueous solutions alriays contain hydrogen ions Were it not for a 
\ ariety of complicating factors, such as the influence of one metal on the 
deposition potential of the other, the situation would, m pnnciple, be 
relatively simple, provided the dischaige (reduction) potentials of the 
two ions were the same, amultaneous deposition would occur For 
example, the reversible potential of a metal A m a solution of its ions 
of &ctmt} Oi*, 1 e , of the electrode A A+, would he given by 

E ^lnflA+, 

and the theoretical discharge potential is equal to - T, i e , 

Bd. = + 

In order to obtain the actual discharge potential it is necessary to include 
the overvoltage wai and so it follows that 

RT 

Ei, = — Da — WA + In Ca* 

If the solution contains two cahons, one of which may be the hydrogen 
ion, then provided there is no interaction in solution or in the deposit, 
simultaneous deposition will occur when the two discharge potentials 
D g , of A and B, become equal, that is, when 

RT RT 

— Da " WA + In ca* ^ Db ■" WB -f- In Gr* (1) 

The subject of simultaneous discharge may be divided into two aspects 
first, when it is desired to deposit two metals simultaneously, e g , in 
alloy deposition, and second, when simultaneous deposition is to be 
avoided, e g in electro analybeal work These aspects will be consid- 
ered in turn 

An examination of equation (1) shows that there are, in general, three 
ways m which the discharge potentials of two cations may be brought 
together (i) if the standard potentials are approximately equal and the 
overvoltages are small, (ii) if the standard potentials are different, but 
the overvoltages vary suf&ciently to compensate for this difference, and 
(ill) if the differences in reversible potential and overvoltage are com- 
pensated for by differences m the activities of the ions Examples of the 
three types of behavior are known 

(i) The standard (oxidation) potential of lead and tin are + 0 12C 
and -f- 0 140 volt, respectively, and since there is little overvoltage 
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accorapan 3 Tng the deposition of these metals, a small adjustment of 
lomc concentration is sufficient to allou simultaneous deposition to take 
place from chloride oi fiuoborate solutions If the solution is acid, hy- 
drogen ion discharge should be tbeorefacallj possible, since the standard 
potential is ± 0 0 i olt, on account of the high hydrogen oven oltage at 
both lead and tin, how ei er, there i*? no appreciable e\ olution of hj drogen 
Another example of simultaneous lomc discharge that appears to be free 
from complications occurs when copper and bismuth are deposited from 
their simple salt solutions, the lespectia e standard potentials are — 0 34 
and — 0 23, rcspcctneij and the deposition oien oltage is negligible 
The composition of the deposit depends on the concentrations of the tw o 
ions present in the solution and on the cn , the rates of lomc discharge 
adjust them«ehes so that the composition of the lajer m immediate 
contact ivith the cathode satisSes equation (1) for the particular cathode 
potential 

(ii) Since the discharge (reduction) potential of zme from a molar 
solution of 7inc sulfate is about - 0 77 lolt, while the theoretical poten- 
tial for h) drogen ion discharge, c\ en from a neutral solution, is cathodi- 
calh smaller, wr, -04 aolt, it would be expected that hydrogen 
Q\ olution w ould occur m preference to zinc deposition The large hj dro 
gen oxenoltagc, \\z , about 07 to 08 \olt, at a zme cathode senes, 
how oxer, to bring the actual discharge potentials close together, and 
simultaneous deposition of hydiogen and zme occurs from shghtly acid 
solutions 

The combination of the rexcrsible potential with the oxervoltagein 
each case results m tlie depo'^itwn of hj drogen together with iron, cobalt 
or nickel Since it is desired to supprc's the h} drogen evolution as much 
as possible, m order to increase the efficiencj of metal deposition, the 
pH of the solution is rai«cd There is, how ex or, a limit to this increase 
because of the danger of the piccipitation of basic salts 

Sowxetxxwea bxxo xwets.1% ’wbxdx have diCEereut deposition, potentials at 
one temperature may haxc similar potentials at another temperatuie 
owing to changes of o\ erx oitage A case in point is that of the deposition 
of zinc and nickel from an aqueous amnioniacal solution at 90° the ox er 
X oltages for both nickel and zme deposition are small and the discharge 
potentials of the ions differ greatly At 20°, the ox ervoltage for mckel 
deposition makes its discharge potential about 0 3 x olt more cathodic 
and it can then he deposited simultaneouslj wnth zme from the solution 
m aqueous ammonia 

(ill) Although tile normal deposition potentials of cadmium and 
copper and of zinc and copper are far apart, they may be brought to 
gether by adjustment of tlie ionic activities, or concentrations If 
potassium cyanide, is added to solutions of salts of these metals, complex 
cyanides are foimed in each case, but owing to their different instability 
constants (cf p 173) the concentrations of the simple ions are reduced 
to different extents so that the discharge potentials now approach one 
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another This statement is borne out by the data in Tabic LXXXIII, 
^hich gives the deposition potentials of silver, copper, cadmium and 
2 inc from their sulfate solutions, on the one hand, and from complex 
cyanide solutions containing excess free cyanide, on the other hand ‘ 


TABLE T.TTT in deposition (REDPCTIOS) MTEVriALS FOB SIMPLE AND COMPLEX 
ION BOLOTIOVa 


Metal 

Silver 

Copppr 

Cadmium 

Zinc 


Sulfate 

Complex Ciftiude 

-)- 080 volt 

- 0 5 volt 

-1-034 

-10 

-040 

-09 

-076 

-15 


The clectrol}'tes contain approximatel} 1 g •atom per hter of the corre- 
sponding metal in each case It is evident that whereas simultaneous 
deposition of copper, cadmium and 2 inc is improbable from the solutions 
containing the simple ions, it should, and in fact does, occur from the 
complex cyanide solutions 

A special case of the change of ionic concentration arises when the 
limiting c D for one of the ions w exceeded, the concentration of these 
ions at the cathode falls to a very small value and the cathode potential 
then rises to such an extent that discharge of the other ions is po<!siblo. 

F ' 

fi 

c 

copper and zinc ions occurs and an alloy of the two metals is deposited 

Depolarization of Metal Deposition —Simultaneous discharge of two 
ions can also be brought about m another manner. When a metal that 
IS being deposited is able to fonn a solution in the cathode or, better, 
when it forms a compound with the cathode raatenal which dissolves in 
the latter, the partial molal free energy of the deposited substance a 
diminished and deposition can occur at a potential that is le&s cathodic 
than the reversible value for the pure metal. A striking example of this 
type of behavior, referred to as the depolarization of metal deposition, 
is found when the ions of sodium, or of another alkali metal, are dis- 
charged from a neutral or alkaline solution at a mercury cathode. The 
reversible deposition potential of • ’ ' ’ ‘ '* 

1 equiv. per liter of a sodium salt . i ' 

but as a consequence of the font 

in mercury, appreciable dischaige of sodium ions occurs at - 1 2 volts. 
In a neutral solution of a sodium salt, i c , at pH 7, the reversible poten- 
tial for hydrogen ion discharge is - 04 volt, but at a mercury cathode 
there is an overvoltage of about 08 volt (see Table LXXVIII); hence 
the evolution of hydrogen does not commence until the cathode attains 
a potential of - 1 2 volts It is apparent, therefore, that owing to the 
high hydrogen overvoltage at a mercury cathode, and the marked dc- 

• &fe Glasslonc, J Chm Soc . C90, 702 (1929); 1337 (1930) 
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po]arizing effect of the Ktter on the discharge of sodium ions deposition, 
of sodium, ''imultaneousl} Mith the evolution of hydrogen can occur from 
aqueous solution It ran} be noted that e\en if the electrolj te is ongi 
nail} neutral c g sodium chloride the discharge of h} drogen ions will 
make it alkaline m the Mcinita of the cathode the potential for the 
e\ olution of hj drogen then becomes more cathodic aaz about — 1 6 
a olts and *^0 the depo ition of sodium v, 11 be favored The apphcation 
of these principles makes it possible to piepare dilute alkali amalgams 
b\ the electroh sis of alkali chlondc solutions this fact has been utilized 
m the electro!} tic processes foi the manufacture of sodium hydroxide 

Depolarization of metal deposition sometimes occurs n hen tu o metals 
vhirh separate qmultancouslj form compounds or solid solutions The 
reier«iblc potential of a solid solution general!} hes m between those of 
the pure constituents hence an allo} containing both metals may be 
deposited at a potential that is less cathodic than that necessary for the 
less noble constituent m the pure state This piobabl} accounts for 
the fact that zme and nickel are deposited simultaneous!} at a potential 
of about — 0 G } olt whereas that required foi jmre zinc is nearl} 0 2 } olt 
more cathodic ® The simultaneous deposition of tl c iron gioup metals 
IS partl\ due to the similanl} of the discharge potentials but the forma 
tion of solid solutions also ph} s an important part Although the depo 
sition potentials of cobalt and nickel aie lower than that of iron the 
cathodic deposit almost im anably contains rclatn el} more of the latter 
metal ^ 

Separation of Metals by Electrolysis —The complete separation of 
one metal from another is important in quantitative electro anal} sis ® 
the circumstances in vhicii such separation is possible can be readily 
understood from the preceding discussion of simultaneous deposition of 
two metals The conditions must 1)C adjusted so that the discharge 
potentials of the \ anous cations m the solution are appreciabl} different 
If the standaid potentials differ sufhcicntf} and there are no considerabfe 
deposition oi er\ oltages complete scpamtion nithin the limits of ana 
lytical aecurac} is possible this is of course contingent upon the metals 
not formmg compounds or solid solutions under the conditions of deposi 
tion Since the concentiation of the ions of a deposited metal decreases 
during electrolysis the deposition potential becomes steadily more 
cathodic and ma} eicntual!} approach that for the deposition of another 
metal For example if the ionic concentration is reduced to 0 1 per cent 
of its original value the potential becomes 3 X 0 0295 volt more cathodic 
for a bi\ alent metal and 3 X 0 059 volt for a umvalent metal at ordinary 

'Schoch and liiRch J Am Clem Soc 29 314 (1007) Foerster Z EkU ochm 
17 883 (1911) 22 8o (1910) 

’’Glasstonc et d Tram Faradaj Soc 23 213 (1927) 24 370 (1928) 26 o65 
(1929) 27 29 (1931) 28 733 (1932) 29 426 (1933) 

® For review see Glasstonc Thorpe b Diet onaiy of Appl ed Cl emistry 4th Ed 
1939 Vol II p G9o 
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temperatures If the initial deposition potentials of the tn o metals differ 
by at least 0 2 volt, therefore, first 'VfiII be removed from the solution 
almost completely, with an error of leis than 0 1 per cent, before the 
second metal commences to bo deposited If a liter of solution contains 
one mole of each of the simple sidts of stiver, copper and cadmium, the 
deposition of the respective metals will commence at +0 79, +032 
and - 0 40 volt, rcspectnely, it is evident that silver can be deposited 
quantitatively before copper commences to be deposited, and the latter 
can, in turn, be separated virtually completely from cadmium It must 
be pointed out that these arguments presuppose that the c d is less than 
the limiting value for the metal being deposited, this condition is not 
difficult to realize at the commencement of the electrolysis, but the 
current should drop to zero at the end of the deposition Since the 
actual c D must be appreciable, the efficiency of separation is not always 
quite as complete as the difference of the deposition potentials would 
imply 

If two metals normally have similar discharge potentials, the condi- 
tions can be altered to make them sufficientlj different for scparolion 
to be possible For example, m the case of nickel and zinc m ammomaca! 
solution, to which reference nas made previously, the depo'^ition poten- 
tials are similar at 20®, but differ at 00® The two metals can thus bo 
separated satisfactorily at the higher temperature, but not at the lower 
Another illustration is pronded by the copper-bismuth system, in ishich 
simultaneous deposition takes place from simple salt solutions, if cyanide 
IS added, however, the copper ions form the complex cuprocyanide and 
the discharge potential becomes more negative (cf Table LXXXIII) 
If citnc or tartaric acid is present to keep the bismuth in solution, the 
addition of cyanide hardly affects the deposition potential of this metal, 
quantitativ e reparation from copper is then possible 

kn tniry^ng out tVie separation ol metais ior anatytica’i 

purposes, it is desirable to maintain control of the cathode potential, this 
IS best achieved by combining the cathode with a reference electrode, 
somewhat as in Fig 109, and mcasunng the e u f approximately by 
means of the potentiometer-voltmeter arrangement (Fig 61) A cur- 
rent of 3 to 10 amps is passed through the solution and the cathode 
potential is measured at the commencement of electrolysis, as the ions 
are removed by deposition the current is steadily decreased go as to keep 
the potential approximately constant In this manner the c d is pre- 
vented from exceeding the himling value When the current has f^en 
to about 0 2 amp , the potential of the cathode is allowed to become 
about 0 2 volt more negative The concentration of the deposited ions 
remaimng m solution is now negl^ble In order to expedite the process 
of electrolysis the conditions are arranged so as to increase the rate of 
diffusion of ions to the cathode, it is then possible to use larger c d ' s 
Without the nsk of depositing the second metal In the so-called “ rapid ” 
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electro ana!} tical methods, rapidly rotating wire gauze electrodes are 
emploj ed and, i! possible the temperature is raised 

Electrochemical Passmty — In the discussion of anode potentials in 
Chap XIII it M as taken for granted that the anode generall} commenced 
to dissolve when the potential nas made slight!} more positne than the 
rei ersible (ovdation) potential m the given electrolyte As the c d is 
raised the potential inci eases somewhat as a lesult of concentration 
polarization, but the extent of the increase is usuall} not large It was 
stated on page 444, howei or that metals of the iron group do not com- 
mence to di‘5sohe anodically until the theoietical reveisible potential is 
exceeded bj a relatiiely large amoimt, viz , 0 3 to 0 4 i olt at ordinary 
temperatures, tins maiked polarization, or irreversibility, must be due 
to the fact that one of the stages iniolvcd m the ionization process is a 
slow one requinng a high enei^ of actuation Nevertheless, m spite 
of the large polaiization an anode of iron cobalt or nickel still dissolves 
quantitatively in accordance with the requirements of Tarada} 's laws of 
electrolj sis If the c n is increased, howei er, a point is reached at wbch 
the anode potential rises leiy rapidlj, and there is a correspondmg de- 
crease in the current, at the same lime the anode practically ceases to 
dissolve, although it appeals olhenusc, to be quite unchanged The 
metal is then said to be in the passive state, and the phenomenon is 



Fig 122 Anodic passivity 

referred to as passivity, since the passivity arises m tins instance as the 
result of electrochemical or anoie treatment, one or other of these 
adjectn es is frcquentlj employed to desenbe this tyqie of passivity ® 
The general natuie of the vanatioii m the potential of an anode of 
lion, cobalt or nickel as the curient is increased is shown m Fig 122 

’ Tor referenoes to recent nork see Hedges Am Rep Ckem Soc 31 127 (1931), 
Bee also Evans ‘ Metallic Corrosion Pass Yity«a«i Protection 1937 
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AB represents the change of anode potential with current density while 
the electrode is active and is dissolving quantitatively At B the elec- 
trode becomes passive and the potential rises rapidly to C, the current 
decreasing at the same time because of the increased voltage now re- 
quired to pass current through the electrolytic cell If the current is 
increased further, the potential becomes more anodic until a new process, 
usually oxygen evolution, commences at D, beyond this point consider- 
able current can flow with relatively little further polarization, as shown 
by the curve DE In the region CE the anode has almost, but not 
entirely, ceased to dissolve When the current is decreased from E, the 
active condition of the electrode is not regained at C, the current must 
be reduced to a much lower value, e g , to G, before the potential changes 
to H, on the curve AB, and quantitative dissolution recommences If 
the current is cut off while the anode is passive, it returns slowly to the 
active condition on standing The active state is regained rapidly by 
making the passu e metal cathodic this can be achieved either by using 
it as a cathode m an electrolytic cell, or by touching it with a less noble 
metal or scratching the surface while immersed in an electrolyte The 
scratching exposes active metal which together with the passive matenal 
forms internal voltaic celb of which the latter constitutes the cathode 

Under given conditions, passivity is attained with increasing readi- 
ness in the order iron, cobalt, nickel, mm is much more difficult to render 
passive than is nickel m a particular electrolyte Metals of the iron 
group become passive more readily m alkalme than in acid solutions, and 
oxidizing agents, e g , lodatc, bromate, chlorate, chromate and nitrate, 
fa; or passivity, chloride ions markedly inhibit the onset of passivity * 
Increase of temperature increases the c d required for the anode to be- 
come passive under a given set of conditions 

A chromium anode can also be rendered passive, although its behavior 
IS somewhat different from that of the iron group metals The anode 
dissolves at low current densities m the form of chromous, i e , Ci++, ions, 
but when it becomes passive dissolution do^ not cease, the potential rises 
rapidly to about + 11 volts, and the chromium now passes into solution 
in the hexavalent state, forming CrO?” ions No oxygen is evolved, 
however, because the process Cr -> CrOr” requires a less positive poten 
tial than the evolution of oxygen in the same solution If the electrolyte 
contains iodide ions, the discharge of these ions can occur at a still lower 
potential, viz , +06 volt, the chromium anode then ceases to dissolve 
when it becomes passive but iodine is liberated Chromium is passivated 
more readily in alkaline than in acid solution and temperature has an 
mhibitive effect, as with the iron group metals, chlonde ions, however, 
have less influence in preventing the onset of passivity The chromium 
anode retains its passivity for some time even m acid solution, but the 
active state is rapidly regained by cathodic treatment 

* Chlondes are added to nickel and other plating baths in order to prevent the 
anodes from becoming passive 
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Sloh bdeniun and tungsten are rendered passn e more readil} m acid 
than m alkaline ‘solution, this is the re^enae of the bchanor exhibited by 
chromium and the iron-group metals Although oxidizmg agents gener 
allj fa\ or passi\it\ such is not the case mth a tm anode, m this instance, 
too, chloride ions do not ha^e the inhibiting effect they have in other 
cases It IS apparent, therefore, that each metal requires its oi^m specific 
conditions m order that it maj be rendered passive 

Platinum and gold arc regarded as unattackable metals because thej 
are nearlj ah a} s m the e state A gold anode dis'^oK es in neutral 
or acid chlonde 'solutions at lou cd ' s to form ions at a 

potential of about -f 1 2 1 olts, as the current is increased, hovrei er, the 
potential ncesrapidlj to -f 1 7 1 olts, the electrode ceases to dis'oheand 
chlonne is ciohed instead Platinum is actually le-'S noble than gold, 
blit it is rendered pa'^sn e much more easilj , cspecialh m solutions of 
ox 7 acids if the clcctroU le contains ammonia or hydrochloric acid, how- 
e\ er, platinum 'juffer-^ appreciable anodic attack, particularly if the metal 
15 m a finelj -dmded form 

Passivity and Cunent Density —It Mas believed at one time that the 
onset of pa«snil} required the application of a “cnticaJ*' current density 
to the anode, the important work of W J Muller,^® which has thrown 
much light on the problem of pissintj, has shoim that this is not the 
case Using honzontal electrodes, protected b) a glass hood to prevent 
the products formed at the anode from diffusing avvaj , it w as found that 
passmtj could be induced bv means of v ciy low c n 's, provnded suffi- 
cient lime w ere allow ed The higher the c d , how ever, the smaller the 
length of time reqimcd for the onset of anodic passivity In n sulfunc 
acid, for cample, iron became pas ive in 124 secs when the cd was 
289 miUiamps per sq cm , but if the c d was reduced to 15 milhamps 
it was required 848 secs before pa«ivit 3 was evident By preventing 
diffusion from the anode it 1ms (1ms been found possible to make metals 
passiv e at c D V erj much below tho«e w hich had prevuou«Iy been con- 
sidered effcctiv e If the solution is stirred or if the temperature is raised, 
the time required for passivation at a given current is increased, on the 
other hand, if the clectrolj te is prev louslj saturated with the salt formed 
when the anode dissolves the pacsivation tune is diminished 

It IS apparent from these results that the onset of passivity is asso 
ciated with the saturation of the solution m the immediate vicimty of 
the anode and the separation of the solid In several instances deposits 
of this kind hav e been remov ed from the anode and identified Imme- 
diate!} before the melil becomes pa'^vc a visible deposit forms on its 
surface, but it ls thrown off, and dissolves m the bulk of the electiolj'te, 
when the electrode is actual} passive and o\}gcn is evolved, the elec- 
trode then appears quite clean “ 

For review's see references on page 491 also MuJlor Bedeckungstheone der 
PassiviUt dcr Metalic W33, Trans famdaySoc 27 736 (1931) 

« Muller Z LkHrocbem 30 241 (1924), Hedges J Chem Soc 2878 (1926) 
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Chemical Passivity —If iron is dipped into concentrated nitnc acid, 
of specific gravity greater than 1 25, it may be attacked initially, but the 
metal does not continue to dissolve, although its appearance is un-. 
changed, the iron is now no longer soluble m dilute nitnc acid nor will it 
displace silver from sih er nitrate solution The iron has thus been ren- 
dered passive and since this state has been brought about by chemical 
action, it IS sometimes referred to as chemical passivity Many other 
oxidizing agents, besides nitnc acid, can induce passivity in iron and also 
in cobalt, nickel and chromium As m the case of electrochemical pas 
sivity, the matenal recovers its activity if it is subjected to any form of 
cathodic treatment The restoration of the active state takes place 
slowly on standmg, but it is facibtated by the presence of chloride ions 
and increase of temperature In general, the resemblances between elec- 
trochemical and chemical passivity are veiy marked, it is veiy probable 
therefore, that the fundamental cause of the passivity is the same m 
each case 

Metals of the iron group and chromium can be made passive by 
heating m air, and a semi passive state, m which the metal exhibits an 
electrode potential between the values for the completely active and 
completely passive conditions, can be induced in these metals, as well as 
in molybdenum tungsten and vanadium, by mere exposure to air The 
corrosion resisting properties of stainless steel and of chromium plate are 
undoubtedly due to passivity resulting from exposure to air 

Theories of Passivity —A large number of studies have been made of 
the phenomena of passivity and many theories have been proposed to 
explain them, the Mews most widely held at the present time are, m a 
sense, a modification of those proposed by Faraday m 1836 It was 
suggested that the surface of a passive metal uas oxidized or that the 
atoms of the “metal were m such a relation to the oxygen of the electro- 
lyte as to be equivalent to an oxidation”, the surface oxide would pre- 
sumably be so thm as to be invisible As a result of the metal bemg 
completely shielded by the oxide it could no longer dissolve anodically, 
be attacked by acids or replace other mctals from solution This theory 
of passivity received general support until Hittorf (1898) showed by his 
Tvork on chromium that it had to face considerable difficulties, and that 
the properties of the oxide responsible for passunty would need to be 
different from those of any known oxides of the metal Further, the 
supposed identity in light-reflecting powers of a passive anode and a 
cathode of the same metal, which is of course m the active condition, 
suggested that there could be no oxide fdm on the former 

Most of the aforementioned difficulties have been overcome m recent 
years In the first place it is known that if feme oxide is heated, it 
becomes almost insoluble in acids, and so it is possible that the oxide on 
passive iron may be in a similar compact and unattackable form Sec 
ond, it has been shown that polanzed light is not reflected to the same 
extent by active and passive forms of a given metal, neither do they 
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exliibit the same photoeleetnc emission By gentle anodic action or by 
the use of iodine, Evans has succeeded m dissolving away the inner por 
tions of iron made passive by anodic keatment, by means of oxidizing 
agents or by exposuie to air, m each ease a very thin, transparent and 
almost colorless film of oxide was left after the basis metal had com- 
pletel} disappeared The film is quite invisible when attached to the 
metal, but can be seen when separated fiom it The exact nature of the 
oxide IS not known some investipitois consider it to be a form of Fe-Oj, 
w hilc others i egni d it as FcjOi or FeOj, it is nevertheless established that 
it IS msoluble m acids 

If oxide films are responsible for passu ity, it is to be expected that 
an anode will become passive most readily m an electrolj te fiom which 
the oxide will separate most easily, this expectation is realized m prac- 
tice The oxides of iron, cobalt, nickel and chromium aic less soluble 
m alkaline than m acid solution, and passiantj sets in more rapidly m the 
formci The oxides of moljbdcnura and tungsten, however, are more 
soluble m alkali than in acid, and so these metals are rendcied passive 
most easilj in acid electrolj tes 

Although the existence of a tlim layer of oxide film on the surface of 
a passive inclal may bo admitted, it must be realized that it is still 
ncccssarj to explain wh> the material ceases to dissohe and how the 
oxide film is foimcd** The following mechanism gives a satisfactoiy 
explanation of tiicse and othei plienomcna of anodic pa8si\ ity As a 
result of the dissolution of the metal the coiresponding cations will ac- 
cumulate in the Mcniity of the anode, at the same time the solution will 
tend to become more alkaline as a consequence of tlio tendency of hydro- 
gen ions to migrate towards the cathode If the c d is increased or the 
time of elcctroljsis is prolonged, tlic solution will become saturated and, 
as a result, a normal or basic salt of the metal, depending on the actual 
aciditj , will be foi med on the anode surface By applying mathematical 
methods, Muller has shown that a porous deposit of salt first grows across 
the suifacc m a sidcw ays direction and when the film is complete it com- 
mences to thicken so that it becomes visible When the anode is 
covered m this mannei, the effective c n at the exposed portions will be 
very large and hence the potential ivdl use rapidly, this gives the region 
BC of the anode potential curve m Tig 122 

As a result of the increase of potential the discharge of hydroxyl ions 
becomes possible and the Oil rathcals, or perhaps atomic oxygen, react 
xviih the metal to produce an <idher&\i (aid xwis^le film of oxade beneath 
the visible, thick but non-adherent layei The oxide film spreads i apidly 
across the anode and when it is covered, oxygen eiolution commences 
The liberation of gas causes the visible film to be thrown off from the 

Evans J CTm 5'oc 1020 (1927), Hedges tfeid 969 (1928), Bancroft and Porter 
J Pkys Chem 40 37 (1936) 

‘’Hedges J Chm 5oc, 969 (1928),rvans Und 109 (1929) 478 (1930) 

“ See references on page 493 
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electrode surface, as actually observed, leaving the anode apparently 


anode, and is m a form not readily attacked by acids Since the under- 
lying material is unable to dissohe, it behaves m all respects as a 
noble, unattackable metal Cathodic treatment of any kind, however, 
causes the oxide film to be reduced, the surface of the metal is once more 
exposed and it becomes actue Increase of temperature increases the 
solubility of the salt of the metal and thus retards the formation of the 
visible film, the onset of passivity is thus delayed 

It IS important to note that whereas earlier workers were under the 
impression that a rclativelj thick film was necessarj to ensure passivity, 
it IS now realized that this cannot be so the fact that the film grows m 
thickness implies that metal ions are able to pass through it and hence 
such a film does not prevent the anode from dissolving A coherent and 
adherent layer is essential if the metal is to be really passive, such a film 
does not allow ions to pass through it and so it cannot grow m thickness 
A film that is effective for passivit) must thus inevitably reraaio invisible 
Chloride ions are apparently able to penetrate certain films, e g , feme 
oxide, thus rendering them porous and unable to prevent the metal 
dissolving, the presence of chlonde ions thus retards the onset of pas- 
sivity en w hen the anode does eventually become passive m a chlo 

nde solution, the passivity is not complete, for the metal continues to 
dissolve to some extent, it is for this reason that a passive iron anode 
in an alkaline solution contammg chlonde ions eventually becomes 
covered with a visible film of feme oxide 

When a gold anode is rendered passive in hydrochlonc acid solution 
the conditions appear to be somewhat different from those desenbed 
above, experiments show that the gold dissolves in the teivalent state to 
form AuClr ions in solution There is consequently a limiting c d deter- 
mined by the maximum rate of diffusion of chloride ions to tho anode 
(cf p 459), when this rate is exceeded the potential must nse so as to 
permit another process to occur The gold then becomes covered with a 
layer of oxide, produced either by reaction of Au+'*’+ ions with water, or 
by the direct action of oxygen or hydroxyl radicals, and ceases to dis 
solve ** 

It was mentioned above that a chromium anode continues to dissolve 
m the passive state forming chronmte ions, in this case the invisible 
oxide film may be sufficiently porous to allow lOns to penetrate it, alter- 
natively, the oxide film may become oxidized to CrOj which dissolves 
to form chromate, but is immediately regenerated by oxidation of the 
anode 

»Bhutt dal, Trans Faraday Soc, 26 635 (1930), 28 740 (1932), 20 1209(1933), 
30 914 (1934), 31, 636 (193o), Butler d<d,M,30, 1173 (1934), 34, 806 (1938) 
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Ciiemical pa^^smt) can be brought mto line ^th the views presented 
abo\ e concerning anodic passivit) If iron is placed in mtnc acid there 
IS at first a rapid attack leading to a h^h local concentration of feme 
ions and i depletion of hj drogen ions, the result is that a thm, adherent 
film of feme oxide, or of a basic salt, is formed which protects the metal 
from furtlicr attack The partial or complete passmty of certain metals 
resulting from exposure to air is asenbed to the formation of a similar 
continuous film, as already mentioned, this la 3 er can be separated from 
the surface hi suitable treatment It maj be noted that chemical 
passn it} IS not lestnctcd to chronuum, the non group and similar metals, 
passmt} appears to be a piopcrtj cxlubited bj most metals under suit- 
able conditions Poi example, copper becomes passn e m concentrated 
mtnc acid at - II®, and even 7mc and magnesium show signs of passmty 
under these conditions, the lov temperature is necessary, presumably, m 
order to pre^ ent the film causing passivity fiom dissoh mg 

Mechanical Passmty— In certain instances the dissolution of an 
anode is prm ented b} a visible film, e g , lead dioxide on a lead anode in 
dilute sulfunc acid, this phenomenon has been called mechanical pas- 
sivity, but it IS piobablv not fundamentally different from the forms of 
passmt} alrcadv disous'-ed The film is usuail} not completely imper- 
vious, but mere]} has the effect of decreasing the exposed surface of the 
electrode to a considerable extent, the effective cp is thus increased 
until another process m which the metal is involved can occur At a 
lead anode m sulfunc acid, for example, the lead first dissolves to form 
plumbous ions wliicli unite with the sulfate ions m the solution to form a 
porous lav er of insoluble lead sulfate The eflectiv e c d is increased so 
much that tlic potential ri«cs until another process, viz , the formation of 
plumbic ions, occurs If the acid is sufficiently concentrated these ions 
pass into solution, but in more dilute acid media lead dioxide is precipi- 
tated and tends partially to close up the pores, the layer of dioxide is 
vt mctcascs m thickness until it becomes visible 
Such an oxide is not completel} protective and attack of the anode con 
tinues to some extent, it is, however, a good conductor and so h}droxyl 
ions are discharged at its outer surface, and oxygen is evolved, m spite 
of its thickness 

It is of interest to note that if the solution of sulfunc acid or sulfate 
contains an appropriate amount of chloiate or nitrate, the lead sulfate 
does not adhere to the anode and the metal continues to dissolve in the 
bivalent condition This fact has been utilized m the electrolytic manu- 
facture of lead sulfate and of other msoluljle lead salts 

The so-called mechanical passivity, accompamed by the formation of 
a visible film and oxygen evolutaon, has been observed with iron, cobalt, 
nickel, manganese, lead and other anodes m alkali hydroxide solutions, 
and also with thallium, antimon} and bismuth m aqueous sulfunc acid 

Hedges J Chm Soc 969 ( 1928 ), 561 (1930) 
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The Corrosion of Metals* Hydrogen Evolution Type It was 'Cfn 
m Chap MI that, in general, an} metal higher m the electrode potential 
senes should be able to replace one lower in the senes from solution, 
stneth speaking it is more correct to sa} that any metal with a disaolu 
tion potential, i e , written m the form M, M+ (cf p 435), more positne 
than that of another, in Ike earn solulton, should be able to displace the 
latter This conc!u^lon appbes equally to hydrogen, and so any metal 
With a more positn e dissolution (oTidation) potential m the given solution 
should liberate hydrogen from that solution For example, it would be 
expected that lead {En « + 0 12) should dissohe m hjdrochlonc acid 
mth the ev olution of hy drogen (Fq « ±00), and rmc (i'zn « + 0 75) 
should displace hydrogen from a neutral solution, eg, sodium sulfate, 
(i:H«+04) 

In actual practice neither of these reactions occurs because the libera- 
tion of hydrogen is accompanied by an o^enoltage exactly as in the 
e\olution of the gas dunng electrolysis The conditions when a metal 
dissohes to give hydrogen are m this r^pect identical mth those opera 
tivo at a cathode and the same slow process, whatc\er it may be, must 
be an mtemiediate stage The hydrogen o\Dnoltagcs («) of lead and 
zinc arc about 0 0 and 0 7 \olt, rcspcctnely , and so it follows, accord- 
ing to the arguments on page 486, that hydrogen e\ olution will com- 
mence nhen the rcspcctue discharge (reduction) potentials are equal to 
- Fn “ w, 1 e , - 0 6 ^olt for lead m hydrochlonc acid and - 1 1 yolts 
for zme m a neutral solution The corn^pondmg hydrogen dissolution 
potentials would be 4- 0 6 and 4-11 'olts, and since these are more 
positue than the potentials of the respects e metals, nz , 4-0 12 and 
4- 0 75, the e^ olution of hydrogen will not take place By increasing 
the hydrogen ion concentration the hydrogen di^olution potential is 
reduced, and so the tendency for the metal to dissoh e nould be increased 
Thus, m a i'N ^ofufion oi' a mincraf acid the re\ ersibfc hy drogen pofentiaf 
IS approximately ±00, the discharge potential at a zinc cathode will 
thus be about — 0 7, and hence the hydrogen dissolution potential will 
be 4- 0 7 \olt This is so close to the dissolution potential of zme that 
the metal nould be expected to aissohc slowly m a strong acid solution 
Pure zme docs, in fact, dissolv e m this manner, but impure zinc is at- 
tacked more readily, partly because of the lower ovenoltnge and partly 
for other reasons to be considered shortly 

If pure zinc is placed m contact with a piece of copper and the com- 
bination IS immersed in dilute acid, so as to form a shorbcircuited simple 
\oItaic cell, the rate at which the zinc dissohes is greatly increased, an 
examination of the system shons, however, that the hydrogen is now 
being e\olved from the copper, instead of from the zme It is neverthe- 

i^For general reviews aee Hedges il«n Rep Ckem Soc, Jl, 13 j (19^), “Pro- 
tective Films on iletals," 1932, Evans, * Metallic Corrosion, Passivity and Protection,’ 
1937 
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less the zinc, and not the coppei, \ihich dissolves The less noble metal, 
1 e , the zinc, forms the anode of the voltaic cell, this metal passes into 
solution as zinc ions, vliile the hydrogen ions are dischaiged to form 
hydiogen gas at the more noble metal, ic, the copper, i\hich is the 
cathode of the cell Since the hydiogen oienoHagc at a copper cathode 
IS only about 0 2 \ olt, compared with 0 7 volt for zmc, hydrogen evolution 
occurs readily and the zmc dissolves lapidly 

The rate at vhicli the zinc dissolves is, theoretically, governed by 
Faradai 's lavs, and hence is gieater the larger the current flowing m the 
shoitrciicuited cell Increase of cuirent may be obtamed by mcreasmg 
the conductance of the electrolyte and by makmg the potential difference 
between the two electrodes, i e , tlie e m f of the cell, larger The e m f 
of the shoit-circuited cell is equal to the sum of the dissolution potential 
of zmc, 1 e , about + 0 75 a olt, and the discharge potential of hydrogen 
on the coppei, allowing for the overvoltage at the latter, m a neutral 
solution the reversible discharge potential of hydrogen is - 0 41 while 
m acid solution it is about ±00 volt, and hence the actual discharge 
potentials for appreciable rales of gas evolution at copper will be about 
- 0 61 and - 0 20 v olt, respectively Tlic e M f of the short-circuited 
zmc-coppcr cell is thus 0 14 volt m neutral solution and 0 55 volt m acid 
solution Assuming the conductances to be the same, the zinc will 
obviously be attacked more vigorously m an acid than in a neutral 
solution If the overvoltage at the cathodic, i c , more noble, metal 
were lower than the 0 2 volt at copper, the E vi f would be increased and 
the zinc would dissolve more readily 

It IS evident, tiierefoie, that if any metal is m contact with a nobler 
metal, the former will dissolve moie lapidly the lower the hydrogen 
overvoltage at the lattei and tlie higher the liydiogen ion concentration 
of the solution Increasing the conductance of the solution, e g , by the 
addition of a neutral salt, will also increase the rate at which the less 
noble metal dissolves If the overvoltage of the more noble metal is 
large, e g , mercury, the attack on the base metal is hindered, tlus is the 
case when zmc is amalgamated, foi the ovcrvoltago at the mercury, 
which IS the cathodic part of the cell, is sufficient to reduce the e m r 
virtually to zero 

The mode of attack on metals desenhed above is referred to as the 
hydrogen evolution type of corrosion, smee gas is actually evolved at the 
more noble portion of the system This type of conosion requires a 
combination of two metals, the nobler one of which has a low over- 
voltage, but it IS not necessary that the metals should be m a massive 
form Tor example, the additaon of a small quantity of copper sulfate 
to an acid solution greatly expedites the rate at which zmc dissolves, 
copper IS deposited, by leplacemcnl, on vanous parts of the zmc and a 
large number of local short-cncuited cells arc set up Another possi- 
bility, which frequently arises, is that the base metal should have m- 
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eluded in it as a separate phase portions of a more noble conducting 
matenal, the latter need not necessanly be a metal for it may be a 
sulfide or oxide having a low hydrogen overvoltage 

Corrosion m Presence of a Depolarirer —In the foregoing discussion 
the possibility has not been considered that a substance might be present 
which would react with the hydrogen and would permit a process to 
occur at the cathode at a lower potential, such a substance is a hydrogen 
depolarizer, e g , oxygen, from the air, or any oxidizing agent Unless 
special precautions are taken to exclude air, a depolarizer is always 
present, and if this is freely available the conditions of metallic corrosion 
are changed Since there la now no actual evolution of hydrogen gas 
at the cathodic regions, the overvolt^e of the noble constituent of the 
System is unimportant Whenever two metals are in contact m a solu* 
tion with free access of air, the baser of the metals is always attacked 
irrespective of the hydrogen overvoltage at either For this reason the 
iron m imperfect "tin plate” is readily corroded m air, provided moisture 
IS present, but m the absence of oxygen the high overvoltage of tin pre- 
vents any attack of the iron It is a famihar fact that once the under 
lying iron is exposed, tin plate rusts more rapidly than does iron alone, 
this corrosion is facilitated by the short-circuited local voltaic cells with 
atmospheric oxygen as the cathodic depolarizer In citnc and oxaho 
acid solutions it is the tin, rather than the iron, that is attacked, the 
reason for this is that the former metal forms complex anions in those 
particular electrolytes, \iith the result that its dissolution potential ex- 
ceeds that of the iron in the same solutions Under these conditions the 
tm becomes the anode and the iron the cathode of the cells responsible 
for corrosion ** Even in the presence of a depolanzer, increase of con- 
ductance of the liquid wll, of course, enhance the attack of the baser 
metal, and increase of acidity vi dl generally operate m the same direction 
The cathodic portions often behave as a species of oxygen electrode and 
hence the potential, like that of a hydrogen electrode, changes with 
increasing acidity m such a way as to increase the e m f of the voltaic 
cells 

Although corrosion is favored by a la^e difference of potential be 
tween the anodic and cathodic portions of a system, even the smallest of 
such differences is sufficient to stimulate corrosion m the presence of a 
depolarizer In an apparently uniform piece of metal, any portion which 
has been subjected to strain is less noble than an unstrained portion and 
small crystals are less noble than large ones, further, mmute inclusions 
of noble matenal are often found m relatively pure metals These differ- 
ences permit local voltaic cells to be set up and, m the presence of a 
depolanzer, corrosion of the baser (anodic) regions will occur 


Hoar Tmn^ Faraday Soc 30, 472 (1934) 
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The eMstence of anodic and eathodic parts m an apparently uniform 
piece of iron can be demonstrated bj means of the ferroxyl mdicator 
this consists of a muvtmc of 100 cc of 0 1 n sodium chlonde, 3 cc of 
1 per cent potassium ferricj amde and 0 5 cc of a 1 per cent alcoholic 
solution of phenolphthalem to which sufficient agar is added for the 
s^stem to form a jelly nhen cold The warm solution is poured on a 
piece of iron allowed to set and put aside for some hours, it will then be 
observed that m ceitain regions the mdicator has a blue color while in 
others it is pmk At the anodic, i e , baser, portions of the iron the metal 
passes into solution as ferrous ions which react with the ferncyanide ions 
to produce a blue coloi at the cathodic parte h} drogen ions are remoi ed 
bi the reaction with the fernejamde, and hence the solution becomes 
alkaline and gives a pmk color wath the phenolphthalem The object of 
the potassium chlonde m the ferrovil indicator is partlj to serve as a 
conductor and also to prevent the iron becommg passive A similar 
indicator containing the djestuffahzarmc has been proposed for identi 
f^nng anodic and cathodic regions of aluminum, at the former a red color 
IS obsen ed while at the latter the mdicator turns violet 

The assumption has been made hitherto that the corroded metal is a 
base one, but this term has been used m a rclatn e sense, any metal can 
be attacked in the presence of a depolanzer, provided a more noble 
material is ai ailable to foim a \ oltaic cell It is possible m this manner 
to bniig about the solution of metals which are noriBally relatively mert 
for cvample copper is noimally insoluble in dilute sulfunc acid, but it 
w ill dissoU e if air is bubbled through the solution or if hydrogen peroxide 
IS added In general a second more noble, metal is not necessary to aid 
the dissolution of the coppei, since irregulantias in the metal itself are 
sufficient to set up voltaic cells, the presence of the cathodic depolarizer 
serv es to keep the potential of these regions below that of the other parts 
w hich suffer attack The vigorous action of nitnc acid on copper is to 
be attributed to the depolan/ing action on bj drogen, as is to be expected, 
reduction products of nitnc acid arc formed at the same time 

Differential Oxygenation Corrosion — An interesting type of corrosion 
results when the depolarizer generally oxygen is not uniformly dis 
tnbutod over the surhee of the metal, this has been called corrosion due 
to differential oxygenation If oxygen has access to certain portions of 
a metal, depolarization of hydrogen will occur more readily there than at 
other parts, the latter regions will, therefore, tend to become anodic and 
dissolve so that hv drogen ions can be discharged at the oxygenated 
regions which are cathodic It may appear anomalous, at first sight, 
” Walker Ccderholm and Bent J Am CUm Soc 29 1256 (1907), Cushman 
and Gardner Corrosion and Preservation of Iron and Steel 1910, see also Evans 
Mdal Ind [iMndon] 29 4Sl 507 (1926) 

“Akimowand Aleschko Korrosumu MelaHidiuii II 126 (1935) 

Aston Trans Ekdrochem Soc 29 4^(1916) Evans J Soc Clem Ind 43 
129T 31oT(1924) 45 38T (1926) Ind Eng Ckem 17 363 (l92o) Mears and Evans 
Trans Faraday Soc 30 417 (1934) 
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that the parts of the metal to which oxygen does not have access are 
those that dissolve* this is because depolarization occurs only at the 
portions where oxygen is available and hence hydrogen ions will be dis 
charged there to replace the atoms removed by the depolarizer The 
development of anodic and cathodic properties as a result of differential 
oxygenation can bo readily demonstrated experimentally, a porous pot 
and a surrounding vessel are filled with potassium chlonde solution, and 
similar pieces of iron or zme, cut from the same sheet, are placed in the 
two solutions The pieces of metal, i e , the electrodes, are connected 
through a galvanometer, and there is no initial flow of current If one 
of the solutions is saturated xiith air, however, the system develops an 
E M F and current flows the direction of the current shows that the 
electrode in the oxygenated solution is the cathode, w hcreas the other, to 
which the oxjgon does not have access, is anodic and dissolves 

The differential oxygenation mechanism accounts for the fact that 
the rusting of iron occurs preferentially under portions covered with wet 
rust air is less accessible to these parts and hence they become anodic 
uith respect to the others and continue to dissolve as long as the oxygen 
13 available A similar condition is responsible for the corrosion of any 
metal coiered with a partially protective film, or of a metal that is m 
contact over a portion of its surface with a non*mctal Corrosion at 
the bottom of “pits” in a metal surface is also explained by differential 
oxygenation The formation of an oxide film, with its accompanying 
passivity, also helps those parts of the metal exposed to oxygen to be 
come cathodic, thus favonng the attack of the other portions 

In the foregoing discussion different types of corrosion have been con 
sidcrod separately, m practice the situation is complicated by the simul 
taneous occurrence of two or more forms of corrosion by the production 
of adherent films which result in passivity, and by loose deposits, such 
as rust, which anse from the interaction of the alkali produced at the 
cathodic portions of the metal with the cations formed at the anodic 
regions In addition to these possibilities, due to chemical or electro 
chemical action, physical factors, such as surface forces, often play a 
part, a film which would normally be protective may be drawn up into 
the solution air interface and thus be prevented from covenng the surface 
of the metal It is because of these complicating factors that the phe 
nomena of corrosion are sometimes difficult to explain, but it is believed 
that the principles enunciated in this and the preceding sections represent 
the fundamentals of electrochemical cora^ion 

The so called “atmospheric corrosion,” resulting from exposure of a 
metal to air, generally containing such gases as hydrogen sulfide and 
sulfur dioxide as well as carbon dioxide and water vapor, presents a 
difficult problem, the action has often been regarded as chemical in 
nature, but it is not impossible that electrochemical phenomena are 
involved ” 

“Wagner Z physik Ckem 21B 2a(I933),32B 447 (1936) 
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FBOBLCIS 

1 A solution containing approximately 0 1 molar cadmium and zinc sul- 
fates IS electrolyzed, what proporbon of the cadmium can be deposited before 
zmc separation commences’ It may be assumed that the polarization accom- 
panying deposition of the metals is n^gible m each case and that no alloy 
formation occurs 

2 The actual reversible potentials of the metals Mi and M 2 in a given 
solution containing simple 10 ns of both metals differ by 0 3 volt Assuming 
the metal Mi to dcpo<sit first, determine the proportion remaining in solution 
when M- commences to deposit at ordinary temperatures, if Mi is (a) univa- 
lent, (b) bivalent 

3 A 0 1 molar solution of copper sulfate in 1 0 n sulfuric acid is electro- 
Ijzed, what wall be the potential of the cathode when the cupric ion concen- 
tration lias been reduced to lO"* g -ion per liter? How much further could 
the cathode potential be increased and hydrogen evohibon sbll be avoided? 
The cathodic overvoltage at copper may be taken from Table LXXVIII 

4 An approMmately 0 1 molar solution of a eiKer salt in 1 0 molar am- 
monia IS subjected to electrolysis for analytical purposes, it is desired to reduce 
the concentration of the silver at least to 10'' molar Calculate the approxi- 
mate initial and final potentials of the silver cathode Tiie instability con- 
stant of the AgfNHj)^ ion may be taken as 7 X 10"® and the whole of the 
ammonia may be assumed to exist in the NHj state 

5 The (oMdation) potential of copper in a 0 1 molar cuprocj anide solution 
containing excess of potassium cyanide is 1 0 volt, explain why hydrogen gas 
IS evolved when potassium cyanide solution, pii 11, acts on metnlUc copper 

6 The metals iron and tin arc in contact in a solution of pH 4 utilize the 
data m Tables XLIX and LXXVIII to calculate the approximate s m f 
fax onng corrosion in the absence of air Tlie assumption may be made that 
only simple 10 ns of tin and iron arc formed m the gix en solution WTiat would 
be the effect on the magnitude of the b \i r and on the nature of the corrosion 
of the introduction of air, 1 c , oxygen at 0 2 atm pressure? 



CHAPTER XV 

ELECTROLYTIC OXIDATION AND REDUCTION 

Electrolytic Reductioa and Oxidation.— Otidation and reduction, in 
the special sense of the terms, arecqunolcnt to the rcmo\nl and addition 
of electron?, respcctivclj, \vhen a current from an external source of 
E II F IS applied to a pair of electrodes in an clectroljtic cell, so ns to 
make them anode and cathode rc«pcc!i\el>, the former can act as a 
means for the continuous rcmoanl of electrons while the latter scracs as 
a corresponding source of stippl) It is apparent, therefore, that there 
IS a po&stbilit} of oxidation bciiif; broujtht about clcctroI}tical!y at an 
anode, whereas reduction can occur at a calliodc The name conclusion 
may be reached in a less gcnenl manner when it is realized that there is 
aluajs a tcndcnc} for oxj^cn to be formed at an anode and of h>dro{;cn 
to be produced at a catltode, thus faaonnp oxidation nnd reduction, 
rcspoctnol) Lleclrol)tic oxidation and reduction reactions ma} bo 
classified os rcxeraiblc and irrcxcruible, the former refer to 8}'stcms which 
normally )icld definite rctcrsiblcpotcnlwU, but m the latter arc included 
processes inxohmR ejstcms xiluch for one reason or anollier do not 
bchato re\cr8iblj 

Reversible Ondation Reduebon Processes —Tlic fundamental pnn- 
eiplcs concomod in the reduction of n rc\cr?ible sjstcm at n c.athodc or 
m the oxidation at an unaltackaWc anode hate l>een already giaen m 
Chap XIII If the potcnlml of the cathode is made slight!) more 
ncgatit e or that of the anode more po'-itn c than the rex ersible potential 
of the gjstem, reduction or oxidation, re«pectnc!y, xnll take place As 
(fie current is increased there will be some polarization due to concent 
tration changes, and ex cntuall) the limiting c D for the particular process 
xnll be attained, any further increisc xnll lie accompanied b) another 
reaction, c g , cxolution of li)drogcn nt a cathode or cxolution of oxjgcn 
or chlorine at an anode 

In some cases the oxidation reduction potential is close to the poten- 
tial at which another process, Dg,Iijdrogcn cxolution, can occur, in tlui 
event both reactions will take place simultaneous!) For example, re- 
duction of the tUanic-titanous i^stcm m h)drochlonc acid commences 
nt about -j- 0 05 xoU, while in the same solution the rcxersiblc hydrogen 
potential is approximate!) ± 00 xolt It follow's, therefore, that if a 
platinized platinum cathode, which has almost zero h)drogcn oxer- 
xoltagc, 18 employed, reduction of the titanic ions and evolution of 
liydrogen will take place at the same time The reduction efficiency xvill 
then be small If a high overvoltage cathode is emplo}cd, hoxxexer, 
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100 per cent efRcienc\ is possible In the cathodic reduction of stannic 
ions in In drocblonc ncid solution there is simiiltanpous evolution of 
hjdrogeu nud deposition of tm licciU'^e of the latter occurrence the 
cathode is incMtabh one of tin sod so it is not po'isible to make any 
change in the o\ or\ oltage, except bj changing the temperature 

Certain s\'stcnis vhicli behave reversibly in the equilibrium state 
exhibit considenblc polanzation in the course of electrolytic reduction, 
examples arc the conversion of 5 valent vanadium to the 4 valent state, 
and of the latter to the 3 valent condition, the icduction of 6 to 5- and 
of 5- to 3 V alent molv bdenum and the reduction of G-\ alent to 5 v alent 
tungsten There is reason to beheve honcvei, that m all these cases 
the abnomnl bclinv loi is to be attnbuted to the picscnce of oxide films 
on the cathode liv producing a partial blocking of the surface, these 
oxide films mcrea«c the cffectn c c d , so that the potential rises ^ Con 
siderable polan?ation, accompanied bv oxidc-film foiraation, occurs in 
the reduction of chromate to chiomvc ions, but it is not certain how far 
this system is reversible 

The icvcrsible quinone hydioqumonc system also behaves m a some 
what unusual manner at a phtuuzed platinum electrode there is little 
pohn7ation other than that due to concentration changes at the elec- 
trode both foi oxidatiQU and reduction \\ ith otliei elcctiode matenals 
how ever, there is maiked polanzation, especially as the c d is increased 
at sufficiently liigh currents diffusion becomes rote deteimimng, but at 
lower values the nature of the slow process is not at all clearly under- 
stood Tlic polaiization appears to be influenced in an unexpected and 
complex mannei by tiic hy drogen ion concentration of the electroly te * 
Non-Reversible Processes ^—Reactions of the non-rev ersible type, 
le, with systems which do not give reversible equilibrium potentials, 
occur most frequently with un-ionizcd organic compounds, the cathodic 
reduction of nitrolicnrene to amlinc and the anodic oxidation of alcohol 
to acetic acid are instances of this type of process A numbei of inorganic 
reactions, such as the electroly tic reduction of nitric icid and nitrates 
to hydroxy lamine and ammonia, and the anodic oxidation of chromic 
ions to chromate, aie also probably incvorsiblc m character Although 
the problems of ciectroly tic oxidation and reduction hav e been the subject 
of much experimental iiiv estigation, the exact mechanisms of the reac 
tions involved are still in dispute Tor example, the electrolytic reduc- 
tion of the compound HO to H may be represented by 

R0 + 2B+ + 2£-R + H20, 

but it IS not known with certainty whether (a) the protons attach them 
selves first to HO and then the resulting ion is discharged, (b) the elec- 

1 Toeretcr dal 7 pliusil Chm 146A 81 177 (1930) ISIA 321 (1930) 

* Roscnlhai Larch and Hanimett J Ai« Ckem Sbe 59 1795 (1937) 

’ For further details see Glasst-one and Hipkljng ‘ Eiectrolj'tic Oxidation and 
Reduction 1935 
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trons pass from the electrode to RO and the RO“ ion combines with 
the protons, (c) the protons are discharged to form atoms and the latter 
reduce the KO or (d) the hydrogen atoms combine to form molecules 
which reduce the RO with the cathode matenal acting as catalyst * 

In spite of the considerable confusion which surrounds the subject, 
It IS known that certain factors affect the course and speed of irreversible 
electrolytic oxidations and reductions, th(»e are as follows (I) electrode 
potential, (II) nature and condition of the electrode, (III) concentration 
of the oxidizahle or reducible substance, i e , the depolarizer, (IV) tern 
perature, and (V) catalysts In addition, the nature of the electrolyte 
employed to conduct the current when the depolanier is a non-conductor 
often has an important influence The various factors just enumerated 
will be considered in turn, first with reference to electrolytic reduction 
and then to oxidation 

Electrolytic Reduction I Electrode Potential —In the absence of a 
depolarizer the vanatJon of cathode potential with current density will 
be repiesented by a curve similar 
to I m Fig 123, the small current 
flowing between a and b may be due 
to the presence of a small amount 
of reducible matenal in the solution 
or to diffusion of hydrogen away 
from the cathode Visible hydro- 
gen evolution commences in the 
vicmity of h, which gives the so 
called bubble ovenoltage poten- 
tial, be}ond this the gas is evolved 
freely with but little further polar 
ization If a depolarizer is present, 
however, another proce^, i e , re 
duction of the depolarizer, will 
occur m preference to hydrogen 
evolution, if this reaction is rela- 
tively slow, the cathode potential 
will nse from a to i', as shown by 
curve II Between a and h' the 
reduction efficiency is 100 per cent, 
but at the potential h\ which is 
close to that of b, appreciable hydrogen evolution will commence and 
the current efficiency will fall For a rapid reduction process the cathode 
potential rises slowly, curve III, until the limiting c d is attained, there 
13 then a rapid increase of potential and hydrogen liberation occurs 
If the reduction process w of the type represented by curve II, it is 
possible by regulating the current dei^ty to maintain a fairly definite 

* a Leslie and Butler Trans Faraday Soe 32 989 (1936) 
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cathode potential Working m this manner Haber (1898) found that 
V. ith a platinum cathode in an alkahne alcoholic solution of mtrobenzene 
a c D of 0 001 amp per sq cm ga\ e a cathodic potential of — 0 6 1 olt, 
under fne e conditions the chief product of elcctroI}dic reduction Tias 
azox 3 benzene When the cd Mas increased to 0 0035 amp persq cm, 
the potential rose (cathodicall\ ) to — 1 0 1 olt and hydrazobenzene was 
produced It appears, therefore «mce h} drazobenzene represents a more 
highh reduced state than azowbenzene, that the higher the cathodic 
potential the greater the reduemg properties of the electrode 

Interestmg results n ere obtained bj Lob and Jloore (1901) m con 
nection uith the electrohtic reduction of nitrobenzene m an alkalme 
medium Thev employed ditferent cathode matenals, but adjusted the 
current density 'jo that the potential was the same, viz , - 1 5 ^ olts, m 
each case The mam products were azoxy benzene and anihne, and the 
current efSciencies for these tuo substances are gi% en m Table LXXXH^ ® 

T^aix IXJKll ELECTEOLrnC PEDUCTlOS OF MTBOBENZTVL AT CO^S^A^•T FOTEVTIAL 

Current Efficiencj- 


Cathode 

Azoxj benzene 

Aniline 

Platinum 

oS3per cent 

35 9 per cent 

Copper 

o97 

332 

Tin 

628 

280 

Zinc 

493 

408 

Lead 

604 

30 0 

Nickel 

621 

34 9 


apart from the re®ults mth the nnc cathode, the products at constant 
potential are almost indepcndciit of the nature of the cathode It must 
be admitted that this particular instance is somenhat exceptional m the 
clo®e eimilant) of the results for the different cathode materials, the 
latter often exert a catalytic mflucnce, as explained below 

n Nature of Electrode Matenal— When a substance is difficult to 
reduce electrohdically eg carbonyl compounds and piTidme derna- 
ti\es ‘uccess can often be aehic\cd by the use of a zinc, lead or mercury 
cathode The^e metals all have high hx drogen oven oltages, and it is 
to this fact that the reducing efficiency is attnbuted If the electrodes 
contam impunties of low oxervoltage, or if the electrolyte contams traces 
of salts of metals with Iom oierioltages uhich can be deposited on the 
cathode, the electroly he reduction may be entirely inhibited Smularly , 
in the reduction of nitro-compounds the use of a zme, lead, tm or mercury 
cathode generally results in a good yield of amine at Ion oxenoltage 
cathodes, e g , nickel, platinum or carbon, intermediate products such as 
phenjlhydroxvlamme and benzidine are obtained 

Since high ovenoltage cathodes permit the attainment of a higher 
(cathodic) potential before hydrogen evolution commences, there is 
clearly the possibility of a greater degree of reduction, but the actual 

5 Lob aad Moore Z ji/iysif Ckm 47,418(1904) 
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reason for the increased efficieno is not clear A^hen the mdw was 
widel} accepted that oa crvoltagc was due to the slowness of the combi 
nation of hydrogen atoms, the reducing properties of high overvoltage 
cathodes were attributed to the appreciable concentration of atomic 
hjdrogen Since this theor) is now believed to applj onlj to metals of 
low o\er\oltage, the interpretation of electrolytic reduction must bo 
revised One possibilitj is tliat since high o\ erv oltage metals form w eak 
M— H bonds where M represents the electrode material, the atoms are 
more readily detached and can consequently react more rapidly with the 
depolanzer than would be the case if strong AI-H bonds were formed 
Another possibihtj is that since the protons have to pass over a high 
cnerg} barrier before they can reach the electrode m the ease of a high 
overvoltage metal thej will have a higher potential energy, and conse- 
quently be more reactive, than if the barrier were a low one, as it is for 
low overvoltage cathodes It is also possible that the reduction process 
may involve the transfer of a proton to the depolarizer adsorbed on the 
cathode, this represents an alternative to the transfer of the proton to 
the electrode resulting in hydrogen evolution If the latter reaction 
takes place at an appreciable rate at low potentials the former may 
not be able to occur, on the other hand if the overvoltage for hydrogen 
liberation is high the cathode potential may rise sufficiently for transfer 
of the proton to the depolanzer to be possible before hydrogen evolution 
sets m 

Although the overvoltage of the cathode material is important in 
controlling electrolytic reduction, it is not alwa>fl the deciding factor 
For example, the results m Table LXXXV wero obtained m the electro 


TABLE tXXtV COTRENT EFTICIENCII^ IN THE ELBCTBOITTIC REDVCTIOV OF 
MTWC ACtO 


Cathnle 

Cond t on 

Current Effp enry 

llyiroitylain ne 

AmmOn s 

Lead 

Amalgamated 

70 per cent 

17 per cent 

Lead 

Roughened 

24 

61 

Zinc 

Smooth 

43 

40 

Copper 

Smooth 

n 1 

77 

Copper 

Spongy 

15 

03 


Ij tic reduction of mtnc acid, the current efficiencies for the formation of 
lij droxylamine and ammonia are recorded • Of the materials emploj cd, 
spongy copper has the lowest overvoltage, but it gives the greatest rcduc 
tion efficiency, on the other hand, the least effective cathode, i e , amal 
gamated lead, has the highest overvoltage It is evident that in tins 
instance copper has a catalytic effect in facilitating the reduction of mtnc 

•Tafe! Z anorg Chm 31 289(1902) 
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acid to ammonia It is known that hjdroxjlamme cannot be reduced 
elcctrolytieallj to ammonia at a copper cathode m acid solution, it 
follows, therefc’’c, that the two pioducts are obtained from mtric acid 
bj alteinatnc process, the one leading to ammonia being catalyzed 
b^ the coppci An analogous example of catalytic deviation of an 
electiol}tic pioccss the elecliode mateiial is found in connection 
with the leducUon of ketones, RCOR A cadmium cathode favors the 
formation of the hydrocarbon RCII»R, although at lead and mercury 
cathodes, w Inch lia\ e largei overvoltages, less highly reduced products, 
R"C(OII)C(OH)R'> and Il 2 CJI(OH) are obtained The hydrocarbon 
IS not a subsequent reduction product of these hydioxylic compounds, 
and hence the cadmium catalyzes an alternative leaction leading to a 
completelj i educed compound 

Anothei aspect of the eatalj tic influence of the cathode is pro\ ided 
by the fact that tiie reduction of unsaluratcd to saturated fatty acids 
does not occur appieciably at smooth platinum, copper or lead cathodes, 
it does, how c\ er take place readily at electrodes co^ ered avith finely 
divided platinum oi nickel It is probable that the electrolytic leduction 
of a double bond imohes a puiclj chemical heterogeneous reaction be 
tween the reducible substance and molecular faydiogen, produced by 
electiol 3 Sis, with the electrode mateiial as the catalyst 

HI Concentration of Depolanzer— As a general rule, the concen 
tration of the depolarizer does not affect the nature of the reduction 
product although it may affect the current efficiency for reduction By 
increasing the concentration of the dcpolarizei or bv agitating the elec- 
trolj te the late of the cathodic icaction is lnc^c^sed and it is possible to 
increase the c n •without the danger of hydrogen evolution Any factor 
which facilitates access of the depolarizer to the cathode increases the 
slope of the current density cathode potential cuive m Tig 123, e g , 
from II to III in an extreme case 

cathode is seen by comparing the results m Table LXXXV for smooth 
and spongy copper electrodes Tlie much larger effective aiea of the 
lattei permits moie intimate contact of the nitric acid with the cathode 
It may be noted m this connection that m his extensive work on the 
electrolytic reduction of organic compounds, Tafel (1900) frequently used 
a "prepared” lead electrode, which had been roughened by electrolytic 
oxidation of the suifacc to lead dioxide followed by reduction to finely 
divided lead by cathodic tieatment 

IV Temperature —Increase of temperature has three mam effects 
(fl) it loweis overvoltage (&) it increases the rate of leaction between the 
depolarizer and hj drogen and (c) it incieases the rate of diffusion of 
the depolarizer to the cathode ITie actual influence on the electrolytic 
reduction is a balance of the effects of these three factors If the reduc- 
tion pioce&s does not requiie too lugli an overvoltage, an increase of 



510 


ELECTROLTriC O^PATION AND REDUCTION’ 


temperature uould be expected to unprove the reduction efficiency be 
cause of the second and tbrd factors, if, on the other hand, the process 
necessitates a high cathodic potential, an increase of temperature, be- 
cause it lowers the overvolt^, will be accompanied by a decreased 
efficiency If an intermediate stage of reduction, at a lower cathode 
potential, is possible, it mil geneially be favored as the temperature 
IS raised 

V Catalysts —The addition of certain substances to the electrolyte 
often produces an increased reduction efficiency such catalysts are of ti\o 
mam types The first consists of salts of high overvoltage metals, e g , 
zinc, tin or mercury during the course of the electrolysis the metals are 
deposited on the cathode, thus raising its overvoltage The second type 
are ions capable of existing m two stages of oxidation, e g , titanium, 
vanadium, chromium, iron and cenum, th^e substances are sometimes 
called hydrogen carriers, and they act m the follomng manner The 
higher valence stage of the earner, e g , Ti++^, is reduced at the cathode 
to the lower stage, e g , the latter, being a powerful reducing 
agent, reacts with the substance present in the solution and while doing 


The nature of the electrolyte sometime has an important influence 
on the products of electrolytic reduction The alkalinity or aciditj, for 
example, plays an essential part m determining the nature of the sub- 
stance obtained m the reduction of nitrobenzene m this case the effect 
IS mainly due to the influence of the hydrogen ion concentration on 
vanoua possible side reactions The formation of azoxybenzene, for 
example in an alkaline electrolyte is due to the reaction between phenyl- 
hydroxylamine and nitrosobenzene, viz , 

C<H*NHOH + C,H(NO - C,HsN NO C(Hs + HjO, 

which IS catalyzed by hydroxyl ions In other cases, howe\ er, tlie cause 
of the difference m the products obtained in acid and alkaline solutions 
IS not clear, for example, the reduction of aromatic aldehydes in an 
alkaline electrolyte at a lead cathode yields mainly the corresponding 
hydrobenzom, but in acid solution the primary alcohol is formed m 
addition It is possible that differences m ox ervoltage or cathode poten- 
tial may be of importance in these instances 

Electrolytic Ondation: I Electrode Potential— A senes of stable 
potentials is difficult to obtain at an anode in the presence of a depolanzcr, 
the potential generally rises rapidly from the low value, at which the 
anode dissolves, to the high value for passinty and oxygen evolution 
Since a platinum electrode is nearly always passive, however, it is possible 
to obtam graded potentials to a limited extent, the data quoted in 
Table LXXXVI were recorded for the oxidation of an acid solution of 
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ethyl alcohol at a platinum anode at different potentials ^ It is seen that 
the proportion of acetic acid m the product increases as the anode poten- 
tial IS raised, by suitable regulation of the potential it is possible to 


TABLE LXXXVI OXIDATION OF ETHYL ALCOHOL AT A PLATINmi ANODE 


Current Densitj 
amp. per eq cm 

1 Anode Potential 

Current EfEciencv 

Acetaldehyde 

Acetie Acid 

0005-4)015 

037-09V 

~100 per cent 

~0 per cent 

0025 

/-095 

85 

15 

006 

15-17 

39 

61 


obtam either acetaldehyde or acetic acid almost exclusively There are, 
however, very few instances of this type of behavior m electrolytic 
oxidation 

n. Nature of Electrode MatenaL— -The current efficiency obtained 
m the anodic oxidation of (c) n sodium formate m 2 n potassium hy- 
droxide at 0 033 amp per sq cm , (6) 2 n potassium oxalate m ^ potas- 
sium hydroxide at 0 033 amp per sq cm , and (c) n potassium nitnte 
m N potassium hydroxide at 0 02 amp per sq cm , with a number of 
different electrode matenals are quoted m Table LXXXVII, * the anodes 


TABLE LXXSVII OXIDATION EFnCIBVCIES AT TAHIOUS ANODES 


Anode 

Toimate 

Oxalate 

Nitnte 

Platinum 

85 per cent 

93 per cent 

11 per cent 

Indium 

86 

88 

97 

Palladium 

97 

1 0 ' 

96 

Iron 

18 

0 

4 

Nickel 

45 


4 


are given m the order of decreasing overvoltage It is seen that while 
there is a rough parallelism between the extent of oxidation and the 
overvoltage of the anode, in no case is the correspondence complete, the 
difference in behavior of iron and palladium, which have the same over- 
voltage, m connection with the oxidation of nitrite is very marked, 
as also is that for the oxidation of nitnte at platinum and indium anodes 

Eor reasons which will be evident shorUy, it is difficult to lay down 
definite rules concerning the efficiency of an electrode for anodic oxida- 
tion If the oxidation is brought about by oxygen m an active form or 
by an oxide of the electrode material, e g , conversion of chromic to 
chromate ions and the oxidation of lodate to penodate, the highest effi- 

^Dony-Hdnault, Z ElcUmhm, 6, 533 (1900), Mane and Lejeune, Cmpl Tend , 
187, 343 (1928) 

^Eoerster, “Elektrochemie n-assengCT LosangCD,” 1922, p 312 
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cicncics arc obtuncd lead dioxide and platinized platinum anodes 
In other eases, such as the oxidation of methjl alcohol and other sub- 
6tancc3(cf p 510), these electrodes Riic the lo^c^tclBciencics, the best 
results arc then obtained ^ilh smooth platinum 

in Concentration of Depolanicr. IV. Temperature —The influenco 
of thc^ factors on clcctrobtic oxidation is similar to their effect m 
reduction processes 

V. Catalysts— EIcctrol} tic oxidation reactions arc often facilitated 
by the presence of catalysts capable of existing m t\ao aalenco stages, 
examples of such oxygen earners arc cenum, chromium, manganese and 
aanadium ions Their action is probably similar to that preaiously de- 
scribed for hydrogen carriers These catalysts have been iKcd to facih 
tate the oxidation of toluene to bcnzaldehydc or benzoic acid, of toluene 
sulfonamide to saccharin and of anthracene to anthraqumonc 

Small quantities of fluorides often liaao a beneficial effect m electro- 
lytic oxidation, e g , of lodate to penodate and of sulfate to persulfate, 
the part played by the fluoride is not clear, although in most instances 
its presence b accompanied by an increase of anode potential Per- 
chlorates have sometimes been added to solutions to improao the oxida 
tion efficiency , they haxe an effect similar to fluorides 

Polymenxatioa of Amons— The comcrsion of thiosulfate to tetn- 
thionatc, i c , 

2S-0, - » SiOr’ + 2<, 
of sulfite to dithionatc, i c , 

2S03- = Si0,- + 2(, 
and of sulfate to persulfate, i e , 

2SOr « SiOr f 

are reactions of a similar type uhicli can all be performed anodically 
in each instance tiyo ions of reactant combine to form a nen anion 
carrying the same chai^ as one of the original ions It wa.9 thought 
at one time that these processes were reversible m the thermodynamic 
sense, but It IS doubtful iihcther this is actually the c^so 

Considerable light ha? been tliroxvn on the mechanism of these lon- 
doubling processes as a result of a comprchcnsiyc study of the oxidation 
of thiosulfate and of sulfite under a variety of conditions * In the oxida- 
tion of thiosulfate, for example, at a smooth platinum anode, two stages 
of potential were ob«!er\ed, as shown in Fig 124 J the curves in this figure 
rcpr{«!cnt the vanation of anode potential with time during the passage 
of current at vanous strcngtlis* through a 0025 Msolution of thiosulfate 
buffered at pll 7 It w seen that m the initial stages of the process the 

»GljBstoncandnidImK J Chan 2COO (f932), 820 (1933), for rcvicn, 

Mc Chm /?<Ts 25 407 (1039) 

* The ares of the anode was about 50 «i cm 
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potential has a relatively low lalue but a nse occurs after a certain, 
amount of electricitj has been passed iiiroiigh the solution, the quantity 
being greater the smaller the current In spite of this change of poten- 
tial, the 01 er all cuiient efficiency for the formation of tctiathionate is 



Fio 124 Var ation of potential in anodic oxidation of thiosulfate 
(Gb'^ne and Hickling) 

not markedly affected by cunent density, as shown by the results in 
Table LXXXVIII, the oxidation at a c d of 1 0 X 10~^ amp /cm “ was 
earned out almost eutu^lv at the higher potential while that at 0 2 
X 10"* amp /cm ^ was at the lower potential for nearly half the tune, as 

TABLE LXXXVni COTBIINT BFriCIENCT FOR THE OXIDATION OP 0 025 U 
EODlTIM THltraDUAT? 


Current density X I O’ 

10 

08 

06 

04 

0 2 amp /cm ■ 

Tliiosulfate oxidiped 

S5 

85 

85 

88 

D6 per cent 

Tetradiwnate {otmed 

76 

76 

76 

76 

79 per cent 


seen in Fig 124 Further, experiments on the vanation of the current 
efficiency during the course of the reaction at the latter c d showed no 
appreciable change m spite of a nse of 0 7 volt m the anode potential 
Among other facts which were ducidated in the course of this work, 
it i\as found that the presence of catalysts for the decomposition of 
hydrogen peroxide, e g , ferrous, <»pper, cobalt and manganese salts, m 
particular, markedly decreased the efficiency of the formation of tetra- 
thionatc The addition of 0 001 m manganous sulfate to 0 025 m thio- 
sulfate reduced the efficiency from 85 per cent to zero the deposit of 
manganese dioxide foiraed on the anode is an active catalyst for the 
decomposition of hydrogen peroxide 
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It IS evident from the results just gi\cn that the oxidation of S*Or” 
to SiOr* cannot be the simple process represented above in^ohing 
mere!) a transfer of two electrons The reaction must clearly tabe place 
m stages, the slow stage, which is responsible for the potential, being 
different from that m which the oxidation actuallj occurs, the former 
changes dunng the course of time, but the latter remains unchanged 
It 13 known that various oxides are formed on a platinum anode, and 
hence it is probable that m the lower potential stage the slow process is 
that involved in the discha^e of hydrox>l ions, in some manner, on one 
oxide of platinum, whereas m the upper stage the ions are discharged on 
another higher, oxide The higher potential is verj close to that re- 
quired for the normal liberation of oxygen at a platinum anode, hence, 
the electrode surface dunng the omdation of thiosulfate is then virtually 
in the same condition as when oxygen evolution occurs 

In view of the influence of catalysts for hydrogen peroxide on the 
anodic procesa, it has been suggested that this substance is formed by 
the union of two hydroxyl radicals at the anode and that it acts as the 
effective oxidizing agent The destruction of the peroxide formed in this 
manner would then inhibit the formation of tetrathionatc from thio- 
sulfate at the anode It appears to be equally possible that the active 
oxidizing agent is the hydroxyl radical, for any reaction m which it is 
involved would undoubtedly take place rapidly To explain the influ- 
ence of catalysts it would be necessary to postulate that the catalytic 
decomposition of hydrogen peroxide mvolves the formation of free, or 
almost free, hydroxyl radicals this is, of course, not improbable A pos- 
sible mechanism for the anodic oxidation of thiosulfate might then mv olve 
the following stages first dischai^c of a hydroxyl ion from water 

H:0 = 0n + H+ + e, 


which IS the slow process (cf p 478) followed by 


and 

or, possibly, by 
and 


20H = HiOj 

2S30y- + HiOj = SiOr 4- 20H' 
Sj0r + 0H = Si03 +OH- 
2SiOj *= SiOe” 


In the presence of catalysts for the decomposition of hydrogen peroxide, 
either the peroxide itself or the hydroxjl radicals are removed m an 
alternative reaction leading to the formation of molecular oxygen, the 
efficiency for the formation of tctnthionate would then be decreased 
Some inv estigators have suggested the possibility that the S 2 O 3 " 10 ns are 
discharged directly at the anode to form SiOj , and the latter then com- 
bine m pairs, this view does not account, however, for the influence of 



POLYMERIZATION OF AVIONS 


515 


maEgaaous, ferrous, and copper ions, etc, nor for the two potential 
stages 

The phenomena obsened m the anodic oxidation of sulfite to di 
thionate arc essentially similar to those described above for thiosulfate, 
m the former ease, however, there is always a considerable formation of 
sulf&te, and n hen the conditions are snch that the production of dithionate 
IS suppressed, the amount of sulfate increases Because of the strong 
reducing properties of sulfite, the oxidation of the platmum anode occurs 
less readily than m thiosulfate solution and hence larger currents are 
nece=sary for the second stage ot potential to set ro 

Another anodic poljTuemaiaoD proee‘^ which has been &e subject 
of much study^, partly because of its industrial importance, is the oxida- 
tion of suifunc acid to persnlfunc acid The efficiency of this process 
has been found to run almost paraDel with the proportion of HSO4 10ns 
present m solutions of different concentration Tins fact has been re- 
garded as supporting the view that the first stage in the anodic process 
is the discharge of HSOT 10ns thus 

HSO4 =HS04 + (, 

followed by the combmation in pairs of the resulting radicals, 

2HSO< = HiSzOfi 

The argument is not convincing, howci cr because higher efficiencies of 
persulfate formation can be obtamed in ammomum sulfate solution than 
cither in one of suifunc acid alone or m a mixture of these tw 0 substances 
The data in Table LXXilX are of interest in this connection they 


TABLE LXSSK EPpiCIBSCT OP PEBSUtPATE PORilATION TV UIXTUBES OP 
AJUIOMOM SOITATE AND SULFURIC ACID 


Ratio of 

(VmiSO to H^Oi 

1 Carrent Dens tp in Amp per Sq 

[ Cffl 

1 

05 1 

20 

H-SOi alone 

17perc®2i 

la 3 per cent 1 

25 5 per cent 

1 4 

54 

424 

4S5 

i lo 

162 

aa3 

596 

lo 1 

2S4 

687 

69 3 

4 1 

473 

7o3 ' 

790 

(Nil,) SO 4 aloae I 

o3I 

817 

849 


give the efficiency of persulfate formation at a platinum anode m a senes 
of solutions containing different proporbons of ammomum sulfate and 
suifunc acid, the total sulfate radical concentration bemg 400 g per htei 
m each case The HSOi" ion concentratioa is probably a maximum 
when the «!olution contains appioximateiy equn alent amounts of the two 

” Elbs aud Schoabeir Z Elek(radtent , 2 245 (ISQa) 
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constituents, but the efficiency of persulfate formation shows no such 
maximum 

Although the conversion of SO4 ” to SsOg “ is undoubtedly a much 
slower process than the corresponding reactions involving 820^“ and 
SOj”, it IS probable that the fundamental mechanism is the same Be- 
cause of experimental difficulties the former of these processes has not 
been subjected to the same thorough examination as the others, but there 
IS reason for believing that catalysts for hydrogen peroxide decomposition 
also reduce the efficiency m this case Since porsulfunc acid can be 
obtamed by the action of concentrated hydrogen peroxide on sulfuric 
acid, and persulfate is produced by the oxidation of sulfate with duonne, 
it is not impossible that the anodic oxidizing agent is either hydrogen 
peroxide or hydroxyl radicals 

Ondation of Fatty Acids: The Kolbe Reaction— The phenomena 
observed in the electrolysis of acetic acid and of acetates have a number of 
features m common with those found in the reactions just di'^cussed 
If a solution of an alkali acetate, alone or mixed with acetic acid, is elec- 
trolyzed, the over all reaction, 

2CH3CO3 =CiH( -1-2003 + 21, 

takes place at a platinum anode, the products, ethane and carbon dioxide, 
are obtamed with a high efficiency This process, called the Kolbe 
reaction, after the name of its discoverer {Kolbe, 1849), has been very 
fully investigated but its interpretation is still a matter for controversy " 
The reaction can be applied to the salts of most aliphatic acids and by 
its use paraffin hydrocarbons up to C14H70 have been obtained, aromatic 
acids, however, do not generally undergo the Kolbe reaction One of the 
most interesting facts about the process is that although it occurs readily 
at a smooth platinum anode in aqueous solution, the efficiency for the 
formation of ethane is very small at platinized platinum, palladium, gold, 
nickel and iron anodes If a platinized electrode is poisoned with mer- 
cury, however, the Kolbe synthesis takes place to an appreciable extent 
The presence of catalysts for hydrogen peroxide decomposition, either 
those which give deposits on the anode, e g , manganese or lead salts, or 
those which do not, c g , copper and iron salts, brings about a decrease 
m the formation of ethane when an aqueous solution of an acetate is 
electrolyzed The product in these cases consists largely of methyl 
alcohol, which may be isolated under certain conditions 

If neutral salts are added to the electrolyte, especially if this consists 
of acetic acid only, with no acetate, the extent of the Kolbe reaction is 
diminished, under these conditions also, methyl alcohol is formed by the 
so-called Hofer-hloest reaction (1902) ^Vhen the conditions are such 
that the acetate is oxidized to ethane the anode potential is about 2 2 

“Glasstone and Hicklmg J Cktm 80 c 1878 (1934), for complete review, see 
‘ Electrolytic Oxidation and Reduction ' Chap VIII 
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volts, but T\hen tbs process is suppressed m favor of methyl alcohol 
formation the potential is ^o^\ er, mz , about 1 8 volts at pH 5 , and corre 
sDonds appioximately to that foi oxygen evolution m the gi\ en solution 
Several theories have been proposed to account for the Kolbe electro- 
synthesis one, vhieh has been ividely held, is that the acetate ions are 
discharged directly at the anode Mid the lesulting ladicals then react m 
pairs, thus 

CH 3 CO' = CH,COj + £, 

followed by 

CHjCOi CHa 

+ = 1 + 2CO2 

CHsCOs CHa 

The mam argument for this theoiy is that the formation of ethane does 
not commence until a defimte potential, regarded as the discharge poten- 
tial of the CHsCOr 10ns, is attamed It does not account, however, for 
the marked infiuence of electrode matenal on the Kolbe reaction, nor is 
it eas}' to understand why oxygen evolution does not take place m prefer 
ence, since the latter requires a lower potentuU The suppression of the 
formation of ethane and its leplacement by the Hofcr-hloest reaction 
provides the theory with a further difficulty Another suggestion that 
has been made is that actn e anodic oxygen oxidizes the acetate 10ns or 
acetic acid to acetyl peroxide, (CIIjC02)2, which then decomposes spon- 
taneously to yield ethane and carbon dioxide The products of the 
thermal decomposition of acetyl and other perojados, prepared chemi- 
cally, have been shown to be similar to those obtained in the Kolbe 
elcctrosyntliesis The effect of anode matenal, of catalysts for hydrogen 
peroxide decomposition and of added salts cannot, however, be readily 
explained 

A pomt of view which bnngs together some of the essential features 
of both the foregoing theones,*^ and at the same time accounts for many 
of the facts which these theones fail to explain, is similar to that pre- 
viously desenbed m connection with the anodic oxidation of thiosulfate 
It IS suggested that hydroxyl radicals, or hydrogen peroxide formed by 
their combination m pairs, react with the acetate ions to form acetate 
radicals, which then combine, possibly with the mtermediate formation 
of acetyl peroxide, to yield ethane and carbon dioxide, thus, 

CHaCO^ + OH - CH2CO2 + OH- 

01 

2CH3COT -k H2O2 = 2CH3CO2 + 20 H-, 

followed, possibly, by 

CHaCO. CHaCOO 

+ = i 

CH3CO2 CllaCOO, 

Glasstone and HicHing Trans Slectrochem Soc , 75 333 (1939) 
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and then by 

CH,COO CH, 

\~ \ + 2CO* 

CHjCOO CH, 

It IS possible that some acetate radicals are formed by the direct discharge 
of the ions as, it will be seen shortly, is the case in non aqueous solutions, 
but an additional mechanism must be introduced, such as the one pro- 
posed above, to account for the influence of electrode material, catalysts 
for hydrogen peroxide decomposition, etc It is significant that the 
anodes at which there is no Kolbe reaction consist of substances that are 
cither themselves catalysts, or which become oxidized to compounds that 
are catalysts, for hydrogen peroxide decomposition By diverting the 
hydroxyl radicals or the peroxide into an alternative path, viz , oxygen 
evolution, the efficiency of ethane formation is diminished Under these 
conditions, as well as when access of acetate ions to the anode is prevented 
by the presence of foreign anions, the reactions mentioned above pre 
sumably do not occur, but instead peracetic acid is probably formed, 
thus 

CHjCO, -t 20H s CII,CO,Oir + OH- 
or 

CHaCOi -b HjO, - CH,CO:OH + OH", 

or even 

CIHCO^H + 0 « CH,CO,OH, 
followed by its decomposition to give methyl alcohol, thus 
CHiCOiOH = CH,OIl + COi 

It may be recorded that both ethane and methyl alcohol can be obtained 
by the chemical oxidation of acetate solutions under suitable conditions 
One of the difficulties of any theory of the Kolbe reaction is to account 
for the fact that although the potential at which it occurs is so high, 
oxygen evolution does not take place preferentially In view of the 
suggestion made on page 478 that the normal discharge of a hydroxyl 
ion leading to the anodic evolution of o^gen results from the transfer 
of a proton from a molecule of water adsorbed on the electrode surface, 
a possibility is that the wafer molecules havo been largely replaced by 
acetate ions The discharge of hydroxyl ions to form oxygen is thus 
rendered difficult and hence it does not occur until the potential is high 
enough for the discharge of acetate ions, and their detachment from the 
anode, to become possible If the acetate long are prevented from reach- 
ing the electrode, by introducing neutral salts, their adsorption is rela- 
tively email and the dischai^ of hydroxyl ions at the normal potential 
occurs The presence of cat^ysts for hydrogen peroxide decomposition, 
since they facilitate the formation of oxygen, presumably favors the dis- 
charge of hydroxyl ions The low potwtials observed under these t^o 
latter conditions can thus be explained 
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In non aqueous solutions the Kolbe electrosynthesis takes place ^iith 
high efficiency at platinized platinum and gold, as well as at smooth 
platinum, anodes, increase of texnperatuie and the presence of catalysts 
for hydrogen peroxide decomposition, botii of which have a harmful 
effect m aqueous solution, have relatively little mSuence The mecha 
msm of the reaction is apparently quite different in non aqueous solutions 
and aqueous solutions m the former no hydroxyl ions are present, and 
so neither hydroxyl radicals nor hydrogen peroxide can be formed It is 
probable, therefore, that direct discharge of acetate ions occurs at a 
potential which is almost mdependent of the nature of the electrode 
matenal in a given solvent The resulting radicals probably combine m 
pairs, as in aqueous solution, to form acetyl peroxide, which subsequently 
decomposes as already described 

The Brown-Walker Eiectro^ntheas — The salts of normal diear 
boxylic acids do not undei^o an oxidation similar to the Kolbe reaction 
but alkali metal salts of the serm-eeters, viz , C 02 Et(CH 2 )nC 02 K, do, 
however, give a reaction of the same type this process was discovered 
by Crura Brown and Walker (1891) and is generally referred to as the 
Brown-Walker reaction The over-all anodic process may be repre- 
eented by 

{CH2)nC02Et (CH2)„CO:Et 

21 » 1 + 2C02 + 2f, 

CO 2 {CH2)„C02Et 

and the resulting product is the ester of a dibasic acid with double the 
number of CH 2 groups m the ongmal acid The Brown-Walker syn- 
thesis has been used to prepare dibasic acids containing up to 32CH? 
groups The essential phenomena of the Brown-Walker reaction as 
regards the mfluence of electrode matenal, presence of catalysts for 
hydrogen peroxide decomposition, solvent, temperature, neutral salts, 
etc , are so similar to those occurring lu the Kolbe synthesis that there is 
httle doubt the two processes have the same fundamental mechamsm 
Fonnation of Chromate and Penodate —In view of the cases just 
considered, in which hydrogen peroxide catalysts have a harmful mflu- 
ence it is of interest to record anodic reactions m which the reverse is 

TABLE XC ANODIC OXIDATION EFFICIENCIES 

Electrode Chromic to Chromate lodate to Penodate 

Smooth platinum 1 per cent 11 per cent 

Platinized platinum 53 14 

Lead dioxide ^ 

generally true The results m Table for example, give the current 
efficiencies at smooth and platinized piatmum and lead dioxide anodes 

** Glabstone and Hicklmg J Chetn Soc 820 (1936) 

Hicklmg and Westwood J Chetn Soc 1039 (1638), 1109 (1939) 

“ Gross and Hickling J Clem Soc 325 (1937), Hicklmg and Richards thd 2o6 
(1940) 
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for the oxidation of chromic to chromate ions m acid solution (01 m 
chromium potassium sulfate in 0 5 n sulfunc acid, c d , 0 01 amp per 
sq cm , 20”) and of lodatc to penodate in alkaline solution (0 1 m potas- 
sium lodate in n potassium hydroxide, c d , 0 25 amp per sq cm , 18”) 
In each case the oxidation is more effective at platinized platinum and 
lead dioxide electrodes than at smooth platinum, this is the reverse of 
the type of behavior observed m the oxidation of thiosulfate to tetra- 
thionate, sulfite to dithionate, acetate to ethane, etc Further, the effi- 
ciency for the anodic oxidation of chromic ions and of lodate is greater 
m aMline than in acid solution and is, in general, increased by raising 
the temperature, both these factors decrease the efficiency in the reac- 
tions previously considered 

As a result of careful investigations it has been concluded that the 
effective oxidizing agent for the anodic oxidation of chromic and lodate 
ions is not hydroxyl radicals or hydn^cn peroxide, but an oxide of the 
metal eraploj ed as the anode matcnal It has been mentioned in Chap 
XIII that there la evidence (or the forma-Uon of higher oxides on metallic 
anodes during the course of oxygen evolution, and it is probably these 
oxides which oxidize chromic ions to chromate and lodatc ions to pen 
odate Smcc chromate and penodate arc reduced by hydrogen peroxide 
to reform chromic and lodate ions, rc'fpectively, it is to bo expected that 
conditions which favor the decomposition of hydrogen peroxide or, in 
genera! which facilitate the formation of molecular oxygen from hy 
droxyl radicals, would increase the anodic efficiency for the formation of 
chromate and penodate The fact that increases of temperature and 
alkalinity increase the efficiency for these processes is, therefore, in agree- 
ment with expectation Platinized platinum is a better catalyst than 
smooth platinum for the decomposition of hydrogen peroxide and the 
results in Table XC show that an anode of the former material is more 
effective than one of the latter for the reactions under consideration 
Lead dioxide is also an excellent catalyst for hydrogen peroxide decom- 
position, and the higher oxides of lead are very effective m bringing about 
tho chemical oxidation of chromic and lodate ions to chromate and 
penodate respectively it is easy to understand therefore, the high effi- 
ciencies obtamed m the electrolytic oxidations with a lead dioxide anode 



CHAPTER XVI 

ELECTROKIHETIC PHENOMENA 

Electrokmetic Effects —The relative movement, v ith respect to one 
another, of a solid and a hqmd is accompanied by certam electncal 
phenomena which are referred to as electrokmetic effects ^ These phe- 
nomena are ascribed to the presence of a potential difference at the inter 
face between any tno phases at which movement occurs, this potential 
IS known as the electrokmetic potential or, frequently, as the zeta- 
potential, from the letter (f) of the Greek alphabet by which it is usually 
represented If the potential maj be supposed to result from the ewst- 
ence of electncally chained layers of opposite sign at the surface of 
separation between a solid and a liquid, then the application of an elec- 
trical field must result m the displacement of one laj er with respect to 
the other If the solid phase is fixed, e g , m the form of a diaphragm, 
while the hquid is free to more the hqmd mil tend to flow through the 
pores of the diaphragm as a consequence of the applied field The 
direction m which the liquid flows should depend on the sign of the 
charge it carries with respect to that of the solid This movement of a 
liquid through the pores of a diaphragm under the mfluence of an e m p 
constitutes the phenomenon of electro^endosmosis, or electro-osmosis, 
discovered by Reuss m 1809 

If two portions of water aic separated by a diaphragm, consistmg of 
a porous non conducting matenal, and metal electrodes connected to 
a source of p ■« p are placed on each side of the diaphragm, a flow of 
water will be observed to occur If the water, or other liquid, is imtially 
at the same level on both sides of the separating membrane, the lei el will 
rise on one side and fall on the other, as a result of the application of the 
electrical field When the difference of pci^ure causes the liquid to flow 
m one direction at the same rate as it passes in the opposite direction 
as a result of electro-osmosis, a stationary state will be reached, the 
pressure difference m this state depends on the experimental conditions 
If, on the other hand, the liquid is maintained at the same level on both 
sides of the diaphragm, by means of an oierflow tube, there will be a 
continuous flow of hquid as long as the e m f is applied A porous 
diaphragm is actually a mass of fine capillanes, and electro-osmosis is 
found to occur also m capillary tubes, singly or m groups 

If the solid phase consists of small particles suspended lu the liquid, 
the displacement of one charged layer with respect to the other, conse- 

I For fuller survevs of the subject see Abramson Elekfcrokinetic Phenomena and 
Their Application to Biology and Medicme 1934, Butler ‘ ElectrocapQlanty ' 1940 

521 



522 


ELECTROKINETIC PHENOMENA 


quent upon the application of the electncal field, now results m the 
movement of the solid through the hquid, this effect was at one time 
referred to as cataphoresis, but it is now generally called electrophoresis. 
Electrophoretic motion under the influence of an applied e m f has been 
observed with proteins and other colloidal particles of 6 X 10“® cm , or 
less, in diameter, as well as with quartz particle oil drops and air bubbles 
Studies of electrophoresis have proved of great importance, as will be 
seen later, in the examination of biological fluids, as well as m many 
aspects of colloid chemistry 

In the two electrokinetic effects just described, the application of an 
electric field results in the relative movement of the two phases, if, on 
the other hand, the relative motion is brought about mechamcally, the 
displacement of the charged layers with respect to each other should 
result m the production of a difference of potential between any two 
points in the direction of motion This potential, known as the stream- 
ing potential, was observed by Qumcke (1859) when a liquid was forced 
through a porous matenal, e g , a clay diaphragm, or a capillary tube 
The streaming potential may thus be regarded as the reversal of electro- 
osmosis In a similar manner, the reversal of electrophoresis results m 
the so-called Dora effect, or sedimentation potential; this potential, first 
studied by Dora (1880), anscs when small particles are allowed to fall 
through uater under the influence of gravity A difference of potential 
13 observed between two electrodes placed at different levels m the stream 
of falling particles 

The Electncal Double Layer and its Structure —The theoretical 
treatment of electrokinetic phenomena is based on the concept of the 
existence of an electncal double layer at the solid liquid boundary 
Helmholtz (1879) considered this double layer to consist of two oppo- 
sitely charged layers at a fixed distance apart, so that it could be regarded 
113 equivalent, to an electncal eondcnsei of constant capataty , with parallel 
plates separated by a distance of the order of a molecular diameter The 
original mathematical derivations of Helmholtz are somewhat compli- 
cated, and a simpler treatment, based on that of Pernn (1904), is given 
below If the electncal double layer at the interface of motion between 
a solid and a liquid is regarded as a condenser with parallel plates d cm 
apart, each carrying a charge cr per sq cm , then according to electro- 
sUtics 



where f is the difference of potential between the plates, which in this 
case is the electrokinetic (or zeta ) potential, and D is the dielectnc 
constant of the medium This is the fundamental equation which has 
been widely emplojed for the quantitative treatment of electrokinetic 
phenomena 
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The conception of Helmholtz, of the double laver involving a sharp 
potential gradient, v as modified bj Gouj " and bj Chapman ^ who 
utilized the idea of a diffuse double layer, atcordmg to this view the 
solution side of the double layer is not merdy one molecule or so, m 
thickness but evtends foi some distance into the liquid phase In this 
region thermal agitation permits the free movement of the ions present 
m the solution, but the distribution of positive and negativ e charges is 
not uniform smee the electrostatic field arising from the charge on the 
sohd will result m a preferential attraction of particles of opposite sign 
The picture of the diffuse electneai double layei at the surface between 
a solid and a liquid is thus analogous to the Debye-Huckel concept of the 
oppositely charged ion atmosphere surrounding a giv cn ion (cf Chap 
III) , m fact the mathematical tjeatment emploj ed by Debye and Huckel, 
to calculate the thiclness of the ion atmosphere and the potential wit'fam 
it, IS similar to that used in connection with the diffuse double layer 
If a small planar ares, carrying a cliarge density cr per sq cm which 
IS supposed to be filled to a solid surface, is considered, then a net charge 
of equal magnitude but opposite m sign will be earned by the "ion 
atmosphere” which extends some distance mto the liquid phase The 
value of the electrical density p per cc at any point m the solution portion 
of the diffuse double layer can be derived by the method employed m 
Chap III, provided #/)lT is small in companion with unity, the result 
IS given by equation (8), page 82, where ^ is the average potential at 
the point under consideration The electneal density and the potential 
can also be related by the Poisson equation, jn this instance, however, 
smee the charged surface is assumed to be plahS’i) the potential changes 
only in the direction normal to the surface and hence it is necessary to 
consider the v anation of potential in one eo ordinate, viz , a:, only The 
appropriate form of the Poisson equation is th^n 

ft- ^ (2) 

dx’ D’ 

and if the value of p, obtamed as desciibcd ubov e, is introduced, the 
result IS 

where k has the same significance as given by equation (il), page 83 
Integration of equation (3) yields 

f = Ae~‘^ + -dV*, (d) 

where A and A! are integration constants since ^ must become zero 
when the distance x from the surface is large, it follows that A must be 

^ Gouy y de physique 9 4j7 (1910) 

3 Chapman Phil Mag 25 4.75 (1913) 
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zero and hence equation (4) reduces (o 

^ = /Ifi « (d) 

The value of p h mch from equations (2) and (3) to bo gn on b) 

D 

and introduction of equation (5) yields 



Since the charge on the surface must be equal in magnitude, but 
opposite in sign, to that of the solution, it follows that 


<r = 



( 7 ) 


the integration being earned out from a the distance of closest approach 
of the ions to the surface, to combination of equations (G) and 

(7) then gucs 

. = r-i. 


A 


D<e ** 
4ir 


, itff 

Upon substituting this value of A in equation (5), it follows that 
4j<r , ^ 

and if K IS small, i c , for a dilute solution, this becomes 


( 8 ) 


The quantitj k is known to haae the dimensions of a reciprocal length 
(p 84), and 1 /k may be identified with the effective thicl^ess d of the 
double laver, if, at the same time, the electneal potential il/ in equation 
(9) IS replaced by the electrokinetic potential f, this equation bccomca 


r 


4r(rd 

T' 


( 10 ) 


which 13 identical with equation (I) With certain approximations, 
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therefore the diffuse double layer leads to a re‘5idt of the same form as 
does the theory of the sharp double layer 


Stem s Theory of the Double Layer —The ^ anations of capacity of 
the double layer with the conditzons the mflueiice of electrolytes on the 
zeta potential and other eonsiderat ons led St^m^ to propose a model 
for the double layci which corabmes the essential chaiacteristics of the 
Helmholtz and the Gou} theories According to Stern the double layer 
consists of tw 0 parts one \ hich is approximately of a molecular diameter 
in thickness is supposed to remam fixed to the surface m hile the other 


IS a diffuse layer extending for some 
distance into tl c solution The fall 
of potential m the fixed layer is sharp 
■\\hile that m the diffuse layer is grad 
ual the decrease being exponential m 
nature as required by equation (5) 
The potential gradient at the solid 
hquid boundary maj be represented 
diagrammatically b} Fig 125 m which 
the potentials are gii en by the orai 
nates and the distances fiom the sur 
face by the abscissae The left-hand 
axis repiesents the solid phase and 
tlie \ertical dotted line indicates the 
extent of the fixed part of the double 
layer the rclatne thickness of this 
layer s probably somewhat exagger 
ated in the diagram If tl e potential 



jtietacK inm StirAice 


Fio 125 The Stem double iajcT 


of the sohd is indicated by i and that 

of the bulk of the liquid by B the fall of potential m betw eon maj occur 
in two general ways dependu^ to a large extent on the nature of the 
ions and molecules present m the solution these are shown by Fig 125 
I and II In each case AC is the sharp fall of potential m the fixed 
portion and CB is the gradual approximately exponential change in the 
diffuse portion of the double layer The total fall of potential AB 
beti\een the solid and the solution is equal to the reversible potential 
m the case of a system that can behave revcraibly this is represented by 
the symbol E The electrokmetic or zeta potential hov ever which is 
involved in, electro osmosis electrophoresis and allied phenomena is that 


between the fixed and freely mobile parts of the double layer this is the 
potential change from C to B indicated by f in each case 


<Stem 7 Ekklrachem 30 SOS (1924) for a geaeral d scuss on of the propert cs of 
double layers see Mooney J Phjs Chm 35 331 (1931) Vervey Ckn Revs 16 
363 (1935) Mueller Am Nev YolAcad Sa 39 lU (1939) Crawford Trans 
raraday Soc 36 8j (1940) Kniyt and Overbeck ibid 36 HO (1940) Bkerman 
ibid 36 154 (1940) 
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The method gu en above for calculating the zeta-potcntial at a diffuse 
double layer may be applied to the diffuse portion of the Stem double 
layer If cro is the charge density on the solid and and ff 2 are the 
corresponding values on the solution sides of the fixed and diffuse layers, 
respectively, then the condition of electneal neutrality requires that 

fffl ■}■ <ri + ffj = 0, 

ffo + <ri =5 — ff2 

The surface charge density for the diffuse double layer is thus given by 
(TO + ffi, and this is the quantity wbch must replace tr in equations (7) 
to (10) In spite of the slight difference m the significance of ff, equation 


the solid 

It 13 of interest to note that the combination of fixed and diffuse 
double layers accounts for the fact that the reversible, or thermodynamic, 
potential has been found to be independent of the zcta-potcntial ® The 
addition of capillary active substances, such as dyestuffs, or of ions of 
high valence, for example, has a marked effect on the zeta-potential at 
a glass-liquid surface, even to the extent of bnnging about a reversal of 
sign, the thermodynamic potential, as measured by the glass electrode 
(cf p 356), 13 however, hardly affected The added substances do not 
apparently affect the values of the potentials at A and B, so that the 
potential E remains unchanged, hut the potentials between A and C, 
and between C and B, the latter giving the electrokmetic potential, may 
be altered considerably by the adsorption of ions on the solution side of 
the fixed double layer It was at one time thought possible that a true 
null electrode, i e , with a thermodynamic potential of zero, could be 

resulted when a metal and a solution of its ions were moved relative to 
one another It is now realized, however, that this procedure merely 
gives a system whose electrokmetic potential is zero, but it is obviously 
not possible to conclude that the reversible potential is also zero 

Some writers have doubted the necessity of postulating a double 
layer consisting of two regions,* nevertheless, it has been stated that tho 
results of measurements of the electrostatic capacity of the double layer 
at a mercury-electrolyte interface at vanous applied potentials can only 
be accounted for by means of Stem's theory The variation of capacity 
with potential was found to consist of two straight lines joined by a non- 
Imear portion, m accordance with the composite double layer of Stern 
the Helmholtz theory leads to the expectation of one straight line whereas 
the Gouy-Chapman theory requires a completely non linear curve ^ 

" " " ■* 5 ) 
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Electro-osmosis —When a hqmd is forced by electro-osmosis through 
the fine capillaries constituting a porous diaphragm, or, m general, 
through any capdlaiy system, the rate of flow will be determmed by two 
opposing factors these are the force of electro-osmosis, on the one hand, 
and the frictional force between tJie moving liquid layer and the wall, 
on the other hand When the two forces are equal the flow of liquid wll 
occur at a uniform rate If d is the effectn e thickness of the double 
layer across iihich the flow takes place, le, the one across which the 
electrokmetic potential is operative, then it ma} be supposed that the 
movement of the hquid is confined to this distance On the wall side 
of the double layer the velocity of flow is zero -ahereas on the solution 
side it may be regaided as having attamed the uniform velocity u of the 
moving liquid, the velocity gradient within the double layer, assuming 
it to be urnform., is then u(d The force due to friction, which is the 
product of the \ elocity graient and the coefficient of viscosity {rj) of the 
liquid, IS consequently equal to iju/d The electncal force causmg electro 
osmosis IS given by Vir, where V is the applied foienhal gradient, and c, 
as before, is the charge density per sq cm at the boundary at which the 
movement occurs, hence, at the stationary state, 


- = 7<r, 


and if the value of d obtained from equation (1) or (10) is inserted, the 
result IS 


4injtt 


( 11 ) 


If the potential gradient Y is unity, i c , 1 e s unit of potential per cm , 
the uniform i elocity, given the symbol is called the electro-osmotic 
mobility, it is determined by the expression 



In the case of electro osmosis through the pores of a diaphragm, the 
volume V of liquid tiansported electro-osmotically per second is equal to 
qii, where q is the total area of cross section of all the pores in the dia- 
phragm, the assumption being made that the thickness of the double 
layer is neghgible in comparison with the pore diameter On substituting 
vlq foi u in equation (11) the result is 
Anfl 


ijOV 

4inj 


or 


( 13 ) 
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if the electro-osmosia takes places through a single capillary tube, $ is 
equal to irr*, where r is the raius of the tube, equation (13) thea becomes 




(14) 


If liquid IS allov, ed to accumulate on one side of a diaphragm an excess 
hydrostatic pressure is set up which eventually counterbalances the 
electro-osmotic The simplest case to consider is that of electro- 
osmosis through a smgle capillary tube, for it is then possible to apply 
the PoiSeuiUe equation for viscous flow, thus, if ris the volume of liquid 
of viscosity 1 ? flowing per second through a capillary tube of length I 
and radius r under a difference of pressure P, then 


V — 


irr*P 

8ijl 


(15) 


If this ;alue for i? is substituted in equation (14), it follows that 


2tDVl 2tl)n 
vP' q 


(16) 


where P is the maximum pressure difference between the ends of the 
capillary tube as the result of electnMismosis, and g is the cross-sectional 
area of the tube As already mdicated, a diaphragm may be regarded 
as equivalent to a lai^e number of capillaries, and if q represents their 
total area r' *■ * . ^ 

Since V IS 
VI may be 

are placed near the ends of the tube, or near the sides of the diaphragm, 
eq^uation (16) then becomes 


P = 


2iDE 

9 


(17) 


For a given tube or diaphragm, q is constant and so the difference of 
pressure P maintained as a result of dectro-osmosis should be propor- 
tional to the applied voltage E and independent of the dimensions the 
diaphragm, as has been found by experiment * 

In order to utilize equation (17) for the determination of the zeta- 
potential, it may be wntten m the form 


Pq Pji^ 
^ ~ 2DE ~ 2DE 


(18) 


In this expression the pressure P is in djmes per sq cm , g is m sq cm , 
and f and E are m absolute units of potential, if the latter are expressed 

'Terwchm /Inn Phystl.,i2 333 (18S7) 
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m volts, then according to Table I (p 4), 

Pti^ 

r = ^ X 9 X 10* volt, 

and, finally, mth the pressure in atmospheres, this becomes 
PTcr" 

f = ^ X 9 X 1 013 X 10^® volt 

From experiments on tlie electro-osmosis of water through a glass 
capillary tube of radius 0 037 cm , the value of PjE was estimated to 
be 2 X 1Q~® atm per volt If the dieleetnc constant of the medium 
constituting the double layer is taken 
as 80, the zeta-potential between water 
and glass is found to be 0 049 voH 
Streaming Potential —The velocity 
of a liquid flowing in a capillary tube 
vanes with the distance a, from the 
center of the tube, and accordmg to 
Poisemlle’s treatment it is equal to ,26 aioulatmu of staamms 
P(r* - ^vhere r is the radius and potential 

I IS the length of the tube The mov 

mg part of the double layer is at a distance r - d from the center (Fig 
126) and so its velocity u is given by 

PC,^-(r -<;)■] 

® " Ml ' 

and if is neglected m companson with 2rd, i e , the thickness of the 
double layer is small relative to the diameter of the tube, the result is 




(19) 


If one side of the double layer is forced past the other, as is done m the 
measurement of the streaming potential, the strength of the current I 


produced is 


I ~ 2vrU(r, 


since 27rru represents the area of the double layer moving m unit time 
and 0 - IS the charge per sq cm , on introducing the value of u given by 
equation (19) it is found that 

Pm^ird 


If Ke is the specific conductance * of the hquid which is streamed through 


* In order to avoid confusion with the use of the symbol k for the reciprocal of the 
tinckness of the double layer or lomc atmosphere, the symbol kc is employed here for 
the specific conductance 
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the capillary tube, its resistance {R) is equal to IjA, since I is the 
length and rr^ the cross-sectional area of the tube, if S is the streaming 
potential produced by the flowing liquid, it follows by Ohm’s law that 


Pm^cd 

S^IR^ — — X 
V 


I _ 
irr^nt 




( 20 ) 


or, substituting the value of <r obtained from equation (1) or (10), 


5 - 




{ 21 ^ 


According to equation (20) or (21) the streaming potential should bo 
proportional to the driving pressure P, provided a definite capillary tube 


diaphragms ® 

Provided the specific conductance of the liquid is known, the results 
of streaming potential measurements can be used to evaluate the zeta^ 
potential by means of equation (21) In general the values are m satis 
factory agreement with those denved from electro-osmotic and other 
studies, but if a diaphragm of large surface area is employed the results 
are liable to be m error, the reason for this is that as a consequence of the 
action of electro-osmotic forces the electrical conductance of a solution in 
the pores of a diaphragm may differ appreciably from that of the same 
solution m bulk, especially if it is relatively dilute 

Electrophoresis —In the dcnvation ol equation (12) lor the electro 
osmotic mobility under unit potential gradient, it was supposed that the 
moving liquid was contained m a capillary tube In other words, the 
system under consideration was equivalent to a cylinder of moving liquid 
surrounded by a cylmdncal solid wall The positions of the liquid and 


* Kruj^ and Willigen, 45 , 307 (1928), Bnggs J Phyi Chem 32 641 

' r and Balkin 

’ ■ , DuBois and 

■ ■ 138), Gortner, 


■ 5oc, 51, 3294 

(1929), J Phys Chem 34 1033 (1930), 39 331 (1935); Fairbrother and Mastm, 
j Chem Soc , 125 2319 (1924), Bn^ J Pkys Cbm , 32, 641 (192S), Bull and Gort- 
Her, tbtd 35, 309 (1931), Rutgers, rns/M Fara^ySoc, 36 69 (1940) 
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tide, itfoIloTvs, therefoie that 




£2. 

4tij 


( 22 ) 


for a cylindrical particle Although the supposition was made that the 
particle was soLd m nature, equation (22) should be applicable to any 
particle, solid liquid or gaseous, suspended in a hqmd 

There has been much conijoveisy conceriiing the applicability of 
equation (22) to particles of different shapes, according to Smoluchon ski’s 
treatment (1903) the equation for the electrophoretic velocity should be 
independent of the shape of the moving partide On the other hand 
Debye and Huckel find that if the thickness of the double layer, i e , 
1/k, is laige m companaon witli the radius of the particle, i e , for small 
sphencal particles, the velocity of electrophoresis is given by 


0 

Ue = 7 — > 
OfflJ 


(23)* 


which differs from that denied previously by the replacement of the 
factor 4 t by 6?r The result is analogous 0 the expression for the 
so called “electrophoretic effect” in ordinary lomc conductance accord- 
ing to equation (29) page 88, this effect is t.qual to — ezs/fiTri? for a 
potential gradient of 1 e s unit of potential per cm Since iz is the 
charge earned by the ion, the potential ^ at a distance 1 /k is so 
that the electiophorctic contribution to the speed of an ion can be written 
as - In the case of a relatively large particle, | may be em- 

ployed mstead of tlie result is then equivalent to equation (23) 

The treatment of Debye and Huckel is based on the assumption of an 
clectnc field which is constant everywhere and on the supposition that 
all parts of any spherical shell can move with the same velocity in a gn en 
direction. The presence of the particle must, however, distort the elec- 
trical field and the hydrodynamic currents, and it is only when the par- 
ticles are very small in comparison with the thickness of the double layer 
that the Debye-Huckel result would be expected to hold Smcc the 
value of 11k mcrea'^es with mcreasing dilution, it follows that equation 
(23) should be apphcable to small particles m veiy dilute solutions For 
the case of relatively large particles, Henry “ has derived the modified 


equation 


12 . 3 *^ 


(24) 


“ Debye and Huckel Physil Z 25 ^ (1924) 

* According to Stokes s law / = where u is the steady velocity acquired by 
a particle of radius r under the influence of a force/ If the particle carries a charge Q 
and moves under a potential gradient of unity F is equal to Q and u becomes the mo 
bility Uf lienee Q - dvjjrut The potential at a distance r from the charge Q is equal 
to 0/Dr and if this is identified with f equation p3) follows immediately 

^ Henry Proc Roy Soc 133A 106 H931) see also Sumner and Henry, Rnd , 
133A 130 (1931) 
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where ig and k* are the 'jpecifie conductances of the liquid and of the 
particle, rtt’pcctuelv If the latter is a non-conductor tins equation 
reduces to equation (22), the same result appl> inR to a cj Imdneal particle 
with its axis in the direction of the electrical field, if the particle mo^cs 
broadside to the field, the factor 8r should replace 4t m equation (22) 
As a consequence of the complications associated with the theoretical 
derivation of the relationship between electrophoretic mobilit) and the 
shape of the particle, attempts ha\e been made to sohe the problem 
cxpenmentally Unfortunatclj the results in thLs connection appear to 
be equally inconclusu e Abramson studied the moi ement of spherical 
particles of ^ anous oils and of needles of asbestos and of m-ammobcnzoic 
acid coated with the same protein, eg, gelatin or egg albumin, in each 
case, the results showed that, provided the surface of the particle was 
completely cohered with the protem, the electrophoretic mobility is 
independent of the shape of the moving particle 

Another method of testing the relative ments of equations (22) and 
(23) for spherical particles is to compare the elcctro-osmotic and electro- 
phoretic mobilities, 1 e , and ««, respectively; this can be done bj 
obscnationsonaraiero-elcctrophorcsi3cell(cf p 536) made of the same 
matcnal as the suspended particles, c g , gla'^s or quartz If equation 
(22) IS correct, then it is apparent from equation (12) that u,/u, should 
be unity, on the other hand, if equation (23) applies, the ratio should bo 
1 5 Expenments with sphencal particles and surfaces, coated with 
adsorbed protein m order to insure identity m the nature of the surface, 
indicated that u«/u, was approximately unity, as required by equation 
(22) Objection to this conclusion was taken by ’White, Monaghan and 
Urban who claimed that the independence of electrophoretic mobility 
of the shape of the particles and the value of unity for u,/«, were due to 
the use of a liquid medium containing a relatively high concentration of 
\K 'll?* SteAri iWi. A Wft ksft 

than 0 001 M the ratio of electrophoretic to electro-osmotic mobility was 
not unity The results of other workers, howe\cr, appear to be contrary 
to this conclusion, and so the situation is somewhat uncertain It is 
probable, however, that equation (22) may be regarded as reasonably 
adequate for particles of any shape “ 

Determination of Zeta-Potentials.— The measurement of the \elocity 
of electrophoresis of a moving particle, by one of the procedures to be 
described shortly, pro> ides a convenient method for ei aluating the zeta- 
potential, utilizing equation (22) The value of w» as given by this cqun- 

w Abramson, J Phya a<m,3S 289(1031), J Cm Pkrjml, 16 I (1932) 

** WTiite, Monaghan and Urban, J Phys Chm , 39, Gil (1935), White and Fourt, 
M , 42, 29 (1938) 

** Mo) cr and Abramson J Gen PAj^of , 19, 727 (193G),/ Biol Chem 123,301 
(1038), Wiley >4 *' ■ 11 (1038); 

Tram Eleclroi r . ’ r 50, 23M 

(192S), Bull, r • ■ oc,36 5 

(1040) 
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tion IS for a potential gradient of 1 e s unit, i e , 300 ^ olts, per cm , 
similar]} , f is expicesecl m e s units Consequent!} if the electrophoretic 
mobility IS for a potential gradient of 1 volt per cm and the zeta-potential 
IS to he m \ olts, equation (22) should be written m the form 


fD 1 

4ni«* 

f = X 9 X 10^ volt 


(25) 


The electrophoretic mobilities of small colloidal particles, as v ell as 
of larger quartz particles, orl drops and air bubbles, are alwajs about 
2 to 4 X 10"^ cm pel ‘^ec m watei , hraice, m accordance v ith the require- 
ments of equation (25), -q being 001 cgs unit (poise) and D approxi- 
mate!} 80 , the \alue of the zeta-potential is between 0 03 and 006 volt 
m each case 

Attention ma} be called to the fact that the mobility of a simple ion 
under a potential gradient of 1 x olt pei cm is about 6 X 10"^ cm per sec 
at ordinary temperatures (cf p 60), and hence suspended particles move 
w ith a V elocit} comparable with that of eicetroi} tic ions The clectneal 
conductance of the suspension, e g , of a colloi^l solution, is, however, 
quite low because the numbei of particles carr} mg the current is very 
small m comparison with that in a solution of an electrob^e at an appre 
ciable concentration 

Influence of Ions on Electrokmetic Phenomena —The influence of 
electroljtes on electrokmetic effects can be desenbed most simpl} in 
terms of the apparent changes in the zeta-potential The results appear 
to be the same, on the whole, whether they are based on electro-osmotic, 
electiophoretic or streammg potential measurements In general, the 
zeta potential is made more positive by acids, i e , b} hydrogen ions, and 
more negatn e by solutions of alkalis, i e , bj hvdroxyl ions If the pH 
of the solution is kept constant, the electrokmetic potential is influenced 
by the addition of salts, the ions having the most appreciable effects are 
those of sign opposite to that of the solid phase Further, the higher the 
valence of these ions the greater is their influence on electrokmetic phe- 
nomena It may be noted that ions of the same sign as the solid do have 
some effect, but this is relatively small 

These conclusions may be illustrated by reference to the results de- 
picted in Fig 127, which shows the apparent vaiiation of the electro- 
kinetic potential, calculated b} means of equation (21), from streaming 
potential measurements with different electrobtes m a gla'ss capiilaiy 
tube In pure water the zeta^tential at the glass-water interface is 
n^ative, the glass being negntnely ebaiged with lespect to the water, 
on the addition of potassium or barium chlonde there is at first an increase 

” Freundlirh aad Ettisch Z ■pkysiJ Chm 116, 401 (192o), see aho Gortner 
J Phys Chm 34, 1509 (1930), 35 700 a931) 
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m the negative charge of the glass, presumably owing to the action of the 
chloride ions As the concentratiou of these electrolytes increases the 


solution their effect js considerable and hence any influence of the anions 
IS so small in comparison that il cannot be observed It will be seen that 
at high concentrations of thonum nitrate the zeta potential after be 
coming positive tends to reverse its sign again, presumably because of 
the effect of the negative ion 



Fia 127 Zeta potentials lO presence of salts (Freundlich and Ettisch) 

The influence of ions on electrokmctic effects can be readily explained 
with the aid of Stern s concept of the double layer Substances like 
silicon carbide, cellulose, sulfur and carbon, which do not ionize, are 
negatively charged in contact with water and the addition of small 
amounts of uni univalent electrolytes tends to increase this charge It is 
probable that in these cases the negative zeta potential is due in the first 
place to the firm attachment to the surface of hydroxyl ions from the 
water and possibly also of anions from the electrolyte An equivalent 
number of positive ions, some closely held m the fixed part of the double 
layer and the remainder m the diffuse portion, viilI be left in the solution 
The potential gradient between the solid surface and the bulk of the 
liquid, wh ch is pure water or a dilute solution ig shown diagrammatically 
m Fig 128, 1 If the electrolyte concentration is increased, there wll be 
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a tendency for the cations to accumulate on the solution side of the fixed 
double layei, i e , in the vicimty of the line XY in the diagram by 
mcreasmg the positive charge density at A F the zeta potential becomes 
Jess negative, as shown by Fig 128, II If the positive ion concentration 
IS made large, especially if these ions have a high valence, the sign of 
the electrokmetic potential may eventuall) be reversed (Fig 128, III) 
If the solid material is a substance 


capable of ionization, then the r X 

and magnitude of the zeta-potential i 
may be determined by such ionization u 
For example, silica, tungstic and stau “ l\\ 
me acids, acid dye stuffs, soaps and 1\\ 
glass are negatively charged m contact 1 \ \ 

with watei, since in each case there is ^ 1 \ V 

a tendency foi a small cation, e g , a - 1 \ \. | 

hydrogen or alkali metal ion, to pass | \ V r, 

into solution leaving the complexamon \ 

to remam partof thepositively charged \ ^ ^ 

sohd On the other hand, alummum \ 

and other basic hydroxides and basic T 

dyestuffs, which can take up protons 

from aqueous solution, form positively ^ 

charged solids The infiuencc of hy- Distaow ttm sorfaM 

drogen and hydrop'I ions m the« of effect of 

oases, and also with amphoteric sub" ions on zeta potential 

stances, such as protems, can be ex- 
plained m terms of ordinary acid-base equilibria The presence of other 
ions, however, may be expected to affect the zeta potential by changing 
the charge density on the solution side of the fixed double layer, as ex- 
plained above 

In the potential gradients depicted m Fig 128 the tacit assumption is 
made that the effective thickness of the double layer remains unchanged 
m spite of changes in the concentration and nature of the electrolyte, 
it IS probable, however, that the thickness of the diffuse double layer 
decreases with increasing concentration of ions m the solution, especially 
if they have high valences It was seen on page 524 that the effective 
thickness of the double layer could be r^arded as equivalent to the 
reciprocal of k, as defined by equation (18), page 84, it is known that 
this quantity, i e , 1 /k, is inversely proportional to the square-root of the 
lomc strength and hence it should be smaller the greater the concentra 
tion of the ions and the higher their valence An examination of equa- 
tion (!) or (10) shows that a decrease m either ir, the surface charge 
density, or m d, the thickness of the double layer, will result in a decrease 
of the zeta-potential It is thus possible for the apparent zeta-potential 
to change merely as a result of a chaise in the effective thickness of the 
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double layer, although it J3 probable that there la always a simultaneous 
alteration m the charge density 

The presence of high valence ions of the same sign as the solid surface 
results m a mimencal increase of the charge density which would nor- 
mally be accompanied by an increase of the zeta-potential, it is possible, 
however for the thickness of the double layer to decrease sufficiently at 
the same time for the zeta-potential to decrease in magnitude This 
effect has been observed m certain instance If the lomc concentration 
of the liquid phase is increased sufficiently it is possible for the thickness 
of the double lajer to dimmish to such an extent that it eventually 
collapses and reforms with the charges reversed E\ cn if the collapse 
does not occur the double layer wiU become very thin so that at high 
ionic concentrations the zeta potential should be small this may account 
for thftfajitt, which IS evident from Fig 127 that the zeta. pcttenUd tends 
to approach zero in the presence of relatively large amounts of electrolyte 

It IS opportune to mention here that some writers prefer to avoid the 
use of the concept of the zeta-potential,” it is true that there must be 
some form of potential across the double layer, but it is so vanablc m 
sign and magnitude that its exact significance is regarded as uncertain 
The quantity which 13 called the zeta-potential is, according to equation 
(1), proportional to the product of the surface charge density and the 
thickness of the double layer le, to Jt is, therefore considered 
preferable to regard it as a measure of the electnc moment per sq cm 
of the double layer 

Electrophoretic Measurements I Microscopic Method —In the 
microscopic method for the study of electrophoresis the colloidal solution 
or suspension of the particles under exammation is placed m a special 
micro-electrophoresis cell which is fixed on the stage of a microscope 
A shallow flat cell of rectangular cross section has been commonly em- 
ployed with an electrode sealed in at each side These electrodes are 
connected to a source of e m f , and the rate of movement of any particle 
13 observed by means of a scale m the eye piece of the microscope The 
potential gradient is calculated from the current strength and the re- 
sistance of the solution between the electrodes, the distance between the 
latter being known Owing to the fact that particles tend to settle out, 
a vertical micro-electrophoresis cell has been devised, the effect of gravity 
IS eliminated by making observations first w ith the applied field in one 
direction and then repeating the measurements with the field reversed 
Cells of cylindrical bore have also been used for the study of electro- 
phoresis, since they are more easily made and cleaned than those having 
)%«it Cfm 161 279 (l932),Guggen 
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a rectangular cross section, the curvature of the ^alls, Imever, makes 
accuiate observation of the moving pMticIe a matter of some difficulty 

The results of measurements by the microscopic method show that the 
electiophoi etic mobihty of the particles vanes ■« ith the distance from the 
vail of the cell, particles close to ihe vail move m a direction opposite to 
that m which those m the center migrate In any event, the results show 
an mcrease m velocity from the to the center of the cell The 
explanation of this fact lies m the electro-osmotic movement of the hquid , 
a double layer is set up between the hquid and the vails of the cell and 
under the influence of the applied field the former exJiibits electronDsmotic 
flov Tor the purpose of obtammg the true electrophoretic velocity of 
the suspended particles it is necessaiy to obser\e particles at about one- 
fifth the distance from one wall to the other A more accurate procedure 
IS to make a senes of measurements at different distances from tlie side 
of the cell and to apply a collection for the electro-osmotic flow The 
algebraic difference of the corrected electiophoretie velocity and the speed 
of the pai tides near the walls giies the electro-osmotic mobihty of the 
hquid in the particular cell If the solution contains a protein which is 
adsorbed on the surface of the walls of the vessel and on the particles, 
it IS possible to compare the electiophoretie and electro-osmotic mobilities 
m one expenment, reference to the sigmficance of such 
a comparison vaa made on page 532 

n Macroscopic Methods— Although the micro- 
scopic procedure has several advantages, m respect of 
simplicity, time required and the information it gives 
concerning the size, shape and onentatioa of the par 
tides, the macroscopic method has attracted much 
attention m recent years, chiefly because of the de- 
velopment by Tisehus of a particularly useful form 
of appaiatus This method has been emplojed for 
many years in the relatively approximate study of 
electrophoresis, the apparatus m its simplest form is 
shoivnmFig 129 The lower part of the U-tube con- 
tains the suspension, etc , to be investigated and this 
13 coveied m each limb by some pure solvent m vbch 
dip two platinum electrodes "li^en an e m f is ap- 
plied to these electiodes, the boundaries between 
the solvent and the suspension move with a speed 
equal to that of the electrophoresis of the particles (BurtoiO ^ 

If the suspension is colored, the position of the 
boundary can be readily observed and its rate of movement measured, 
from a knowledge of the potential gradient, the mean electrophoretic 
mobility of the particles can be evaluated If the boundary is not visible 

“EUis Z pkystk Chm,7B 321 (1912), Abramson, “Electrohnetic Phenomena 
1934 Chap III 
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The moving boundary metliod for the study of electrophoresis, as just 
described, is liable to a number of errors, one of the most iraporiant 
being the disturbance of the bouodsi}\ In the determination of trans- 
ference numbers by obseia’ations of a moving boundary, the tendency 
toward automatic establishment of the conditions necessary for a sharp 
boundarj' (cf. p. 118) will compensate to a large extent for the disturbing 
effects of diffusion. In the study of suspended particles, however, there 
is virtually no automatic adjustment. The chief difficulties of the macro- 
scopic method have been overcome in a form of apparatus designed by 
Tiselius; the most important advances are the use of a liquid, generally a 
buffer solution, of the same composition throughout, so that the environ- 
ment of the particles is not changed as the boundary moves forward, and 
the employment of tubes of rectangular cross section maintained at a 
temperature of about 3®, i.e., the temperature of ina.ximum density of the 
buffer solution. When an electric current passes through a liquid in a 
tube, heat is generated, but more is lost by conduction from the liquid 
near the walls than from the center of the tube. The result is that tho 
latter becomes hotter than the former and the difference of density pro- 
duces convection currents which will disturb 
the boundary in a moving boundary apparatus. 
The use of tubes of rectangular cross section pro- 
vides a maximum amount of wall area and so 
facilitates the removal of heat to the surround- 
ings, and the maintenance of tho apparatus at 
somewhat below 4®, where the variation of the 
density of the liquid with temperature is very 
small, greatly diminishes convection effects. 
With these improvements, and a device for obtain- 
ing initially sharp boundaries, tlic macroscopic 
method hM proved a valuable means for the 
study of electrophoresis, and for its utilization to 
separate particles moving with different speeds. 
The Tiselius Apparatus.— The U-tubc portion 


planes aa', W and cc'; the surfaces between 
the sections are suitably lubricated in order to 
facilitate the sliding and to prevent leakage of liquid. The channel 
running through the center of the apparatus, shown by the thicker lines, 

"Svedberg ri al, J. Am. Chm. Soe., 45, DM (ID23); 46, 2700 (1024); 48, 2273 
(1926). 



l\ 



0 

— c 


1—1 

B 



Fia. 130 Portion of 
Ttselius apparatus m sec- 
tion (I) and plan (11) 
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IS rectangular m cross section with dimensions of 3 mm by 25 mm In 
order to foim the boundaries whose motion is to be studied, the channels 
m the sections A and 5, up to a level just above bh', are filled with the 
expenmental system, e g , a protem or mixture of proteins m a buffer 
solution Tie section C is then shd aside, either by means of smaf f 
pneumatic pumps, as used by Tiselius,^ or by means of a screw and 
ratchet device, as employed m the form of apparatus modified by Longs 
worth and Maeinnes The excess of liquid m C IS removed by a pipette, 
the channel is washed out and filled with the pure buffer solution, the 
section C is then slid back to its original position, thus fonmng a sharp 
boundaiy at 65' 

The portion of the apparatus just described is connected, prior to 
being filled, to two large electrode chambers D and D', as shown m Fig 
131, the electrodes E and E' are silver-silver chloride electrodes, of the 



type described in Chap YI but of much lai^r current carrymg capacity 
The narrow portions of the electrode vessels, immediately surrounding 
the electrodes, contain a concentrated solution of an alkali chlonde while 
the remamder of the apparatus contains the same buffer solution as forms 
the medium m which the protem particles are suspended After the 

^^Tiselius Trans Faraday Soc 33 524(1937), KolUnd % 85 129 (1938) Stem 
Ann New York Acad Sci 39 147 (1939), see also lecture by Tiselias reported by 
Krejci J Franlltn Inst 228 797 (1939) 

“Longsworth and MacInncs Ckm Reus 24 271 (1939) Longsworth Cannan, 
and MacInncs J Am Chm Sac 62 2580 (1940) 
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boundanog arc set up, as desenbed abo\c, a source of e m f is applied to 
the electrodes and the electrophoretic movement commences 

Tu 0 methods hav e been used to observ c the motion of the boundaries, 
both depend on changes of refractive index The one most generally 
employed is an adaptation of the Toeplcr “schheren' (shadow) tech- 
nique, by adjustment of a diaphragm the boundanes are made to appear 
as bands of sliadow which can be seen as such on a ground glass screen 
or the) can be recorded photographically By taking observations after 
various intervals of time, the rate of movement of the boundary, and 
hence the electrophoretic mobility can be calculated The second pro- 
cedure IS the so-called ‘ scale ’ method m which a photograph of a 
graduated scale is taken through the boundary, the displacement of the 
lines, due to changes of refractive index, gives an indication of the position 
of the mov ing boundary at any instant The apparatus required for the 
scale method is much less costly than that employed m the “schliercn" 
procedure, but its use is very tedious “ 

Electrophoretic mobilities determined by the Tisclius method have 
been found generally to be in good agreement with those obtained by 
the microscopic observation 
of single particles Measure 
ments have been made by 
both methods, with horse 
serum protein and the results, 
for solutions of vanous pll's, 
are plotted in Fig 132 In 
this case, although the agree- 
ment is not always so good, 
almost identical electropho- 
retic mobilities have been ob 
lamed by the microscopic 
method using vanous particles 
coated with horse serum al 
bumin It will be observed 
from Fig 132 that the mo- 

Fig 132 Moblhly ol horso .cram .Ibumm '“‘“,5' P™‘«" “ «*'*■ 

(Abramson Conn and Moyer) tlVely aCid solution is positlV e, 

SO that It cames a positive 
charge, m view of the amphotene character of proteins this result is to 
be expected If the pH exceeds about 4 9 the particles carry a negative 
charge and move m the direction oppe^te to that of the applied field 
At pH 4 9 the horse serum albumin particles exhibit no electrophoretic 
mobility, hence pH 4 9 represents the isoclcctric point (cf p 428) of this 
‘ refall ibtd 39, 203 

•* , (193S), Abramson 
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substance Measurements of electrophoresis at a senes of pH \ alues is, 
of couise the most direct method for the determination of the isoelectnc 
points of protems and aUied substances 

Separations by the Tisehus Apparatus — One of the most valuable 
features of the Tisehus electrophoresis apparatus is that it permits of the 
separation of constituents of a mixtme provided they have appreciably 
different electrophoretic mobilities This aspect of recent Trork on elec- 
trophoresis has found particular application m the study of protems from 
Various natural sources Several methods have been adopted foi the 
purpose of indicating whether a particular system is homogeneous or 
whether it consists of two or more protems If the particles are all of 
one kind, tliere can never be more than one boundary, and hence the 
“schlieren” photographs taken at various time mteiwals will show one 
siiadow only If two or more different substances with somewhat diff er 

ent electrophoretic mobihties are pres 

ent however, tv o or more boundanes f 

will foim m the course of time, each 
one moi mg steadily ahead of the suc- 
ceeding ones (cf p 127) This ^It i 

13 brought out clearly by the photo ^ 

graphs shown m Fig 133, they vere ! 

obtained by Tisehus ivith human blood 
serum at pH 8 06 and were taken at i 

intervals of 20 minutes The fastest U U Idl li 
moving boundary IS due to the albumin 

constituent, and the others are for a- togmphs of blood serum (Tiselius) 

and |3 globulins, respectively, the act- 
ual electrophoretic mobilities of these three proteins of human blood 
serum are about 6 0, 4 3 and 2 8 X 10‘* cm per sec , respectively, for a 
potential gradient of 1 volt per cm 

TiVe “sshh'ereLi e&siL'nsg’* feofcff.vyiw, is a imdiSssim th& 
foregoing, not only provides information concermng the number of pro- 
teins with different mobilities, and their electrophoretic mobilities, but 
also gives the amounts of the various substances present By adjusting 
the “schlieren ' diaphragm a senes of positions can be obtained, and the 
corresponding “schlieren” photographs indicate the vanation of refrac- 
tive index through the system of boundanes If the adjustment of the 
diaphragm is synchronized with the movement of a photographic plate 
the result, obtained after electrophoresis has taken place for a short time, 
IS of the type shown in Fig 134, this is a “schlieren scanning” photo- 
graph obtained with normal blood plasma « The peak marked A is due 
to the albumin boundary, whereas a, j3 and y represent three globulins, 

25 Longsworth J Am Chem Soc 61 529 (1939) Longswortb and Maclnnes 
ihd 62 705 ( 1940 ) Longsworth ShedlovBfcjr and Maclnnes J Exp Med 70 399 
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28 Longsworth et al 


J Exp Med 70 399 (1939) 
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and ^ IS produced by fibnnogen, the rapid separation of 6ve protein 
constituents of blood plasma is very stnking Further, the areas under 
the respective peaks are proportional to the quantities of the various 
substances present, and hence a complete analysis is possible It should 
bo borne in mind, however, that two proteins having the same electro- 
phoretic mobility would always give one boundary, and hence one peak, 
the two substances would b<^ve as a single one In such cases it is 
sometimes possible to effect a separation by changing the pH of the 
sjstem, especially if the two protcms have different isoelectric points 
Change of pH, however may produce alterations m 
biological systems which may invalidate the conclu- 
sions drawn from the electrophoretic studies 

One of the chief difficulties m the interpretation 
of the results obtained by the Tisclms apparatus 
IS the appearance of ‘ anomalous boundanes, one 
example is provided bj the very sharp peak near 
the center of Fig 134 which is found with descend 
mg boundanes This particular peak is believed to 
represent an anomalous boundary due to convection, 
it IS supposed to result from a reaction in the neighbor- 
hood of the/5 globulin boundary following on the elec 
trophoretic separation of the constituents of the 
system Other anomalous boundanes have been 
found which are attributed to protein concentra- 
Fio 134 Schhe- gradients and to changes m the buffer solution 
gmphSbSodp^IjsTO anomalies can often be minimized by the correct 
(Longs^iorth Shed choice of the buffer system, it should have a high 
lovskyandMftclnnes) buffer capacity but, on the other hand, its specific 
conductance should be relatively low m order to 
decrease disturbances due to the heating effect of the current Since 
high buffer capacity requires a high concentration of the constituents 
(cf p 412), the salts chosen should comist as far as possible, of ions 
having relatively small conductances, e g , sodium salts should be used 
in preference to potassium salts 

Not only can the Tiselius apparatus be used to indicate the presence 
of several constituents m a system, but an actual separation of different 
fractions 13 sometimes possible If sufficient time is allowed for the 
leading boundary to get some distance ahead of the next, the solution 

U i 1 I f » 


C or below B m Fig 131 before there is any appreciable distance between 
them If the solution as a whole is given a velocity equal to that of the 
slower moving boundary but opposite in direction, this boundary will 
remain stationary at 66' m Fig 131 while the faster one moves steadily 
ahead, e g , from 6 into section C After some time the section C can be 
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slid aside and its contents removed, this now contains only the con- 
stituent, or constituents, with the hipest electrophoretic mobihty 
If the system contains three constituents with different mobilities, 
three boundaries will form, a rate of moiement equal in magnitude, but 
opposite m direction, to that of the middle boundary is now imparted to 
the whole liquid The fastest moving consbtuent moves aliead, whereas 
the slowest constituent is given an apparent negative velocity, after 
electrophoresis has proceeded for some tunc, one limb of the section C 
contains the former constituent and the other contams the latter m a 
pure form Several devices have been employed to impart a movement 
to the hquid one method is to withdraw gradually, by means of clock- 
work, a plunger which fits loosely mto one of the electrode vessels while 
another is to keep one electrode vessel closed, eg, the left-hand one m 
Fig 131, and to force buffer solution mto it at the desired rate by means 
of a syrmge operated by a constant speed motor 

Electrophoretic Mobihty and Bound Hydrogen Ion —If the treatment 
given on page 523 is applied to a spherical particle, the result for the 
potential at a distance r from the center of the particle is similar to 
equation (15), page 83, v^z , 



where Q, the total charge earned by the particle, replaces z.e, the charge 
of the ion If r is equal to the sum of the radms of the particle and the 
thickness of the double layer, f may be replaced by the eleetrokmetic 
potential T, further, if kt is relatively small, i e , for a dilute solution, 
e~‘" may be replaced by 1 - kt, or by (1 + Kr)~^, so that equation (26) 
takes the form 


^ Dr 1 KT 


(27) 


If this result is combined ivith equation (23), it is found that 

Q = -h «■), (28) 

so that for a given particle and a medium of constant ionic strength, 
1 e , K and r are constant, the electrophoretic mobility (u,) should be 
proportional to the charge (Q) earned by the particle ^ 

The charge earned by a protem m a solution of a given pH may be 
regarded as approximately proportional to the number of equivalents of 
acid or alkali required to bnng the protem system from the isoelectric 
point to its actual pH value This statement presupposes, among other 
matters, that the electrolytes in the solution do not affect the charge of 
the particles, as will be the case if umvalent ions only are present, that 
the protem salts are completely ionized or ionized to a constant extent, 

” Abramson J Gen Pkyml , IS, 375 (1932), W 593 (1933) 
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and that the charges on the protein ions are at or near the surface and 
are approximately uniformly distributed If these conditions hold it 
follows from equation. (28), proxided the viscosity of the solvent and the 
radius of the particle remain unchanged, that the electrophoretic mobility 
of a protein particle in a solution of given pH, at constant ionic strength, 
should be proportional to the amount of acid or alkali bound by the 
protein, i p , to the amount 
required to bring the system 
from the isoelectric point to 
the given pH The general 
accuracy of this conclusion is 
shown by the results for egg 
albumin m Fig 135, the cir- 
cles give the electrophoretic 
mobilities while the black dots 
represent the number of moles 
of acid or alkali bound per 
gram of the protein ” The 
tMo scales, i\hich must of 
course coincide at the iso 
electric point, are adjusted to 
bring the two sets of points 
as close together as possible 
The fact that the agreement 
extends over a range of pH 
\ alues provides support for the deduction made above It follows, there- 
fore that electrophoretic measurements may be employed to determine 
the relative number of protons bound or liberated by a protein at any 
given pH 

J/ tive rsdm s padish is Jkw'nw, {23} msy "be 

utilized to estimate the chaige Q uhich it carries, inserting the values 
of the universal constants in k (cf p 84), it follows that 



Fia 135 Bound acid or alkali and mob lity 
(Moyer and Abets) 


Q = 6;nittr(l+033 Xl0hVy), 


( 20 ) 


where y is the ionic strength of the medium Attention may be drawn 
to the fact that equation (28) is based on the supposition that icr is small, 
1 e , for a dilute solution, at higher concentrations the influence of ionic 
strength on the electrophoretic mobility at constant pH, i e , for a protein 
particle of constant charge, is much greater than is implied by equation 
(28) or (29) 

” Mojer and Abels J Biol Chem 121 331(1937) Abramson Gorin and Moyer 
Chem Revs 24 345 (1939) 

” Gorin Abramson and Moyer J Am C^m Soc 62 643 (1940) Davis and 
Cohn ibtd 61, 2092 (1939), Ann NevYorkAcad Set 39 209 (1939) 
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FEIOBLEMS 

1 A glass particle suspended m water (ij = OOl poise) US'! otsened to 
rao've with a. velocity oi 21 0 X 10"^ cm per sec under a potential gradient 
of 6 0 volts per cm Caleuhtc the zeta-potential at the glass cater interface 

2 Assuming the zeta-potential to be the same as in Problem 1, calculate 
the rate of electro osmotic flow of watei trough a glass capillary tube of 0 05 
cm radius under a potential gradient of 1 Tolt per cm 

3 If the length, of the tube in Problem 2 is 25 cm , what pressure, m 
terms of mm of water, could be supported by the electro osmotic effect of a 
potential gradient of 1,000 volts per cm ^ 

4 Using the result obtained by Bull and Gorfcoer [J Fhjs Chm , 36, 111 
(1232)3, that S/P for the strcaimng of 2 X 10“* v sodium cblonde through a 
diaphiagmofquart2particlcsisabout25nulhvoltspercm of mercury pressure, 
calculate the approvimate specific surface conductance of the solution used 
Compare the result vnth the nomal value for sodium chloride at the same 
concentratioii The viscosity and dielectric constant of the solution may be 
assumed to be the same as for water, and the zetarpotential may be taken as 0 05 
volt (Care should be e\ercised in the matter of units, use being made of the 
conversion factors in Table I ) 
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Acetate, eJectroJytjj oxidatwa, 51&- 
519j see olso liolbo reaotioa 
Acidity function, 339 
Acid-base indicators, see Indicatora 
Acids, amino, see Amino-acids 
and bases, 306-313 

conjugate, 306, 332, 338 
definition of, 306 
dissociation constants, 312 
neutralization of, see Neutrali- 
zation 

relative strengths, 313 
dissociation constants, see Dissocia- 
tion constants 
polybasio, 318-322, 325-328 
strong, 309 

relative strengths, 309 
Activation energy, for conductance, 
61-62 

for discharge of hydrogen ions, 
467 

for VISCOUS flow, 62 
Miyify ^c.oe _ ammo acids, 

definition of, 133 
forms of, 134 136 
from^E MjF^’s, 199-201 
witliout transference, 
with transference, 203-205 
mean, 132 
rational, 135, 144 
solulnliti^s, 175 
stoi^iometric, 136 
table of data, 139 
and valence type, 139 
variation with concentration, 139, 
see also Debye Huckel theory 
Activity, definition of, 133 
of electrolyte, 137%^ 
mean, 137 

of individual ions, 229 
.solubility product, 170 » 

Alcohol, electrolytic oxidation, 5ll 
Alkali metal electrodes, 237 


Ammo acids, 418-4S3 
activity coefficients, 432 
as dibasic acid, 421 
dissociation constants, 421-426 
table of, 425 
formol titration, 431 
hydrogen ion concentration, 427 
ionization of, 418 
ions m, 418-421 
isoelectric point, 428-429 
neutralization curves, 429 
corrected, 430 

proportion of dipolar ions, 426, 
429 

solubility, 432 
Ampere, 4 

Ampbions, see Dipolar ions 
Ampholytes, see Amino-acids and Di- 
polar ms 

Amphoteric electrolytes, 418, see also 
Amino-acids 

Analytical applications, of acid-base 
neutralization, 404-410 
of oxidation-reduction reactions, 
284-288, 289-291 
Anions, definition of, 8 
Anode, definition of, 7, 8 
Antimony electrode, 356 
AnheniiB theory, see Ionic theory 
Association constant, 158 
of ions, 97, 156-163 
fraction of, 157 

Asymmetry efieot, sec Relaxation ef- 
fect 

Autoprotolysis constant, see Ionic 
product 

Barreter bridge, 48 
Bases, 310-312 
dissociation constants, 312 
determination, 317, 329 
table of, 330 

neutralization, see Neutialization 
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Btrenglhs of,311, Acids and 
bases 

Basicity of acids, determination by 
conductance, 7C 

Bjerrunj’s treatment of ion associa- 
tion, 155^158w- 
i\edge method for pfl, 305 
Bom equation, 249, 334 
Brjfnsted Lowy definition of acids 
and bases, 806 
Brown-Walker reaction, 619 
Buffer action, 410 
capacity, 410 
of water, 412 
solutions, 410-416 
pH of, 413 

influence of ionic strength, 415 
preparation of, 413 
universal, 414 

Calomel electrode, 232-234, 349 
Capacity, of electrical double layer at 
cathode, 468 

Cataphoresis, m Electrophoresis 
Cathode, definition of, 7, 8 
Cations, definition of, 8 
Cell, amalgam, 198 
chemical, 183 
concentration, 183-223 
amalgam, 219 
gas, 220-223 

without transference, 196-201 
mth single electrolyte, 219 / 
with transference, 201-205 / 
constant, 36 
irreversible, 183 
mth liquid junction, 238 
reversible, 183-184 
free energy and heat changes m, 
194 

reactions in, 187-189 
sign of E M F , 180 
standard, 193 
voltaic, 183 

Chemical potential, defimtion of, 131 
Chloride ions and passivity, 490 
Chlorine electrode, 222, 239 
Chlorine gas cell, 222 
Chromate, electrolytic formation, 519- 
520 


Chromium, clectrodeposition of, 485 
passunty of, 492, 490 
Colorimeter method for pll, 366 
Complex ions, deposition potentials, 
488 

discharge of, 484 
formula of, by e m f , 261-263 
by potentiometnc titration, 
263 

by solubility, 173-174 
instability constant, 173 
and solubility, 172 
stability constant, 173 
and transference numbers, 128 
Conductance, determination of liy 
drolysis constant by, 383 
of dissociation constants by, 104- 
169, 313, 318 
dispersion, 101 
high frequency, 101 
high voltage, 103 
equivalent, 30 
and concentration, 49-51 
definition of, 30 
at infinite dilution, 50, 54-55 
table of, 50 

of neak electrolytes, 51 
ionic, m Ion conductance 
measurement, 32-49 
applications, 68 
basicity of acids, 70 
dissociation constants, 1C4-1C9 
hydrolysis oonstants, 383 
ionization of salts, 70 
solubility, 70 
titration, 71-77 
Faults, 49 
mechanism of, 87 \/ 
minima, 52-54 
and triple ions, 101 
Walden’s rule, 63, 162 
molecular, defimtion of, 31 
of pure water, 340 
ratio, 51, 79 
definition of, 51 
at high frequencies, 101-103 
at high voltages, 103-105 
influence of temperature, 100 / 
and Onnger enuntion, 9 9-101*^ 
and temperature, 52, 100 





and valence type, 52 
specific, 30 
water, 43-45 
ultra pure^ 44 

Conductometric titration, 71-77 
of acids, strong, 71 
weak, 73 
of bases, 74 

displacement reactions, 75 
experimental methods, 76-77 
precipitation reactions, 75 
Conductors, types of, 6 
Corrosion, 498-502 
anodic and cathodic portions m, 
5Q0-501 

atmosphenc, 502 
depolarizer in, 500 
differential oxjgenation type, 501 
502 

hydrogen evolution tjiie, 498-500 
overvoltage and, 498^99 
short-circuited cells m, 499 
of tin-plate, 500 
Coulomb, definition of, 4 
Coulometer, 17-22 
copper, 21 
definition of, 17 
electroljtic gas, 21 
iodine, 19-20 
mercur} , 22 
Sliver, 17-19 
simplified form, 21 
sodium, 22 
Current density, 437 
limiting, 448 
in the polarograph, 455 
efficiency, definition of, 24 

,_^^^^bye-Falkenhagen effect, 101-103 
Debye-Huckel theory, 81-87, 140- 
155, 179-181 ' 
and activity coefficients, 140- 
155 

and conductance, 81-87, see 
aho Onsager equation 
constants, 146 

and di'^sociation constants, 164 
equations, 144-148 
for appreciable concentra- 
tions, 145-147 
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Brpnsted form, 147 
Hiickel extension, 147 
retention of, 154 
sn6 heat of dilution, 170-181 
bmiting law, 143-1^ 
and solubility, 176 
verification, qualitative, 147 
quantitative, 148-152, 176- 
178 

Decomposition v oltage, 440 
af acids and bases, 441 
of halogen acids, 442 
Depolarization, 506 
m corrosion, 506 
m metal deposition, 488 
Deposition of metals, 482-491, m ofeo 
iletal deposition 
potential, definition of, 435 
Dibasic acids, 318 

dissociation constants, 318-322, 
325-328 

titration, 406, 410 
Differential oxygenation, 501 
Diffusion at anode, 457 
current, 449 
in polarograph, 454 
at electrodes, 445-459 
layer, 446 

thickeners of, 448, 451 
mfluence of temperature, 452 
potential, sec Liquid ]unction po- 
tential 

Dipolar ions, 418 
evidence for, 419 
proportion m amino-acids, 426, 
429 

Discharge potential, 436 
Displacement of metals, 253 
reactions, 370, 395, 410 
Dis'Hiciation constant, 163 
of acids, determination, 313 

by colorjmetnc method, 
328-329 

by conductance, 164-167, 
313, 318 

bv EMP, 314-317, 320, 
”324, 326 

approximate method 
322-328 

of amino-acids, 421-426 
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table of data, 425 
of bases, 312 

determination, 317, 329 
very weak, 332 
fundamental, 331 
m media of low dielectric con 
stant, 167-169 

N ^lvent effect. 333-336 
of strong electrolytes, 166 
table of data, 330 
temperature effect 336 
degree of, 9, 10, 79, 95, 96, 165 
determination, 97-99 168 
and high voltage conductance, 
105 

exponent, of acid, 323 
field effect, 105 
function, 164 

rnfluenee of solvent, 13-15 
theory of, 9 

Dissolution potential, definition of, 
435 

Distribution of base between stagra of 
dibasic acid, 402 

Dorn effect, see Sedimentation po 
tential 

Double layer, at cathode, effective 
thickness, 468 
diffuse, 523 

effective thickness, 535-536 
at electrode surface, 472, 474 
and electrokinetic potential, 522, 
524 

Helmholtz, 522 
at reversible electrode, 250 
Stern's theory, 525 
influence of ions, 534 
thickness of, 524 

Electric current, direction of flow, 1 
properties of, 1 

Electrical dimensions, 3 
energy, 5 
units, 3, 4, 5 

Electncity, quantity of, 3 
measurement, 20-23 

Electroanalysis 489^91 

Electrochemical equivalent, 17 

Electrode potentials, 183, 226-264 
absolute single, 247 


and equilibrium constants, 251 
factors affecting, 245-247 
sign of, 232 

and solubility product, 254 
standard, 226 
determination of, 235-243 
table of data, 243 
and titrations, 257, 285, 404 
and valence, 263 
processes, consecutive, 438-439 
mechanism of, 444 
rates of, 250, 459 
slow stage, 445 

diffusion, 445-459 
establishment of equilibrium 
on electrode, 463 
ionic discharge, 459 
reactions, 26-27, 185, 187-189 
Electrodes, null, 247, 526 
otidation-reduction, 186, 267 
revereible, 184 
types of, 184-186 

•electrokinetic phenomena, 521-544 
influence of ions, 633 
potential, at cathode, 472 
definition of, 521 
determination, 532 
wand double layer, 522, 524 
wand electro-osmosis, 627-529 
and electrophoresis, 530-532 
influence of ions, 533-536 
ongm of, 535 

vTind streaming potential, 529-539 
and thermodynamic potential, 
526 

Electrolysis, 7 
Faraday s laws, 15-16, 23 
Grotthuss mechanism, 7 
Electrolyte, definition of, 11 
Electrolytes, 6 
mtcrmediate, 11 
strong, 21 
weak, 11 

Electrolytic conductors, see E^ctro- 
lytes 

d^ociation, see Dissociation 
oxidation, 504-520 
of acetate, 516-519 
of alcohol, 511 
and catalysts, 512 
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of chromic ions, 519-520 
and concentration of depolanzer 
512 ’ 

and electrode material, 511 
and electrode potential, 610 
of formate, nitnte and oxalate 
511 ’ 

of lodate, 519-520 
and overioltage, 511 
ofsiilkte, 513 
of sulfite, 515 
and temperature, 512 
of thiosulfate, 512-514 
reduction, 504 
and catalysts, 510 
and concentration of depolarizer 
509 

and electrode material, 507 
of mtric acid, 508 
of mtrobenzene, 507, 510 
Eon-reversible, 505 
and overvoltage, 507 
reversible, 504 
and temperature, 509 
EMF,2 
of cells, see Cells 
measurement, 189 194 
of high-resistance eeUs, 192 193 
by Poggendorff method, 189 
by potentiometer-voltmeter 
method, 191 

by vacuum-tube potentiometer, 
192 

Eiectromotiye mies, 253 
Electro-osmosis, 521, 527-529 
Electro osmotic mobility, 527 

comparison with electrophoretic, 
537 

Electrophoresis, 522, 530-532 
measurement, macroscopic, 537-541 
Tiselius method, 538 
microscopic, 536 
Electrophoretic effect, 531 
in conductance, 87 
force, 87-89 
mobility, 530, 533, 540 
and bound hydrogen ion, 543-544 
comparison of results, 540 
companson with electro osmotic, 
537 


and shape of particle, 531 
Energy, electrical, 5 
free, see Free energy 
Eqmhfanum constant, and electrode 
potentials, 251, 283 
Equilibna in electrolytes, 163 

Faraday, the, 16-17 

determination of, 17-20 
Faraday's laws, 15-16 
apphcabihty, 16, 23 
and ionic velocity, 108 
s^nificance of, 25 

Ferrocyamde-ferncyanide system, 271 
Ferrous ferric system, 274 
Ferroxyl indicator, 601 
IVee energy, I3I 
change, 132 

and equihbnum constant, 130- 
137 

in reversible cell, 194 
standard, 137 
of ionic solution, 142 
of ionisation, 231 
of solvation of ions, 248 

Galvanic cell, 1 

Gibbs-Helmholtz equation, 194 
Glass electrode, 35^359 
asymmetry potential, 358 
Gold, passmty, 493 , 496 
Gronwall LaMer-Sandved extension of 
Debye Huckel theory, 154 
Grotthuss conduction, 7 
of hydrogen ions, 66 
of hydroxyl ions, 67 
of other ions, 67-68 

Halogen electrodes, 239 
Heat changes from c m r data, 195 
content of solution, 179 
of dilution, integral, 179 

and Debye-Huckel theory, 
179-181 

Henderson equation for liquid junc- 
tion potential, 213 
for pH, 390 

High frequency conductance, 101-103 
voltage conductance, 103-105 
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Ilittorf method for transference num 
bers, 109-114 

Ilofer Moest reaction, 510-517 
Hydrogen atoms and overvoltage, 
469-471, 476 
carriers, 510 

deuterium separation, 476 
evolution in corrosion, 498 
fluoride as solvent, 311 
gas cell, 220-221 
ion, G5, 249, 308 
abnormal conductance, 65-6G 
concentration, in amino-acid3,427 
m hydrolyzed salt solutions, 
375-376, 378, 380, 382 
in partly neutralized solutions 
387-395, 398-402 
m weak acid solution, 390 
discharge, slow process in, 475 
electrodes, 350-359 
antimony, 356 
gas 350-353 
glass, S5G 
oxygen gas, 353 
qumhydrone, 354 
exponent, m pll 
as hydronium ion, 249, 30S 
overvoltage, see Overvoltage 
peroxide m electrolytic oxidation, 
514, 516, 517, 518, 520 
scale of potentials, 231 
Hydrolysis, 372-387 
constant, 373 
determination, 382-387 
conductance method, 383 
from dissociation constants, 386 
distribution method, 385 
hydrogen ion method, 382 
vapor pressure method, 386 
and dissociation constant, 374, 
286 

degree of, 373, 375 377 
and pH, 375-376, 378, 380, 382 
of salts, acid, 381 

of weak acid and strong base, 
372 

and neak base, 378 
of weak base and strong acid, 
376 


Hydrolytic constant, see Hydrolysis 
constant 

equilibrium, displacement of, 382 
Hydronium ion, 249, 308 
Hydroxyl ion, abnormal conductance, 
67 

discharge, slon process in, 478 
radical in electrolytic oxidation, 514, 
517, 618 

Indicators, acid base, 359-3G8, 407- 
410 

acidic, 360 
basic, 361 
constant of, 361 
determination, 363 
determination of pH by, 365-369 
Bjerrum wedge method 
365 

colorimeter method, 366 
errors in, 363 
spectrophotometnc mcth» 
od, 366 
isohydric, 367 

in neutralization titrations, 407- 
410 

neutral salt error, 367 
properties of, tabulated, 364, 408 
titration exponent, 407-^08 
umversal, 308 

oxidation reduction, 289-291 
for biological work, 288 
for volumetric analysis, 289-291 
range of, 287 

International electrical units, 4-5 
Ion, 8 

association, 97, 155-163 
atmosphere, 80-86 
relaxation time, 85-86, 101, 103 
thickness of, 84 
conductance, 56 
abnormal, 65 
applications of, 57-58 
determination, 125-127 
at infinite dilution, 126 
of fatty acid anions, 67 
influence of pressure, 62 
influence of temperature, 61-G2 
and solvent, 63-65 
and viscosity, 62 
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tables of data, 56, 57 
effective diameter of, 145, 153 
pairs, 95, 155 
Ionic product, 337 
of ■« ater, 338 

determination, 340-344 
effect of temperature, 344 
table of data, 344 
strength, definition of, 140 
and activity coefficient, 140, 143 
theory, 9-11 
evidence for, 11-13 
and neutralization, 12 
Ionization constant, m Dissociation 
constant 

product molal, 345 
in stages, 281 
lonogen, 11 
Ions, discharge of, 436 

consecutive, 438-439 
as slon process, 459 
migration of, independent, 55 
Irott*group metals, deposition 489 
passivity, 491, 492 

Irreversible electrode phenomena, 435 
Isoelectric point of amino-acids, 428- 
429 

electrophoretic mobility at, 540 

Joule, definition of, 5 

Ketones, electrolytic reduction, 609 
Kolilrausch law 127 
regulating function, 118 
Ivolbe reaction, 616 519 
and catalysts, 516 
and electrode material, 516 
mechanism of, 517-519 
in non aqueous solutions, 519 

Lead, passivity, 497 
storage battery, 300-303 
Lewis and Sargent equation, 214 
Liquid junction, 201 
potential, 207-219 
betn een same electrolytes, 207- 
210 

elimination of, 217-219 
general equation for, 210-211 
measurement of, 209, 216 


and single ion activities, 230 
^ pes of, 212-216 
constrained diffusion, 214 
continuous mixture, 212 
flowing, 215 
free diffusion, 215 

Lumtmg current, 448, see also Diffu- 
sion current 
Lyate ion, 387 
Lyouuim ion 337, 348 
Lyolysis, 371-2, 397, see also Hydrol 
ysts 

Mass action, law of, 136 
Mercury cathode, dropping, 452, see 
also Polarograph 
Menqumone formation, 295 
Metal deposition, 482-491 
depolarization of, 488 
factors affecting, 482-485 
basis metal, 485 
«)lloidal matter, 483 
concentration of electrolyte, 
482 

current density, 482 
nature of electrolyte, 484 
temperature, 483 
overvoltage, 401-463 
displacement, 253 

•liydri^en bonds, and electrolytic 
reduction 508 

and liydrogen overvoltage, 476 
and oxygen overvoltage, 479 
Mho, 30 

Migration of ions, 108 

and concentration changes 110 
Mobility electro osmotic, 527, see also 
Electro-osmotic raobibty 
electrophoretic, 530, 533, see ako 
Electrophoretic mobility 
lomc, 58 

and ion conductance, 58-bO, 88 
Molality, 134 
mean, 138 

Moving boundary method for electro- 
phoresis, 537-541 
for transference numbers, 116- 
121 

Neutral solution, 339 
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Neutraiuation, of amino-acids, 429- 
432 

corapifitf conditions for, 371 
curves, 387-395 
of dibasic acids, 401 
heat of, 12-13 344 
incomplete, 370 
of mixture of acids, 398, 401 
in non-aqueous media, 396-398 
of strong acid and strong base, 387 
and weak base, 394 
weak acid and strong base, 389- 
394 

and weak base, 394 
titrations, with indicators, 407M10 
potentiomctric, 404-407 
Nitrjc acid, reduction, 508 
Nitrobenzene, reduction, 507, 510 
Non-aqueous solutions, dis'iociation of 
acids and bases, 333-336 
ionization in, 13-15 
neutralization in, 396 
potentials in, 244-245 
NuU electrodes, 247, 526 

Olim, definition of, 4 
Ohm’s Ian, 2, 4 
Onsflger equation, 54 

and conductance ratio, 99 
derivation of, 87-89 
deviations from, 94 
and transference numbers, 123- 
125 

validity of, 90-94 

in aqueous solution^, 90 
m non aqueous solutions, 93 
Osmotic coefficient and Debye-Huckel 
theory, 151 
factor, 9 

Ostwald dilution law, 164 
vjDyervolta ge, 44 2 

and^aHsorption of hydrogen, 47G 
and atom combination 476 
and bubble formation, 443, 469 
and catalysis, 470 
catalytic and electrochemical ra^h 
anisms, 477 

and current density, 461, 465, 477 
and electrolytic oxidation, 511 
and electrolytic reduction, 507-508 


hydrogen, 443, 4C3-476 
variation with c D , 464 
ion discharge as slow process, 471 
in metal deposition, 444, 461-463, 
466 

minimum, 443 
oxygen, 443, 477-479 
and pH, 466 

and proton transfer, 473-476, 478 
and rate of electrode processes, 460 
rate of growth, 467 
and separation of hydrogen and 
I deutenum, 476 
! and strength of M-II bonds, 476 
Tafel'a theory, 470 
and temperature, 467 
theones of hydrogen, 469-476 
theories of oxygen, 478-479 
and zeta potential, 472, 47G 
Oxidation potentials, 243, 279, 435 
Oxidation reduction electrodes, 186, 
267 

equilibria, 282 
indicators, 287-291 
for biological work, 288 
range of, 287 

for volumetric work, 289-291 
potentials, 267 
sign of, 278 
standard, 268 
determination of, 279-278 
table of data, 279 
systems, 207-304 
m analytical chemistry, 284- 
291 

types of, 268 

titrations, with indicators, 289- 
291 

potentiometric, 385 
Oxide film in passivity, 494-496 
Oxides on anode, 478 
in electrolytic oxidation, 520 
Oxygen earners, 512 
electrode, 249-243, 363 
standard potential, 243 
gas cell, 222-223 
overvoltage, 443, 477-479 

Partial molar free energy, 131 
quantities, 131 
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Passivity, 491-497 
anodic, 491 
chemical, 494 
and current density, 493 
mechanical, 497 
theories of, 494-497 
and time, 493 

Penodate formation, 519-520 
Persulfate formation, 515-516 
pH and acidity, 339 
and aUcahnity, 339 
of amino acids, 427 
definition of, 292, 348 
approximate, 339 

determination, by hydrogen ion 
electrodes, 350-359 
by indicators, 365-369 
of hydrolyzed salts, 375-376, 378, 
380, 382 

of isoelectric point, 428 
•neutralization curves, of ammo* 
acids, 429 

of dibasic acids, 429 
of mixture of acids, 398-401 
of strong acid, 387 
of strong base, 394 
of weak acid, 389-394 
of weak base, 394 
scale, standardization, 348-350 
Planck equation, 214 
Platinized platinum, 35 
Poggendorff compensation method, 
189 

Poised solutions, 281, 289 
Poisson’s equation, 82 
Polarization, concentration, 438, 447- 
459 

at anode, 457 
at cathode, 447 
definition of, 435 
Polarograph, 454 
diffusion current, 455 
half-wave potentials, 455-457 
Polarogram, 454 

Polymerization of anions, 512-519 
Potential, anode and cathode measure 
ment, 436 

chemical, see Chemical potential 
deposition, 435 
discharge, 436 


diffiolution, 435 
electrode, S6e Electrode 
half-wave, 455-457 
mediators, 275, 287, 289 
Potentiometer, 190 
vacuum tube, 192 
voltmeter, 191 

Potcntiometnc titration, neutraliza- 
tion, 404-407 
oxidation-reduction, 285 
precipitation, 256-258 
Proton transfer in electrolysis, 473- 
476, 478 

Quantity of electricity, 3, 4 
measurement of, 20- 23 
Qumliydrone electrode, 354 
salt error, 365 

Qumone hydroquinone systems, 270, 

901 9QQ 

effect of pH, 292-295 
electrolytic oxidation and re 
duction, 505 

monqumone formation m, 295 
semiqumone formation in, 296- 
299 

two stage, 296-299 

Reaction isotherm, 136 
Reciprocal ohm, 30 
Reduction potentials, 243, 279, 436 
Reference electrodes, 23^236, 384- 
389 

Relixation time, of ion atmosphere, 
85-86 

effect in conductance, 87 
force, 87-89 
Resistance, 2 
determination of, 31-32 
of electrolytes, 32-49 
measurement with A C , 32 
cells, 36-40 
design of bridge, 40-43 
detectors of A C , 34 
electrodes, 35 

high frequency and high volt- 
age, 48 

preparation of solutions, 46 
solvent corrections, 45-46 
sources of A G , 33 
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measurement nith D C , 47 
specific, 29 

Salt bridge, 217-219 
Salting out constant, 147 
Secondary cell, see Storage battery 
Sedimentation potential, 522 
Semiqumone formation, 296-299 
constant, 298 
influence of pll, 299 
Separation of metals by electrolysis, 
489-491 

Silver, electrodeposition, 484 
silver chloride electrode, 234 
Simultaneous deposition of metaU, 
486-489 

discharge of cations, 486 
Sodium ions, discharge, 488 
standard potential of, 237 
Solubility and coraplex loni, 172 
and Debye Huckel theory, 176 
determination by conductance, 6S- 
70 

m presence of common ion, 171 
product principle 109-171 
and electrode potentials, 254 
Solvation of ions, 14 ■" 
free energy of, 248 

Solvent, and acid-base equilibria 307 
amphiprotic, 307, 337 
aprotie, 307, 329-332 
differentiating, 14 
and dissociation, 13-15 
and dissociation constants, 333-336 
and ion conductance, 63-65, 68 
leveling, 14 

and neutralization, 371, 396-398 
protegenic, 307, 309, 310 
protophilic, 307, 311 
Solvolysis, see Lyolysis 
Spectrophotometnc method for disso- 
ciation constants, 328 
for indicator constants, 353 
for pH determination, 366 
Speed, ionic, 58-61 
determination, 60 
variation with concentration, 79 
Standard potential, 226-229, 268 
determination, 235-243, 270-279 
tables of data, 243 279 


state, definition of, 134 
Storage batteries, 299-303 
acid type, 300-302 
heat changes in, 301 
mechanism of, 300 
alkaline type, 302-^03 
Streaming potential, 522, 529-530 
Sulfate electrolytic oxidation, 615-516 
Sulfite, electrolytic oxidation, 515 
Superacid, 310 

Thermal piopeilies of electrolytes, 
179-181 

Thiosulfate, electrolytic oxidation, 
512-514 

effect of catalysts, 513 
Throwing power, 485 
Tinplate, corrosion of, 500 
Tisehus apparatus, 538-543 

electrophoretic mobility in, 540 
schlieren technique, 641 
separations by, 641 
Titration, conductometric, 71-77 
potentiometnc 256-263 285, 404 
407 

differential, 2C0 
exi»nmental methods, 25S-261 
Transference numbers, 107-12 
abnormal, 128 
and complex ions, 128 
and concentration, 123 
definition of, 107 
determinatioa, by b jr r ’s, 205- 
207 

by Hittorf method, 109-114 
by moving boundary method, 
116-121 

air lock method, 121 
autogenic boundary, 120 
sheared boundary, 120 
and ion conductance, 125-127 
ID mixtures, 127 

and Onsager's equation, 123-125 
table of data, 122 
and temperature, 122 
true and apparent, 114 
and water transport, 114-116 
Transport numbers, see Transference 
numbers 



